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ERRATA 

Volume 38, Number 5 

Owing to the fact that Dr. Pedersen did not read proof for his three papers appear¬ 
ing in this issue, the following changes should be made: 

Page S60. For (14) in the 27th line, read (11). 

Page 561, For 0 in the 8th line, read 

r. ... t. 0.4343i^ , 0.4343K 

Page SBS. For 0 = read d » 

Page 566. For 0.5005 in the 4th line of the first column of table 4, read 0.05005. 
Page 567. F'or 32.7 in the last column of table 8, read 23 7. 

For ‘^acid” in the heading of table 8, read “and “ 

f^agc 584. Formula 0 should read — = - A’a | 

P \P J 


Page 585. For ^ in formula 14, read —. 

(7_ 

For in the formula following formula 14, read — —— 

Page 58iM^r “body” in the 13th line, read “both.” 

Page 59S. For SirA,i-(A) in the middle one of the three formulas following formula 
26, read 2irAj-(A). • 

For rA,i- in the 24th line, read ita.i-. 

Page 596. The formula in the middle of the page should read 


CH.vCO CH, CHa (C:OH) CH, CH,-(C:6H) CHa CHa-COH CH, (30) 
(RH') (111;+') (SH') (Sir) 

Page 598, For 0:C CH 2 in formula 33, read 0:C CH? 

Page 600. For 1927 in reference 22, read 1926. 

Page 602. The fourth formula should read 

(II*) - (H^). + k] 

4 

Page 609. For Aihb just below the heading of table 5, read A^'hb. 

Page 618. For G* X 10 in the heading of the last column of table 14, read G* X 10*. 
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THE PRECISION AND ACCURACY OF A PHOTOELECTRIC 
METHOD FOR COMPARISON OF THE LOW LIGHT INTENSI¬ 
TIES INVOLVED IN MEASUREMENT OF ABSORPTION AND 
FLUORESCENCE SPECTRA 

F. h ZSCHEILE, JR.,1 T. R. HOGNESS, and T. F. YOUNG 
George HerhertTones Chemical Laboratory^ The University of Chicago, Chicago, Illinois 

Received May 27, 1938 

The usual Iphotographic methods for measurement of continuous ab¬ 
sorption spedra of solutions are not satisfactory for accurate measurement 
of extinction coefficients; the greatest care is necessary to obtain an ac¬ 
curacy of even 5 per cent (1). Visual methods are affected by inaccu¬ 
racies of t)ie eye and are practically limited to the visible region of the 
spectnim.; 

A more precise method, which involves the use of a monochromator and 
a photoeleHric cell, avoids the errors of both the photographic plate and 
the eye. the photoelectric current measurement is not affected by uncer¬ 
tain ampl0eation factors when an electrometer and a high resistance leak 
are emplcjj^d. Because of the high sensitivity and precision of the 
photocell ind electrometer, very narrow regions of a continuous spectrum 
may be usfftd. Although the use of a line source permits precise definition 
of wave lehgths, the usual intensity fluctuations make it less desirable for 
this photoelectric method. Because its intensity may be conveniently 
controlled^ a continuous source is preferable when the resolution of the 
monochromator and the precision of current measurements can be made 
sufficient!}? great. Furthermore, the continuous spectrum does not dis¬ 
play the alrupt changes in intensity with wave length which characterize 
line spectii, and it permits the convenient use of arbitrarily selected 
wave lengths. 

Although the essentials of this method are not new, we have not found 
a detailed (Joscription of the complete assembly, its operation, errors, and 
precision. Itie method is especially suitable for the detection of com¬ 
pounds and for quantitative analysis of complex mixtures, particularly 
the biological pigments, such as the chlorophylls. It will undoubtedly 
become mo>*e generally used. 

^ NationaM^search Fellow, 1931-1933. 
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DESCRIPTION OP EXPERIMENTAL EQUIPMENT 

Figure 1 is a diagram of the entire experimental system, 
source S, after being condensed by a lens (focal length 12 ci 
4.5 cm.) is focused on slit 1 of the monochromator. By adjusi 
wave length scale, the prism is so rotated that light of the 
length will travel from slit 1 to slit 2, providing lenses b and b 
focus. Between slit 2 and the photoelectric cell P, is a ci 
with a 2-cm. diaphragm opening. The shutter, set for “time^ 
and closed by a cable release which reaches to the telescope 


Light from 
diameter 
ent of the 
ssired wave 
in proper 
1 ]^ shutter 
' is opened 


Lefts! 



fl^ve-bttfh dhim scele | 


7' lUht shield 

[51 


s 


I Absorption cells 
"21 Cm- 


-31 C4 


S Source of li^hf 
P Pholoelectnc Cell. 
C Electrometer 
A Grounding Switch 


I—Shield 


Window 


_I- 


Fig. 1. Intensity Comparison System 

Across P is impressed a potential of 90 volts from radio “H’ batteries. 
The photoelectric current, caused by light from slit 2, is measun d by means 
of a quadrant electrometer. The vane deflections are determin d by means 
of a telescope and scale, which in our case is 2.5 meters from tb electrome¬ 
ter mirror. After calibration of the electrometer, deflections ire accurate 
measures of the photoelectric currents, and hence of the relativ s intensities 
of the light of any wave length entering slit 1. 

In figure 2 is a diagram of the electrical circuit used to measti re the small 
wrrents involved. The electrometer, photocell, ground leak, nd ground¬ 
ing switch are enclosed completely in a tinned iron case, which is grounded 
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and acts as a shield against stray electric fields. The case is lined on the 
inside with loose cotton felt 5 mm. thick, which diminishes temperature 
fluctuations to which electrometers, especially the Compton, are sensitive. 
Around the case, on the outside, is a hood of black felt which helps to keep 
out stray light. All wires enter the case through Bakelite insulators. 
The case and all of its contents are placed on a concrete pillar, which in 
turn rests on a 1 cm. rubber pad on a larger concrete pillar extending into 
the ground. 

When 90 volts are impressed on P by the closing of switch B, the photo¬ 
electric current flows to the ground if A is closed. The grounding switch 
A is insulated with paraffin and has platinum contacts. When A is opened, 



the current must flow through the high resistance leak to the ground and 
the quadrant pair 1-2 is charged, in accordance with Ohm^s law, propor¬ 
tionally to the photoelectric current. The non-polarizable leak is a nearly 
saturated solution of iodine in benzene and has a resistance of 1.65 X 10^^ 
ohms. Rollefson (2) gives specific resistances of such solutions. The solu¬ 
tion was made of benzene, distilled from phosphorus pentoxide, and of 
triply sublimed iodine. It is sealed in a 5-mm. Pyrex tube with platinum 
wire contacts about 4 cm. apart. The whole is enclosed in a block of 
paraffin. 

During light measurements, quadrants 3 and 4 are grounded through 
Ri. To calibrate the electrometer, switch D is closed, R 2 (10,000 ohms) is 
kept constant, and Ri is varied. A plot is then made of quadrant poten- 
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tials against deflections, and is used to convert deflections to potentials 
existing across the leak. 

The photoelectric cell used in the work here presented is the same cell 
whose wave length-sensitivity curve was described by Young and Pierce 
(3). It is quartz enclosed, has a cesium oxide surface, and is sensitive to 
both visible and ultraviolet light. 

Within 4 mm. of slit 1, which is 1 cm. long, are two quartz absorption 
cells, 4 cm. in length and 2.4 cm. in diameter, with plane quartz windows. 
The cells, which are filled through tubes equipped with ground quartz 
stoppers, are moimted on a heavy metal carriage, adjustable in height and 
angle, by means of which either cell may be placed in the light beam. The 
moving part of the carriage and the ground switch A are controlled from 
the experimenter’s position at the telescope through a pulley ssrstem. One 
cell contains pure solvent and the other the solution being studied. The 
solution cell is emptied through a stopcock connected to the guart-z outlet 
with rubber tubing. The rubber is placed 5 cm. below the cell bottom, 
to prevent contamination of the solution in the illuminated portion. The 
solution cell may be emptied and refilled without being moved, at inter¬ 
vals determined by the solution’s stability toward light. The light shield, 
with opening 16 mm. in diameter, between the condensing lens and the 
absorption cells confines the beam to the solution, preventing light reflec¬ 
tion from the sides and edges of the cells. The light paths of different 
parts of the beam while passing through the solution are equal within 
0.6 per cent. 

From a measurement of h, the intensity of light passed through the 
solvent-filled cell of length x, and of /*, the intensity of light passed through 
a similar solution-filled cell, the specific light absorption coefficient |3 may 
be calculated according to Lambert’s law. 

/. = 

2.3 log^ 

P-^ 

X 

SENSITIVITY DATA 

When it is desired to make many readings over a period of several days, 
as when the absorption spectrum is being investigated systematically at 
short intervals of wave length, the Dolezalek is a suitable electrometer. 
Its sensitivity is sufficient, remains constant for five or six days at a time 
(often for a period of a month or more), and is not subject to small tem¬ 
perature changes. The vane is charged at 45 volts because the correspond¬ 
ing sensitivity curve is a straight line for deflections up to 35 cm. Deflec¬ 
tions of 0.74 to 1.25 mm. per millivolt are obtained. This sensitivity may 
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be varied somewhat by a change in the height of the vane. The vane is 
of aluminum, suspended by a quartz fiber, sputtered with gold. 

For the much lower intensities encountered in the measurement of 
fluorescent light, the Compton electrometer yields good results. An alumi¬ 
num vane, suspended by a Wollaston wire suspension 0.0003 cm. in diame¬ 
ter, is used. With the vane at a potential of 67.5 volts, the sensitivity in 
the useful range varies from 5.8 to 7.4 mm. per millivolt. The sensitivity 
may be regulated by the position of the vane or of the adjustable quadrant. 
The sensitivity curve deviates more from a straight line than does that of 
the Dolezalek, and the sensitivity varies appreciably from day to day and 
even from hour to hour, so that readings must be taken quickly or the 
sensitivity measured very often if results are to be accurate. 

The ‘^ark current,*^ i.e., the current through the photocell when the 
shutter is closed, is reduced by a grounded pool of mercury placed in the 
depression of the photocell around the glass tubes that contain the tungsten 
conductors. The dark current is thus confined to the glass between the 
conductors and to the inner surface of the glass. It is somewhat variable, 
causing 1 to 10 mm. deflections of the Dolezalek electrometer and 8.5 cm. 
deflection of the Compton when the leak of 1.65 X 10^' ohms is used. 

From the sensitivity of the Dolezalek electrometer and a measurement 
of the time required for a known small photoelectric current to cause a 
deflection of 24 cm., the effective capacity of the system was calculated. 
The value obtained was 1.33 X 10“® microfarads (i.e., 120 cm.). This is 
larger than the true capacity, since some current passed through the leak 
to the ground during the measurement. The capacities of the Dolezalek 
and Compton electrometers are 80 cm. and 12 cm., respectively. When 
the Dolezalek is replaced by the Compton electrometer, the effective capac¬ 
ity of the system, including photocell anode, leak, and connections, is there¬ 
fore about 60 cm. Capacity is a factor in the time of charging when such 
small currents are used. 

Large changes in the sensitivity of either system may be produced by 
substitution of leaks of different resistances. This may be accomplished 
most easily by a variation of the iodine concentration. A second leak 
(L 2 ) was prepared from a solution of about 1 g. of iodine per 100 g. of 
solution. With L 2 and a Compton electrometer at a sensitivity of 7.4 mm. 
per millivolt, the dark current produces a deflection of about 100 cm. 
These deflections may be eliminated by a negative charge imparted to the 
quadrant pair 3-4 by a potentiometer circuit. From the potential 
required, the resistance of L 2 is estimated to be about 6 X 10^^ ohms, 
i.e., about thirty-five times that of Li. 

CURRENT SENSITIVITIES 

The maximum current sensitivities of the Compton, as used in this work 
(vane at 67,5 volts), are of the order of 8 X 10““^® amperes per millimeter 
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with Li, and 2.2 X amperes per millimeter with L 2 . With the Dole- 
zalek, these sensitivities are about one-sixth as great; one of 5 X 
amperes per millimeter has often been used. With Li, the time required 
for the vane to be deflected and come to rest is about one minute. With 
L 2 , because of the smaller currents involved, this period is 10 minutes or 
longer, far too long when many readings are desired. 

From the magnitudes of the current sensitivities, the resistances of Li 
and L 2 , and the dark currents given above, the resistance of the photocell 
in the dark is estimated to be approximately 10^® ohms, about 10,000 times 
that of Li or 300 times that of L 2 . This is about the order of magnitude 
expected for the resistance of Pyrex glass (4). 

MONOCHROMATIC QUALITY OF LIGHT 

A Zeiss fixed-arm spectroscope with deviation of 90® was converted into 
a monochromator by replacement of the eye-piece with a slit provided for 
the purpose. The lens (I 2 ) was clamped in a fixed position. The position 
of li was then found for which the more brilliant mercury lines were in sharp 
focus at slit 2. When the lenses were so adjusted, the distances from the 
slits to the corresponding lenses were equal and the light was parallel 
when it passed through the prism. By use of the mercury arc, the prism 
was then fixed in such a position that the settings of the wave length scale 
were accurate to within one or two Angstrom units. 

The effectiveness of certain slit apertures was studied; the half-intensity 
widths, //, figure 3, of several mercury lines, were estimated from the inten¬ 
sity curves determined with the Dolezalek electrometer. By this method 
the widths of spectral regions, isolated by the monochromator with narrow 
slits, were found to vary from approximately 3 A.U. at X4000 A.U. to 13 
A.U. at X7000 A.U. To investigate the ability of our system to isolate 
and measure narrow regions of the spectrum, the D doublet emitted by an 
Akatos sodium lamp was studied. The electrometer deflection curves 
are given in figure 4 for two experiments. The Compton electrometer 
was not available when this experiment was performed. If it were em¬ 
ployed, narrower slits could probably be used and a precise comparison 
of the intensities of the two lines might be practical even with a small 
monochromator such as ours. With sufficient light intensity such as may 
be obtained from line spectra, and with greater resolving power, better 
separation can, of course, be obtained. 

USES OF APPARATUS 
Absorption spectra 

The equipment has been used chiefly for obtaining specific light absorp¬ 
tion coefl[icients of solutions, with a Dolezalek electrometer and the leak 




is supplied by a direct current generator in parallel with a series of 6-volt 
radio batteries, so arranged with resistance coils that the battery 
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voltage is slightly above the generator voltage delivered to the lamp. 
Only 0.1 to 1.0 ampere is drawn from the batteries and a current nearly 
free from fluctuations is delivered to the lamp. The lamp gives sufficient 
light in the visible when operating on 20 to 26 amperes. It is surrounded 
on four sides with shields, which decrease fluctuations in temperature 
caused by air currents. 



The slit widths are so chosen that /o produces a deflection of 20 to 35 cm. 
For the Mazda lamp, operating at 600 watts or less, they are approximately 
0.001 mm. at X7800 A.U., 0.002 mm. at X6000-7000 A.U., 0.004 mm. at 
X5000 A.U., 0.02 mm. at X4000 A.U. and 0.03 mm. at X3950 A.U, Such slit 
apertures make it possible to isolate regions varying in width from about 
6 A.U. at X4000 A.U. to 13 A.U. at X7000 A.U. To isolate a spectral 
region 3 A.U. wide at X4000 A.U. by the use of narrower slits, the current 
consumption of the lamp should be increased. 

About three minutes are required for the three determinations necessary 
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for the calculation of one absorption coefficient. /* is compared with the 
mean of two values of /o, one taken before and one after /x. Differences 
in /o reveal any accidental variations in light intensity. 

The absorption cells, filled with solvent, should transmit as nearly as 
possible the same amount of light. There is no difficulty in placing them 
so that 30-cm. deflections agree within 3 mm., i.e., 1 per cent. With care 
they may be made to agree within 0.5 mm. After a series of many read¬ 
ings, during which the solution cell is emptied and refilled as many as ten 
times, the relative transmission of the cells containing solvent does not 
differ from the original value by more than 1 per cent. This small differ- 

TABLE 1* 


Absorption data for solution of chlorophyll 
Source of light a Mazda lamp 


WAVE 

LBNOTH 

HOLYENT 

FrR8T 

DEi: LEC¬ 
TION 

SOLVENT 

SECOND 

DEFLEC¬ 

TION 

MEAN 

SOLVENT 

DEFLEC¬ 

TION 

SOLTTTION 

DEfLBC'- 

TION 

/o 

U 

/o 

lx 

/o 

LOO — 
lx 

A U 

cm 

cm 

cm 

cm 

mrlhvillta 

mxlhvolts ! 



4:^) 

25 10 

25 05 

25.07 

13 50 

337 

184 

1 831 

0 2627 

4300 

25 05 

25 00 

25 02 

13.50 

337 

184 

1 831 

0 2627 

4300 

24 50 

24 45 

24.47 

13 20 

329 

180 

1 828 

0.2620 

6600 

24 65 

24 60 

24.62 

15 00 

331 

204 

1.622 

0 2101 

6600 

24 60 

24 35 

24 47 

14 90 

329 

203 

1.621 

0 2098 

6600 

24 35 

1 

24 60 

24 47 

14 95 

329 

203 

1 621 

0 2098 


* Examples of absorption data from certain ether solutions of chlorophyll used 
in this laboratory. For each wave length, the data and calculations of three suc¬ 
cessive determinations of log h/h are given. The solvent deflections, taken before 
and after the solution deflections, are in columns 2 and 3, respectively. In column 4 
is the mean of the solvent deflections. Column 5 contains the solution deflections. 
In columns 6 and 7 are the quadrant potentials (taken from the Dolezalek elec¬ 
trometer sensitivity curve) necessary to produce the deflections listed in columns 
4 and 5, respectively. These potentials are directly proportional to the photo¬ 
electric current. 


ence between the cells is thus relatively constant and affects but slightly 
the relative values of absorption coefficients. 

Since the refractive indices of the solvent and dilute solutions are 
nearly equal, no appreciable change of the light focus on the slit is caused 
by an exchange of the absorption cells. For comparisons of some media 
having widely different refractive indices it may be necessary to take 
precautions to eliminate serious errors due to change of focus. 

Magnitude of error 

When conditions are steady and the lamp filament has reached a constant 
temperature (usually within fifteen minutes), the deflection caused by light 
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of any wave length may be reproduced after three minutes within the pre¬ 
cision of reading, 0.5 mm. In routine spectral analysis most readings of 
7o check within 0.5 per cent; determinations are repeated when h is not 
reproduced within 1 per cent. /* is equally precise if the deflection is 
large enough. 

With the electrometer working under good conditions, the zero point 
may be reproduced within 0.5 mm. after as many as twenty successive 
determinations of without a return of the vane to the zero position 
in the meantime. 

If 0.5 per cent errors in h and 7* both contribute to a 1 per cent error 
in h/Ix, the ratio may appear to be 2.02 when the true value is 2.00. The 
log of 2.02 is 0.3054, about 1.5 per cent larger than the log of 2.00 (0.3010). 
Since log 7o/7, is proportional to the specific absorption coefficient 8 (and 
the molecular absorption coefficient a, if Beer’s law holds), the precision 
in this example is 1.5 per cent. Most of the values obtained are more 
precise than this. As deflections for 7* or 7o decrease to small values, 
however, the error in log 7o/7* increases. 

Table 1 illustrates the reproducibility of results for a Mazda source. 

Fluorescence spectra 

This system is well adapted to the spectral mea.surement of fluorescent 
light from strongly fluorescent solutions, such as that of chlorophyll in 
ether. A tapering fluorescence tube is placed next to the slit, from which 
the guard window has been removed so that the point of origin of the 
fluorescent light may be as near the slit as possible. The exciting light 
from the 900-watt Mazda lamp enters the tube at right angles to the col¬ 
limator through a plane window. About 1 mm. from this window and 
just in front of slit 1, it is brought to a focus. 

With a Compton electrometer having a sensitivity of 6 mm. per millivolt, 
leak 1, and slits 0.03 mm. wide, maximum deflections of 25 cm. are pro¬ 
duced by fluorescent light of X6690 A.U. from ether solutions containing 
0.015 g. of chlorophyll o per liter. Twenty-five seconds are required for 
each reading. Smooth curves were obtained for the fluorescence bands, 
whose maxima may be reproduced within 10 A.U. Successive deflections 
for the same wave length may be repeated within 0.5 per cent. To obtain 
the true fluorescence intensity-wave length curve, the sensitivity-wave 
length curve of the photocell must be determined and combined with these 
fluorescence data. 

Data for chlorophylls o and h, obtained by use of this instrument, are to 
be reported soon by one of us (F. P. Z.). 
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STTMMARY 

The photographic method is not satisfactory for measurement of opacity 
with a precision better than 5 per cent. In the usual photoelectric methods, 
comparatively wide spectral regions are employed. A photoelectric 
method of higher precision is available, which may be used for the measure¬ 
ment of relative intensities of light emitted from a continuous source, 
though limited to very narrow spectral ranges. A monochromator, 
photocell, electrometer, and high resistance leak are used. Photoelectric 
current sensitivities as great as 2 X 10“’'^ amperes per millimeter permit 
the use of slits so narrow that spectral regions varying in width from 3 A.U. 
at X4000 A.U. to 13 A.U. at X7000 A.U. may be investigated with a small 
standard monochromator, without amplification of the photoelectric 
current. A 900-watt Mazda lamp may be used for absorption spectra 
measurements. 

Specific absorption coefficients and opacities may be determined with a 
precision better than 1.5 per cent and 1.0 per cent, respectively. Examples 
of data arc presented. The method is well adapted to the spectral meas¬ 
urement of fluorescent light from strongly fluorescent solutions. 
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In the recovery of sphalerite (ZnS) by the flotation process, the mineral 
must almost invariably be activated, i.e., a soluble heavy-metal salt 
(in practice, copper sulfate) must first be added befote the mineral can be 
successfully floated. The problem of the activation of sphalerite by copper 
sulfate has been the object of a great deal of attention, and the general 
consensus of opinion is that the copper sulfate reacts with the zinc sulfide 
to form the more insoluble cupric sulfide at the surface of the sphalerite 
(1). Although Taggart (2) seems to consider the film to be cuprous sul¬ 
fide, and Cox and Wark (3) are skeptical as to the completely chemical 
nature of the activation, the formation of a film of cupric sulfide appears 
to be the most probable explanation from the experimental evidence which 
exists. 

If the formation of a film of cupric sulfide according to the reaction 
ZnS -f = CuS -f Zn^^ 

be accepted as a working hypothesis, the thickness of the film is a matter 
of considerable interest. In order to obtain information concerning this, 
a series of tests was made to determine the amounts of copper adsorbed 
by various sizes of sphalerite. The mineral was carefully sized and de- 
slimed as described by Kidd and Wall (4). 

Since cupric ion reacts with metallic iron, it was very essential to remove 
all traces of the latter (which might have been introduced into the mineral 
in the crushing and grinding processes) from the sphalerite. Most of the 
iron was removed by means of a strong electromagnet, the mineral being 
cleaned with the magnet both before and after grinding and before and 
after sizing. To remove the final traces, the sized and deslimed mineral 
was leached for eighteen hours with 6 normal hydrochloric acid, and then 
thoroughly washed with copper-free distilled water and allowed to dry. 
A 50-g. sample was weighed out and treated with 1 normal hydrochloric 
acid to remove any oxide film which might have formed during drying. 
The acid was washed out as before, and 250 cc. of 0.02 Af copper sulfate 
was added. The solution was very carefully analyzed iodimetrically with 
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0.01 N thiosulfate before it had been added to the mineral and also after 
it had been in contact with the mineral for varying lengths of time. It 
was found, however, that practically all the adsorption took place during 
the first minute, there being no appreciable change in the concentration 
of the solution after that length of time. In column 4 of table 1 are given 
the amounts of copper, adsorbed per gram of sphalerite for the various 
sizes studied. 

Some of the results obtained by Kidd and Wall (4) are also of interest 
in this problem. Using 0.15 Ib. of potassium ethyl xanthate and 0.15 
lb. of cresylic acid per ton of sphalerite, they found that best flotation 
recoveries were obtained with 0.1 lb. of CuS ()4 *51120 per ton of mineral 
for particles larger than 104 microns, with 0.2 lb. per ton for particles 
between 104 and 74 microns, and with 0.3 lb. per ton for particles finer 


TABLE 1 


PABTICLE SIZE 

MlLLlGBAUfi OF 
COPPER PER GRAM 
OF ZINC SULFIDE 
FOR MONOMOLECU¬ 
LAR FILM 

MILLIGRAMS OF 
COPPER PER C}RAM 
OF ZINC SULFIDE 
]<OR MAXIMUM 
RECOVERY 

MILLIGRAMS OF 
COPPER PER GRAM 
OF ZINC SULFIDE 
ADSORBED IN AD¬ 
SORPTION TESTS 

“thickness” of 
FILM 

microns 

- 295+208 

0 01012 

0 0127 

0 53 

51 3 

- 208+147 

0 01433 

0 0127 

0 60 

41 8 

- 147+104 

0 02033 

0 0127 

0 68 

33 5 

- 104+74 

0 02867 

0 0254 

0 76 

26 5 

- 74+52 

0 04050 

0 0381 

0 88 

21 7 

- 52+37 

0 05733 

0 0381 

1 00 

17 5 

- 37+26 

0 08099 

0 0381 

1 20 

14 8 

- 26+18 5 

0 1147 

0 0381 

1 40 

12 2 

-18 5+13 

0 1620 

0 0381 

1 60 

9 9 

- 13+9 2 

0 2298 

0 0381 

1 80 

7 8 

-9 2+6 5 

0 3250 

0 0381 

2 20 

6.8 


than 74 microns. With greater or smaller amounts than these, the re¬ 
coveries decreased. These results, expressed as milligrams of copper per 
gram of sphalerite, are listed in column 3 of table 1. 

In order to interpret the results of these two sets of experiments, it is 
first necessary to determine, for the various sizes, the amounts of copper 
required to form a monomolecular film on the surfaces of all the particles 
in one gram of sphalerite. This was done in the following manner, the 
— 295+208 micron size being used as an example. 

For this size range, the average particle size is 0.0252 cm. If it be 
assumed that the particles are in the form of regular tetrahedra (the ideal 
crystal form of sphalerite) having edges of this length, the volume of each 
particle is 1.886 X lO”"® cc. and the area is 1.10 X 10~® sq. cm. (For regular 
tetrahedra, V = 0.11785 and A = 1.732 where L is the length of 



ADSORPTION OF COPPER SULFATE BY SPHALERITE 


15 


the edge.) Since the density of sphalerite is 4.1, the volume occupied by 
1 g. is 0.244 cc. Dividing this by the volume of one particle gives 1.293 X 
10® as the number of particles per gram, which, multiplied by the surface 
area of one particle, gives 142.2 sq. cm. as the total surface area of 1 g. of 
the mineral. 

The lattice constant for sphalerite is 5.43 A.U. (5) and the unit cell 
contains two zinc atoms in one surface. Consequently there is one zinc 
atom in a surface area of ^ (5.43 X 10~® cm.)’, or 1.474 X 10“'® sq. cm. 
Dividing Ihis into the total surface area of 1 g. of the sphalerite gives 
9.647 X 10'® as the number of atoms of zinc present in the surface of 1 g. 
of the —295+208 micron sphalerite. If, in accordance with the reaction 
given above, it be assumed that each of these zinc atoms reacts with a 
copper ion, this will also be the number of copper ions required to form a 
monomolecular film, and is equivalent to 0.01012 mg. of copper per gram 
of sphalerite. The corresponding amounts of copper for all the sizes 
studied are given in column 2 of table 1. 

DISCUSSION 

A comparison of the second and third columns of table 1 shows that for 
particles larger than about 37 microns the amount of copper which gives 
the best flotation recovery is equal, within experimental error, to the 
amount required to form a monomolecular film. For smaller particles, 
however, maximum recoveries are obtained with considerably less copper 
than is required for a monomolecular film, and the difference increases 
rather rapidly with decrease in particle size. A probable explanation of tlu^se 
facts is that with the larger particles a practically complete monomolecu¬ 
lar film is required in order to provide sufficiently strong attachment to 
the air bubbles to enable the particles to remain attached throughout 
the flotation process; the reason that a greater amount of copper de¬ 
creases the recovery may be due to reaction between the excess copper and 
xanthate, decreasing the concentration of the latter below its optimum 
value. (Kidd and Wall (4) found that 0.15 lb. of potassium ethyl xanthate 
per ton of sphalerite gave the optimum recoveries with particles larger 
than about 37 microns; with either more or less xanthate the yields were 
decreased.) With the smaller particles it seems quite likely that strong 
enough attachment could result with less than a complete monomolecular 
film, and since the weight of a particle decreases more rapidly than its 
area, the fraction of the area which would have to be filmed with copper 
would decrease with decrease in size. 

In column 5 of table 1 are given the ‘‘thicknesses'’ of the films of copper 
sulfide obtained in the adsorption experiments. These values were ob¬ 
tained by dividing the figures in the fourth column by the corresponding 
figures in the second, and are given purely for the purpose of comparison, 
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since nothing is known of the arrangement of the molecules in the adsorp¬ 
tion layer. Two facts, however, are immediately evident: first, the films 
formed on sphalerite in a solution of the strength used (many times that 
used in flotation practice) are apparently many molecules thick, and 
second, this “thickness” decreases as the particle size decreases. When the 
logarithm of the “thickness” is plotted against the logarithm of the average 
particle size, a straight line (figure 1) is obtained, which, when extrap- 



Fig. 1. Vakiation of Apparent Thickness of Adsorbed Film with Size (in 
Microns) of Sphalerite Particles 


dated, indicates that a monomolecular film would result with particles 
0.37 micron in size. The equation 

T « (-L\ ° 

^0.37/ 

where T is the apparent film thickness and d the particle size in microns, 
fits the curve very well. 

These facts are difficult to explain on the basis of familiar concepts. A 
possible explanation may lie in the change of surface forces with size; as 
the size decreases the initially formed layers of copper sulfide may become 
more compact, thus rendering diffusion more difficult, which would tend 
to decrease the thickness of the films. It is rather difficult, however, to 
conceive of any change in surface forces becoming appreciable in the larger 
sizes studied. 
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The recent theory of the mosaic or block structure of crystals leads to 
a more probable explanation. This theory, developed theoretically by 
Zwicky (6) and supported by the excellent experimental work of Goetz 
(7) on single bismuth crystals, states that all crystals have, besides their 
regular crystal structure, a much larger secondary structure manifested by 
periodic changes in density. Goetz found the resulting ‘‘blocks^' to be 
approximately 1.4 microns in length. The work of Dean, Gross, Brighton, 
and St. Clair (8) indicates that in the case of galena the blocks have a length 
of less than 20 microns, and they consider it possible for certain molecules 
(e.g., H 2 S) to penetrate between these blocks. 

The results of the adsorption experiments can be explained by assuming 
that the copper ions penetrate to a certain extent between the elementary 
blocks of the sphalerite crystals, as well as forming a monomolecular film 
on the surfaces. When the individual blocks are liberated, only the 
amount of copper required to form a monomolecular film will be adsorbed, 
and from figure 1 it appears that for sphalerite the size of these blocks is 
0.37 micron. It is obvious that the larger the particles, the more crevasses 
between blocks there will be for copper ions to diffuse into, and accordingly, 
the greater will be the apparent film thickness. This explanation does not 
necessarily conflict with that offered for the results of the flotation ex¬ 
periments. In the latter, the solutions were very dilute in copper and the 
total amount present was never appreciably greater than the amount re¬ 
quired for a monomolecular film. It seems quite reasonable to suppose 
that the copper ions would react with zinc atoms in the surfaces exposed in 
preference to penetrating between the blocks. 

SUMMARY 

1. With sphalerite particles larger than about 37 microns, the amount 
of copper sulfate which gives the best flotation recoveries is equal to the 
amount required to form a monomolecular film of cupric sulfide. 

2. With smaller particles, maximum recovery is obtained with less than 
the amount of copper sulfate required for a monomolecular film, the 
difference between the amount required for maximum recovery and that 
required for a monomolecular film increasing with decrease in particle 
size. 

3. A simple explanation is offered to account for these flotation results. 

4. The amounts of copper adsorbed by sphalerite of various sizes from 
a 0.02 M copper sulfate solution are equivalent to surface films of copper 
sulfide many molecules thick. These ‘^thicknesses,^^ however, decrease 
as the particles become smaller. 

5. An explanation of the results of the adsorption tests by change 
of surface forces with size appears improbable. The theory of the mosaic 
structure of crystals, however, provides an explanation which agrees very 
satisfactorily with the results obtained. 



18 


8. FREDERICK RAVITZ AND WILLIAM A. WALL 


6. The adsorption tests indicate that the unit blocks of sphalerite are 
approximately 0.37 micron in length. 
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INTRODUCTION 

Among the contributions to the chemistry of so-called iron oxy hydrosols, 
three originated in this laboratory. Thomas and Frieden (1), studying iron 
oxychloride sols, reported a constant ratio of iron to chloride when sols 
were dialyzed to incipient precipitation, and they offered the solution link 
theory to explain the nature of sol stability, according to which the micellar 
agglomerate was kept in solution by the solution forces inherent to the 
ferric chloride associated with the other constituents forming the micelle. 
Hamburger (2) prepared iron oxybromide sols and reported no constant 
ratio of iron to anion (purity) although, on the whole, the bromide sols 
appeared to be more stable than the chloride sols studied simultaneously, 
Mabee (3) prepared and studied the properties of ferric oxyacetate hydro¬ 
sols. He found a constant purity and, in general, lower stability than was 
reported for the two types of sols previously studied. Both Hamburger 
and Alabee believed their results to be in harmony with an hydrolytic defini¬ 
tion of hydrovsols, and with the above mentioned solution link theory. 

It was thought that a study of ferric oxypropionate sols might be an 
interesting comparison with these sols investigated earlier. 

PRELIMINARY EXPERIMENTS 

Ferric hydroxide w\as made by electrolysis of water, to which w^as added 
a few drops of sodium hydroxide solution to provide conductivity, using an 
iron anode and a carbon cathode. The ferrous hydroxide thus formed was 
oxidized by air, and the resulting ferric hydroxide w^as washed by decanta¬ 
tion. 

Attempts to peptize this product with propionic acid seemed unsuccessful, 
and this method of sol preparation was discarded. It was thought that 
the precipitate was too granular and too little hydrated to be readily pep¬ 
tized. Next, some pure iron filings were dissolved in dilute propionic acid; 
after standing several day^, during which time there was a very slow evolu¬ 
tion of hydrogen, a sample of the ferrous propionate solution was oxidized 

^ Present address, College of the Sacred Heart, Manhattanville. New York Citv. 
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by treatment with hydrogen peroxide to absence of ferrous iron test with 
ferricyanide. (If the solution were not completely oxidized, it was found 
that addition of ammonium hydroxide yielded a black precipitate, which, 
upon dr 3 ring, proved to be magnetic.) 

The ferric propionate solution was then put into collodion membranes 
for dialysis to incipience of precipitation. In a very short time, small 
amounts of reddish-brown flocculate had appeared, so four different sols 
were immediately analyzed, without contrifuging out the excess precipi- 

(GQuiv Fg) 

tated iron. The respective purities ;;—— 'r —.—; were found to be 1.2, 

(equiv. Anion) 

4.3,3.8, and 1,1, while still another sample, intentionally somewhat beyond 
incipience of precipitation, was found to have a purity of only 5.1. 

In these analyses, the iron was determined (4) by heating to white fumes 
with sulfuric acid, passing through a Jones’ reductor, and titrating with 
standardized permanganate solution. The propionate was determined (5) 
by heating, hydrolyzing, salting out, and titrating with standard sodium 
hydroxide solution, using phenolphthalein as an indicator. 

The fact that these iron propionate solutions should contain such a 
relatively small amount of iron in proportion to anion, as compared to sols 
previously studied, was entirely unexpected, and led to consideration of the 
possibilities suggested in the following section. 


THEOBETICAL 

Besides the investigators already mentioned, several other colloid chem¬ 
ists have expressed beliefs that colloidal iron solutions underwent hydrolytic 
changes. Among these are Malfitano (6), Buzdgh (7), Pauli and Matula 
(8), Tian (9), and others, but none of them has suggested any theoretical 
treatment or procedure to enlai^e such beliefs. Therefore, the follow¬ 
ing development has been made, while fully realizing that in such complex 
systems as are dealt with, the considerations of equilibria must of necessity 
be rather loosely construed; this method of treatment is thus offered and 
utilized as a means to arrive at some interesting relations. 

Keeping this in mind, we may say at once that if colloidal solutions are 
formed by progressive hydrolysis, they should follow laws analogous to 
those derived for the hydrolytic relations from the law of mass action. Ac¬ 
cording to these derivations, a salt of the type MAj may have two possibili¬ 
ties in hydrolyzing, the distinction being based upon whether the acid 
formed is weakly or highly dissociated. First considering the strong acid 
type, from the equation 


MAs + 3HjO M(OH), + 3HA 
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letting X represent the amount hydrolyzed, and v the volume in liters con¬ 
taining one mole of salt, and assuming both salt and acid to be completely 
ionized, we have 

[M(QH)3] [HAl^ 

[MAal IHaO]3 


Since the [H 2 O] is constant in aqueous solution 


^byd. 


[M(QH)3l fHA]3 
IMAal 



27 

(1 — X) V'^ 


( 1 ) 


Since 

then 

so 

and since 

then 


Moreover 


Therefore 

^hyd. 


[H^] • [OH-1 * Sh,o 


[H^l * 3x 


[OH-1 


,OH-l - a/k 

[OH 1 - y Am (OH), [iyi+ + 


[M(OH2^ 




1 - X 


[OH-p 


^ (M(OH),l 
^M(OH), “1 _ ^ 


V 


[Total acidl* 


s 


3 

H*0 


^ [M(0H)3] 

^M(OH), 1 _ ^ 


V 


27 X* 
(1 — x) 


[M(OH),] 


__ 

, [M(OH)3l 
l^M(OH),' 1 _ ^ 


1 — X 


•* 

^M(OH)i 
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But when the acid formed by the hydrolysis is little ionized: 


IM(OH).] - [OH-] 

V 


‘M(OH)i IM+ + +] ’ ‘ ‘ 


1 — X 


and 


[A- 


3(1 - x) 


IOH-1 


fHjO 

iH-^i 


[HA] 
HA [A-] 


|M(OH),| 

M(0H)3 [M'*' 


4.0 

^ux [HA]3 


(A (sa; 

4.0 _^ [M(QH),1 [HAl^ ^ \t/\v/ 

""" ^HA • ^M(OH), [A-J^ ^ y 

IT ar —Z!_ =r_ 4jO _ 

(1 - x)* • Aj^(oh), 


(1 — x)* 


(3) 


Therefore in the latter type of hydrolysis the reaction is independent of 
dilution, whereas in the first type the extent of the hydrolysis varies as 

Now in the case of colloidal solutions, if we consider the complex as a 
somewhat soluble but little ionized base, ionized into Fe+'^+ and 0H~ ions, 
we have exactly the same conditions if the so-called chemical (hydro- 
lyt/ic) point of view of hydrosols is correct,—up to the point of incipience 
of precipitation when the relations expressed above break down, and 
undergo a complete change due to the formation of insoluble bases. But 
from the point of true (ionic) solution through colloidal (micelle) forma¬ 
tion to the beginning of precipitation, there is no apparent reason why 
colloidal iron solutions should not follow some such laws as those derived 
above, provided the solutions themselves are undergoing purely chemical 
reactions. This state of affairs might be expressed by some such system 
as 

(Fe(OH),)^ . (a:)Fe++-^ + Six) A" 

Jf 

(Fe+++) + 3(0H“) 

This might be progressively hydrolyzed to 

(Fe(OH),)jy . (i/)Fe+++ -f Ziy)A- + (x - y)RA 

\\ 

(Fe"'”'"*') + 3(0H ) where x > y and N > M 
For a sol of purity = 20, the hydrolytic “equation” might be written 

20FeA, + 57 H 2 O (Fe(OH),)„ • FeA, + 57HA 
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As the acid formed is dialyzed away, the sol would analyze to 60 equivalents 
of iron and 3 equivalents of anion, thereby giving a purity of 20. If dialysis 
were continued, successive stages of hydrolysis would be reached, more 
re(OH) 3 , less (Fe^*^*^) and (A“) present, and hence higher purities. Then 
for the progressive hydrolysis of iron salts to colloidal solutions we have 
the two types of reactions, and the respective ^'colloidal hydrolysis con¬ 
stants:’' 

K = ^ 

kb (1 - x) ^ 

and 

r. _ _ 

coll hyd _ ^)4 


where Kg, is the dissociation constant of the acid formed, and Kh represents 
the dissociation constant of the complex colloidal radical as a base. 

Then the colloidal solutions of ferric chloride, bromide, nitrate, etc. 
should follow equation 4, while those of the acetate, propionate, and buty¬ 
rate should follow equation 5. 

Now although we do not know' the respective A"i> values of various iron 
colloids, at least we may safely assume that they are very small, and of the 
same order of magnitude. 

Then if w^e consider the tw^o salts Fe(Ai )3 and Fe(A 2 ) 3 , both of which 
form w^eak acids upon hydrolysis, we may write as the relation betw'een 
their respective “colloidal hydrolysis constants:” 


K 


•m,o 


K 


HAi 




K 


IIAt 




K[ 


IIA, 




( 6 ) 


Then we see that the ratio of the “constants” is inversely^proportional 
to the cubes of the dissociation constants of the respective acids produced 
by the hydrolysis, after having assumed that and Ab, are nearly equal. 
If we call R this ratio. 


then it is also true that 


K 

K, 


^HA. 


K 


3 

HA, 


R 


R 


X2^ 

(1 ~ xd* 

X\* 


(7) 


(1 ~ Xi)* 



24 


W. F. FAIB, JB. 


from which 

1 ~ Xa 1 — Xi 


(7a) 


or, in other words, the fraction of one salt hydrolyzed will always be a con¬ 
stant times the fraction hydrolyzed of the other salt (under the same con¬ 
ditions of time and temperature). 

Dividing both sides of equation 7 by xi\ and multiplying both sides by 
we arrive at 

a 

(*)' 

therefore 


1 — Xi 
3~ 

1 - X2 

Now as soon as appreciable purities are reached —high ratios of iron over 

anion —xi and X 2 become very nearly equal, and is equal to the purity 

at incipience of precipitation as previously defined, therefore, approxi¬ 
mately, 

g - (8) 

‘2 





But for weak acids, R is quite small—for acetic and propionic it is only 
2.4—so we may conclude that very nearly equal purities at incipience of 
precipitation should be found for two iron salts both of which yield weak 
acids upon hydrolyzing. 

Another imteresting application when a weak acid is formed is seen in 
the equalities set down below: 


or. 


[H+] « K- 


HA 


[HA] 

[A-J 


K. 


X 


i/ 


Kl • 



[H'*’] ** a constant (10) 

Also, it is interesting to point out that from equation 9 one may find the 
magnitude of jRCb, if the pH is first determined. 

Such calculations cannot be applied to sols where a strong acid is formed; 
first, because the changing dilution during dialysis must change the purity 
relationships, and secondly because the acid is dialyzed away, and there 
is no constancy possible here as was the case with the acetate. 
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Now again turning to the strong acids, it is evident, since the extent of 
the hydrolysis varies as that constant optimum purity values can be 
obtained only if no dilution takes place during dialysis. In other words, 
the purities of this type of sol at incipient precipitation should not be con¬ 
stant. 

Neidle (10) reports this qualitatively for the oxychloride; Hamburger (2) 
for the ferric oxybromide sol. Thomas and Frieden report a constant purity 
for ferric oxychloride sol, but this may be due to the fact that the deter¬ 
minations were made on a sol of low concentration, which was divided into 
samples of various dilutions, after first undergoing the same preliminary 
dialysis, both of which procedures would help in masking differences in the 
sols at the end of the experiments. 

It has been knowm for a long time that sulfate ion was a good precipita¬ 
tion or flocculation agent for iron oxysols. The theoretical derivations 
demand this, as may be seen from the following relationships: 

Fe. 2 (S 04)3 + OH 2 O 2 Fe(OH)., + 3 H 2 SO 4 


Using the same notations. 


|Fe(OH)3l^ [H2S04l^ 
[Fe2(S()4)3l 


also 


[H+1 


\v ) \v / 108 

1 — X (1 — j) 1)* 


V 


10H-] 


and 


then 


[Total acid] » i [H^j, 


[OH-j 


[Total acid]* « 



[Fe(OH)3] 
lFe-^ + +] 


s 


HiO 


[Fe(OH)3] 
^Fe(OH), [Fe+^^+j 


K 


[Fe(OH)3]* • i • 


®HsO 


(FeCOH),] 

^Fe(OH)3 [Fg+ + +] 


^ lFe,(80ihl 



^HaO • a? 108 X® 

^^Fe(OH)3 ‘ ^ (1 - x) 


( 11 ) 
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from which it is evident, comparing equation 11 with equation 4, that K 
for ferric sulfate must be smaller than in the case of the chlorides, etc., for 
X is always less than 1 (in the case of the sulfate, indeed, it is probably very 
small) and V is always greater than 1, as fairly dilute solutions must be 
used if colloidal solutions are to be formed. In addition we have the factor 
2 appearing in the denominator, which would make the sulfate even less 
^‘colloidar^ compared with the other strong acid types. 

The micelle as pictured according to the above relationships agrees very 
closely with the “solution link’^ theory of colloidal stability, the ferric hy¬ 
droxide formed by the hydrolysis being dragged into solution by a soluble 
ferric salt which has previously been called the peptizing agent. As hy¬ 
drolysis proceeds, the Fe(OH )3 chain gets larger and larger until finally 
there is not enough of the peptizing agent present, and precipitation occurs. 
It should be noted that the law of mass action as used above has always 
been applied to the (“solution link’') salt—not to the dispersed phase. 

If the views here presented are the correct explanation of iron hydrosol 
stability, it would be natural to expect that flocculation should occur in a 
manner similar to ordinary precipitation, owing to the formation of 
insoluble compounds. Opponents of the chemical theory of hydrosol 
behavior have long used the known facts of different amounts of anions 
(sulfates, for instance), for sol precipitation in apparently no chemical or 
equivalent relationships, in their arguments. Nevertheless, it is possible 
that flocculation may be due to the formation of insoluble compounds which 
precipitate when a certain relationship similar to a solubility product 
constant is exceeded, and a theory is presented below in an endeavor to 
reconcile the conflicting views and evidence in this interesting matter. 

As was pointed out above, the iron salt upon hydrolyzing acquires a 
longer and longer Fe(OH)8 tail, or chain, the sol becoming more unstable 
as the purity rises. Then, coinciding with this progressive hydrolysis, it 
is not too far-fetched to expect successively lower “solubility product con¬ 
stants" (called below ion product constant) with successive hydrolytic 
stages (i.e., as N in (Pe(OH) 3 )jv*FeA 3 increases). According to this hy¬ 
pothesis the amount of sulfate necessary for precipitation should decrease 
with rising purity, which corresponds to lower Fe+++ ion concentration, 
as opposed to the analogous inorganic (ionic) solutions where a higher anion 
concentration is required if the cation concentration is lowered to satisfy 
a KiR.p, As pointed out above, the reason for this anomaly is that as the 
purity increases the ferric ion concentration decreases, but as the constant 
governing the precipitation is also becoming successively smaller to govern 
the new conditions of the next stage of hydrolysis, then the sulfate ion 
concentration necessary for precipitation also decreases. 

However, if there be any such governing factor analogous to a it is 
evident that the ratio of ferric ions to sulfate ions in moles per liter should 
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remain constant throughout the range of purity changes. In table 1 are 
calculations from the data of Hamburger’s dissertation (p. 20). 

In table 1, Fe/Cl, or purity, and S07“ (in millimoles) are reported. 
[Fe+++] in millimoles per liter has been calculated from 

Total Fe (in milliequivalents) ^ . 

---- Anion 

and 

Anion ^ . 

—-— =5 (in millimoles) 

o 

Thus, the ratio SO^ ■‘/Fe^‘*'+ was computed. Similar calculations are given 
in the tables that follow. (The error in measuring the precipitation or 
‘4iminar’ values, defined as the average between the amount just floccu- 


TABLE 1* 

Precipitation values for a chloride sol 
Iron per liter = 415 milliequivalents 


Fe C’l on P \ 

{Fe^^M j 

! [SO,-] 

I 

j RATIO 

\ 60 r plFe--^^| 

20 

tnillimides ptr liter 

7 

tnUlimoltn per liter 

5 05 

1 0 72 

23 

() 

3 94 

; 0 65 

24 

5 7 

3 94 

0 69 

25 7 

i 5 4 

3 49 i 

0 65 

30 3 

4 6 

2 69 ! 

1 0 58 


i 


Average ~ 0 66 


* Calculations from the data of Hamburger’s dissertation (see reference 2). 


lating, and that failing to precipitate, is about 5 per cent.) Table 1 
showed the precipitation values for a chloride sol; in table 2 are the values 
for a bromide sol. 

Thus we see that these ratios are in harmony with the known facts 
concerning the relative stabilities of the two halides as “solution links.” 
In other words, ferric oxy(bromide) sulfate is more soluble than ferric 
oxy(chloride) sulfate, at the same purity. 

From Mabee’s dissertation (pp. 31, 34, and 35) w^e can use data for the 
ferric acetate sols he studied, and make similar calculations (see table 3). 
Thus, ferric oxy(acetic) sulfate is less soluble than the other two considered 
above, which is in complete harmony with the known facts about these 
sols. 

Using the above values for the respective ratios [SOr '']/[Fe++'^], we can 
readily calculate from Hamburger’s sulfate ion values, initially and at 
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precipitation (for this the values were taken from the dotted line indicating 
incipience of precipitation in the tables), the purity of the sols at these 
two stages of aging. (The data used in table 4 are taken from] his tables VII 
to XII, pp. 24-6); from the average ratio value as found above, and the 
reported [SOf ”] value, Fe+++ can be calculated. The total iron in milli- 
equivalents divided by this [Fe+++] gives the purity. 

TABLE 2 

Precipitation values for a bromide sol 


Iron per liter = 415 milliequivalents 


Fe/Br 


[S04“] 

RATIO 

lS04-J/(Fe'^^M 

20 4 

milltmolea per liter 

6 7 

milltmoiee per liter 

7.47 

1.11 

22.2 

6 2 

7.15 

1.15 

25 6 

5 4 

6.12 

1.13 

25 7 

5.37 

5.96 

1 10 

29.8 

4 6 

5 00 

1.09 

33 5 

4.1 

4 24 

1.03 

38.5 

3.6 

3.65 

1.01 

41 8 

3.3 

3 62 

1.10 


Average 1 09 


TABLE 3 


Precipitation values for an acetate sol 


Fe PER LITER 

Fe/Ac 


ISO 4 -] 

RATIO 

lS04~“)/|Fe-' + -^J 



miUimclee per 
liter 

mdltmolee per 
liter 


567 

12 

15 7 

1.7 

0.108 

358 

12.8 

9.3 

0.95 

0.102 

555 

13 

14 2 

2.0 

0.140 

567 

20* 

9.4 

l.Ot 

0.106 

358 

20* 

5.9 

0.5t 

0.084 

555 

20* 

9.3 

l.Ot 

0.107 

Average » 0.108 


* The value given by Mabee for purity at incipient precipitation, 
t Values read off aging data at description of “brown, turbid,“ indicating in¬ 
cipient precipitation. 


In some instances above, the precipitation purity is less than the starting 
purity. This discrepancy may be due to the fact that the difference between 
the initial and precipitation SO* values is less than the 6 per cent error 
in determining these values. Similarly the allowable differences between 
calculated P and analytically determined P at the start is also at least ±5 
per cent. 
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Since the calculated initial P agrees fairly well with P by analysis, it 
seems that this calculation should apply equally well to P at incipient pre¬ 
cipitation, and thus it will be noted in the above table that the purity upon 
aging to incipient precipitation is not constant for either bromide or chloride 
sols, which is in accordance with the predictions based upon hydrolytic 
considerations given in the derivations above. The reason for these P's be¬ 
ing so low compared with previously reported values is that these solutions 
are much more concentrated than those dialyzed to precipitation. 

Returning now to the idea of a if we consider the micelle as 

(Fe(OH) 3 )A^ • FeAa to present an exceedingly simplified picture, then for a 

TABLE 4 




TOTAL 

IRON 

INITIAL 

BVLFATE 


INITIAL 


PRECIPITA- 

CALCTT- 

PRECIPI¬ 

TATION 

(CAIXL- 

lated) 

P 

BOL 

TABLE 

Calcu¬ 

lated 

Fe++-*- 

Calcu¬ 

lated 

P 

Analy¬ 

tical 

P 

SOr 


Br 

VII 

milltequiv. 
per liter 

415 

mtlltmoJes 
per liter 

7 74 

21 

19 8 

20 4 

6 68 

18 3 

22 6 

Cl 

VIII 

415 

5 05 

23 

18 0 

20 0 

4 66 

21 0 

19 8 

Br 

IX 

415 

5 96 

16 2 

25 6 

25 5 

(6 20)* 

16 8 

24 5 

Cl 

X 

412 

3 50 

15 9 

25 9 

25 7 

(3 40)* 

15 3 

26 9 

Br 

XI 

415 

4 24 

11 6 

35 7 

33 5 

4 67 

12 7 

32 7 

Br 

XII 

402 

3 26 

9 0 

44 7 

40 3 

(3 67)* 

10 0 

40 3 


* Interpolated at dotted line. 


“solubility product" at any particular hydrolytic stage, we could write (for 
the sulfate) 


• l(Fe(OHh)^Fe-^+'^]* [SO;"]^ 


or merely, 


» (Fe+'^*"]* lSO;~]3 


[Fe+++] being calculated from ; but it was thought best in develop¬ 
ing the analogy to refrain from calling this constant a since it 

cannot definitely be stated what solid phase is in equilibrium with the 
constant. It was therefore decided to name this constant an “ion product 
constant:" 

[Fe-*-IS 07 “J* "* ^ip (S' factor governing the conditions existing in a 

sol at the determination of its sulfate liminal 
value.) 
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For the different stages in the acetate sols tabled above, this would give:— 

(1) K. p « (15.7 X 10-3)* (1.7 X 10-3)3 » 1.2 X 10-w 

(2) p « (9.3 X 10-3)* (0.95 X 10“3)» « 7.4 X 10-“ 

(3) K:. p « (14.2 X 10-3)* (2 X 10-3)3 - 1 6 X 10-« 

(4) “ Same as (6) 

(5) ITj p « (6 X 10-3)* (0.5 X 10-3)3 « 4.5 X 10-» 

(6) K. p = (9.3 X 10-3)* (1 X 10-3) « 8.6 X lO’i* 

It appears by inspection that the respective successive Ki,p,^s progress 
exponentially, with increase in P. If there is such an exponential progres- 


TABLE 5 


FOR THB ACETATE SOLS 

FOR THE CHLORIDE SOLA (PROM 
TABLE 1) 

FOR THB BROMIDE SOLS (FROM 
TABLE 2) 

^l.p 

P 


A.p 

P 

V 


^K..p. 

'K.v 

(1) 0 1015] 


(1) 6 X 10-“ 

0 27] 


(1) 1 8 X 10-11 

0.29^ 


(2) 0 095 


(2) 2 X 10-1* 

0 31 


(2) 4 4 X 10-1* 

0 33 


(3) 0.0102 

X 

o 

(3) 1 8 X 10-“ 

0 32 

10 vO Tt ^ 

(3) 6 6 X 10-1* 

0.37 


(4) 0.222 

10-1 

(4) 1 2 X 10-“ 

0.35! 

lU 

(4) 2 6 X 10-1* 

0 41 

10 wO 0 A 
lA-l 

(5) 0 191 


(5) 4 X 10-“ 

0 39 ; 


(5) 1 2 X 10-1* 

0.47 

lU 

(6) 0.222 , 





(6) 6 6 X 10-13 

0.48 



i 




(7) 5 X 10-131 

0.5 ^ 



sion, then if P is the purity, the P root of the Kip at that purity should 
give the Kip. of ferric oxy(halide) sulfate when x is exceedingly small. 
From which it is immediately apparent that if we take the root (of different 
corresponding to the purities, we should obtain the same value. 

In table 5 are shown these values, found by taking the P root of the 
iiTj.p.^s as calculated above. 

Thus we see that all give a value of the same order of magnitude, 10“" ^ 
It should be pointed out that if a different method of measuring “liminal 
values'' were used, the above figures might be changed somewhat, but 
would be expected to hold similarly comparative values. 

The above calculations may be reversed, affording a means of calculating 
and predicting the amount of sulfate ion necessary to precipitate a given 
iron sol: 



where k is about 10-S P is the purity, and (Fe) the total iron. 
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The evidence presented above is strictly in accordance with the chemical 
hydrolytic definition of iron hydrosols, based upon the law of mass action. 
The theory of preferential ionic adsorption seems unnecessary to explain 
iron sol behavior, and if there is such a phenomenon as preferential ionic 
adsorption in these systems, the effects of such adsorption seem to be 
governed by the law of mass action, as applied to the solution link part 
of the micelle. 


EXPERIMENTAL 

In accordance with the hypothesis presented above, the following 
generalities should be considered: 

(1) The purity of a sol, at incipient precipitation, of the chloride type, 

should increase with dilution. 

(2) At incipient precipitation, sols of the weak acid type should have 

constant purities, independent of dilution. 

(3) For two sols of the weak acid type, the difference in their respec¬ 

tive purities at incipient precipitation should depend upon the 
relative values of the dissociation constants of the acids formed; 
therefore their purities should be nearly equal. 

(4) From the liminal value-ion product constant relation, it is evident, 

if the ideas presented above are correct, that peptization should 
occur even if sulfate be present, and the greater the concentra¬ 
tion of sulfate, the smaller the final obtainable purity, provided 
the chloride (or other anion) remain constant. 

For the purpose of testing these ideas, the peptization experiments shown 
in table 6 were started. 

The ferric hydroxide used in the series given in table 6 was prepared by 
slow precipitation from the chloride with ammonium hydroxide and then 
washing daily by decantation with large volumes of water (about 25 liters) 
for six weeks, until samples of the wash water gave no test whatsoever with 
equal volumes of 0.1 A"' silver nitrate solution on six successive days. The 
acids used were the purest obtainable from the Eastman Kodak Co., and 
were standardized against known sodium hydroxide solution. In all cases 
there was excess of ferric hydroxide. After standing nine months these 
solutions were analyzed, after being centrifuged for 60 minutes at about 
1000 r.p.rn. The iron and organic anions were determined as in the pre¬ 
liminary part described above, the chloride in a similar manner, and the 
sulfate as the barium salt. The results are given in tables 7 and 8. 

In table 8 are shown the results obtained with the same three weak acids 
but with ferric hydroxide that had been washed only a few times, and so 
still contained occluded chloride. Anion calculated from normality of 
acid and final volume. 

The results of this last experiment indicated that Mabee^s value of 20 
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(as against the low purity shown in table 7) might be due to the presence 
of chloride in his sols. Fortunately, there was available in the laboratory 
some of the iron acetate he used, as well as one of his sols. Both revealed 
the presence of chloride upon addition of silver nitrate, after heating with 
nitric acid. 


TABLE 6 


Peptization experiments 


SOL NO. 

Fe(OH)i 

SUSPENSION 

ACID 

ACID 

ACID 

WATER 

M/2 SODIUM 
SULFATE 

1 

CC 

40 

Acetic 

N 

0 0853 

CC. 

200 

CC. 

10 

CC. 

2 

40 

Acetic 

0 0853 

150 

60 


3 

40 

Acetic 

0 0853 

100 

no 


4 

40 

Butyric 

0.0871 

200 

10 


5 

40 

Butyric 

0 0871 

150 

60 ! 


7 

40 

Propionic 

0 0884 

200 

10 


8 

40 

Propionic 

0 0884 

150 

60 


9 

40 

Propionic 

0.0884 

100 

110 


11 

100 

Hydrochloric 

0 50 

15 

135 


12 

100 

Hydrochloric 

0.50 

25 

125 


13 

40 

Propionic 

0.0884 

200 

0 


15 

40 

Propionic 

0.0884 

200 

0 


16 

40 

Butyric 

0.0871 

200 

0 


17 

40 

Butyric 

0.0871 

200 

0 


18 

40 

Butyric 

0.0871 

200 

0 


19 

40 

Acetic 

0 0853 

200 

0 


21 

40 

Acetic 

0 0853 

200 

0 


22 

20 

Propionic 

0 0884 : 

200 

0 


23 

20 

Propionic 

0 0884 

200 

0 


24 

20 

Butyric 

0 0871 

200 

0 


25 

20 

Butyric 

0 0871 

200 

0 


26 

20 

Acetic 

0 0853 

200 

0 


27 

20 

Acetic 

0 0853 

200 

0 


28 

100 

Hydrochloric 

0 520 

19 2 

280 8 


33 

100 

Hydrochloric 

0 520 

11 5 

288.5 

0 

34 

100 

Hydrochloric 

0 520 

11.5 

287 5 

1 

35 

100 

Hydrochloric 

0 520 

11.5 

286 5 

2 

36 

100 

Hydrochloric 

0 520 

11 5 

285.5 

3 

37 

100 

Hydrochloric 

0 520 

11 5 

283 5 

5 


An iron propionate solution from iron filings and pure acid, oxidized 
with hydrogen peroxide and centrifuged, gave a purity of 1.1 upon analysis. 
Similarly, using acetic acid, a purity of slightly less than 1 was obtained. 

It is at once apparent that these results are in accordance with the main 
points outlined above, and hence help to strengthen the hydrolytic point 
of view of micelle stability, and the chemical reaction (“solubility product” 
or ion product) idea of sol precipitation. It also seems quite probable that 
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TABLE 7 


SOL 

IRON 

ANION 

PURITY 

Acetate 

1 

mtlliequiv per liter 

114 

milliequiv per liter 

68 2 

1 7 

2 

141 

51 2 

2 8 

3 

135 

34 1 

4 0 

19 

148.5 

71.1 

2 1 

20 

123 

66 1 

1 9 

21 

127 5 

71 1 

1 8 

26 

130 5 

71 1 

1 8 


Butyrate 


4 

57 

70 

0 8 

5 

66 

52 3 

1 7 

16 

82 5 

72 6 

1 1 

17 

88.5 

72 6 

1 2 

18 

76.5 

72.6 

1.1 

24 

52.5 

22 6 

2.3 

25 

45 0 

23 6 

1.9 


Propionate 


7 

147 

70 7 

2 0 

8 

138 

53.0 

2.6 

9 

153 

35 4 

4 3 

13 

147 

73.6 

2.0 

15 

158 

73 6 

2.1 

22 

100 5 

73 6 

1 3 

23 

142 5 

73 6 

1 9 


Chloride 


11 

324 

30 

10 8 

12 

338 

50 

6 8 

28 

346 5 

25 

13.9 

33 

366 

12 5 

29 3 


Chloride and sulfate ion 


SOL 

IRON 

ANION j 

PURITY 

(Fe) (Cl) 

Chloride 

Sulfate 

33 

milliequtv per liter 

366.0 

milliequtv. per liter < 

12.5 

milliequtv per liter 

0 

29.3 

34 

339 

12.5 

1.3 

27.1 

35 

336 

12 5 

2.5 

26 9 

36 

126 

12.5 

3.8 

10 8 

37 

(no apparent peptization—clear solution) 

10.8 
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Mabee really studied a mixture of ferric oxychloride sol and ferric acetate 
sol, and thus found properties intermediate between the two. The dif¬ 
ferences between two sols of the weak acid type apparently are too small 
to be significant in view of the fact that this tsrpe of sol in general appears 
to peptize such extremely small amounts of Fe(OH)i. 


TABLE 8 


BOL 

IRON 

ANION 

PURITY 

Chloride . 

nnllifiqutv 
per liter 

241 

milliequiv. 
per liter 

17 

14.2* 

Acetate. 

195 

21.7 

9.0 

Propionate. 

186 

22.1 

8.4 

Butyrate. 

180 

21.8 

8.2 


* No Fe 203 residue; all added was peptized. 


SUMMARY 

1. The purities at incipient precipitation of iron hydrosols are in agree¬ 
ment with the hydrolytic definition of sols. 

2. A chemical theory of sol precipitation, based upon the solubility prod¬ 
uct concept, is supported by the experimental data. 

3. Weak acids, such as acetic, propionic, and butyric, bring little more 
than equivalent amounts of iron into solution, but small amounts of chloride 
will greatly increase the amount of iron peptized. 

4. All the above is in agreement with the chemical-complex theory of 
hydrosols. 

The author wishes to express his appreciation and gratitude to Profes¬ 
sors A. W. Thomas and S. J. Kiehl for their friendly criticisms and invaluable 
suggestions during the development of this subject. 
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The phase rule has seldom been employed in interpreting enzyme be¬ 
havior. It represents, nevertheless, a relatively simple method of analysis 
that is often highly determinate. It makes possible distinction between 
change in number or kind of phase and mere change in phase composition. 

This paper will present a phase rule analysis of the abrupt activity-pH 
function of the nitrogen-fixing enzyme system azotase.^ General applica¬ 
tions to enzyme chemistry and kinetics, whether homogeneous (23,27,38) 
or heterogeneous (2, 7, 12, 13, 15, 16, 17, 18, 25, 34, 35, 37), will be indi¬ 
cated. Azotase will represent a fundamental type case. 

PHASE RULE ANALYSIS OF USUAL ENZYME ACTIVITY-pH FUNCTION 

The influence of pH on enzyme reactions has been variously explained 
on some one of the bases that either the enzyme or the substrate is a weak 
acid or base and that activity is correlated with the concentration of undis¬ 
sociated molecules or positive or negative dissociated molecules, as the 
case may be (1, 11, 22, 26). The experimental activity-pH curves are 

Kizotobacter possesses a highly specific enzyme system, azotase, capable of cata¬ 
lyzing the fixation of nitrogen gas at ordinary temperatures and pressures Its 
properties are constant and characteristic, and have been described in detail else¬ 
where (6). In brief, no activity occurs below a critical concentration of hydroxyl 
ion of 10“® M (pH 5.97). Ca or Sr and Mo or V are required for its operation, being 
replaceable by no other elements. The Michaelis dissociation constant, Km^^, or 
nitrogen pressure at half-maximum velocity, is 0.215 atmosphere. and the pH 

limit at 5.97 rt 0.02 are not affected by any known factor, including concentration of 
calcium or strontium. Specific inhibition by hydrogen ion and oxalate is reversible 
and non-competitive. Finally, unpublished data indicate that the 0/R potential (as 
imposed upon Azotohacter cells by various pressures of oxygen gas) must ordinarily 
be slightly but definitely lower for maximum azotase activity as compared to nitrate 
reduction, growth, or any other normal activity of Azotohacter, Nitrogen gas is 
ordinarily fixed by Azotohacter in intracellular form only, the amount being directly 
proportional to the amount of growth. The velocity of fixation becomes solely 
limited by the velocity of growth (generation time for cell division, or increase in cell 
mass) only when pH, nitrogen pressure, calcium concentration and 0/R potential are 
all adjusted to values specifically optimal for azotase activity. 

35 
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very similar to dissociation or dissociation-residue curves. Further 
emphasis is lent by the fact that enzyme systems usually contain protein¬ 
like components, and activity-pH curves likewise resemble the continuous 
pH functions of the physical properties of aqueous amino acids, polypep¬ 
tides or proteins, viz., solubility, viscosity, swelling, osmotic pressure, sur¬ 
face tension, alcohol number. 

The phases, or physically homogeneous regions, involved in enzyme 
activity are characterized at equilibrium by variability in chemical com¬ 
position and constancy in number, without regard to quantity or form. 
The essential element in the concept of phase is characterization of the 
properties of each phase by a definite number of degrees of freedom, or 
parameters (14, 19, 20). At constant temperature and pressure the equi¬ 
librium concentrations and ratios of the individual components, dissociated 
and undissociated, of any one phase, alter continuously over the entire pH 
range. The number of components and phases remains constant. The 
simplest type of base-acid equilibrium, occurring in dilute aqueous solution 
within a single phase at constant temperature and pressure, and first 
order with respect to all individual components, may be represented, in 
nomenclature resembling that of Bronsted and Guggenheim (4), by the 
equation 

B:^ A OH~ (1) 

where B and A are conjugate weak base and acid, differing in charge alge¬ 
braically by one. 

Equation 1 defines a two-component, one-phase system that istrivariant, 
since by the phase rule F==C — P-h2 = 2--l + 2 = 3 degrees of 
freedom. The mass law dissociation constant contains all individual com¬ 
ponents: 

Kb - (A)(OH-)/(B) (2) 

Curve I, figure 1, and curve I, figure 2, illustrate graphically the very 
common function represented by equation 1. Percentage dissociation is 
plotted against pH and (OH~) respectively, and a value of (OH"') exist¬ 
ing when the ratio (A)/(B) is unity is arbitrarily chosen as Af. This 

value represents attainment of 50 per cent maximum activity in the azotase 
function. Curves II, III, and IV, figure 1, and curves II, III, and IV, 
figure 2, present the functions obtained when hydroxyl ion is involved in 
equation 1 to some number (equation 2, some power) moderately but not 
greatly different from one, viz., 1/2,2, and 4. Plots against (OH~) as well 
as pH are given because although the latter are more common they are 
somewhat arbitrary and, in connection with equation 1, less direct (36). 

As approximations to these theoretical functions, curves V and VI, fig¬ 
ures 1 and 2, show typical, reversible, enzyme activity-pH functions, viz.. 



PHASE CHANGES IN ENZYME SYSTEMS 


37 


respiration and growth of Azotohader (6), plotted upon a basis of percentage 
of maximum activity. The differences are of a secondary nature. (0H~) 
appears to be involved to a power not far from unity, indicating a relatively 
simple system. Clark (9) cites numerous references to similar biological 
pH-functions, enzymic and otherwise. These usual functions have been 
described as a basis for comparison with the azotase function. 



Fig. 1. Comparison of Various Activity-pH Functions 

Curves I, II, III, IV, theoretical curves based on equations 1 and 2, with = 
10“^ ** and 1/2,1, 2, and 4 hydroxyl ions, respectively, involved. Curves V, VI, VII, 
respiration, growth (in nitrate) and nitrogen fixation (by azotase) in Azotohacter 
vinelandiiy from data of Burk, Lineweaver, and Horner (reference 6, figure 4). 

THE AZOTASE ACTIVITY-pH FUNCTION 

The unique activity~pH curve of azotase is reproduced in curve VII, 
figure 1 (cf. also curve VII, figure 2). The velocity constant of nitrogen 
fixation is plotted upon the basis of percentage of maximum activity. The 
distinctive characteristics of the curve upon which the phase rule analysis 
wiD be based are as follows. 

(1). It approaches a critical threshold pH limit at zero activity in a 
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manner concave downward, substantially perpendicular. The usual 
curves, plotted against pH as shown in figure 1, are S-shaped or double 
S-shaped (bell-shaped), and approach the pH axis asymptotically (con¬ 
cave upward). No finite critical pH is involved, except in certain types 
of minima to be discussed later. In the plot against (OH~) the curves 
intersect the (OH“) axis at the origin. 



Fig. 2. Compabiaon of Various Activity“(OH “) Functions 

Curves I, II, III, IV, VIII, IX, theoretical curves based on equations 1 and 2, with 
Kb and 1/2, 1, 2, 4, 16 and 24 hydroxyl ions, respectively, involved. Curves 

V, VI, VII, respiration, growth (in nitrate) and nitrogen fixation (by azotase) in 
Azotobacter, from data of Burk, Lineweaver, and Horner (reference 6, figure 4). 

(2) . The azotase function is reversible over an indefinitely extended 
period of time; this is true even considerably below the pH of zero activity, 
down to pH 5.0. A true thermodynamic equilibrium is therefore involved^ 
approachable from either side of pH 5.97. The usual functions generally 
show irreversible inactivation in a few minutes or hours at a pH where ac¬ 
tivity is still 20 per cent of maximum (curve III, figure 3). 

(3) . The pH limit is a characteristic constant, and has not been observed 
so far to be changeable beyond ±0.05 pH unit at most, if at all. Usual 
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functions may often be greatly shifted along the pH axis by various factors. 
An excellent example is the shifting of the oxygen-hemocyanin dissociation 
constant one and one-half pH units by 0.5 M sodium chloride (figure 3, 
curves I, lA), or similarly that of oxygen-hemoglobin by various salts 



Fig. 3. Comparison of Special pH Functions Obtained by Various 

Investigators 


Curves I and la, oxygen affinity constant of hemocyanin of Busycon canaliculalum, 
in presence and absence of 0.5 M sodium chloride, respectively, from data of Redfield 
and Ingalls (reference 31, figures 3 and 4; a = X 7.5 mm. mercury). Curve II, 
relative rate of respiration of Sarcina lutea^ from data of Rubenstein (reference 32, 
figure 6). Curve III, sedimentation velocity of hemocyanin of Hdix pornata^ from 
data of Svedberg and Heyroth (reference 33, figure 5; a — sedimentation velocity 
X 8.22 X 10“ cm. per second. Curves IV and IVa, relative concentration of ionized 
gelatin salt and relative rate of hydrolysis by pepsin (acid to isoelectric point) or 
trypsin (alkaline to isoelectric point), respectively, from data of Northrup (reference 
26, figures 4 and 5). Curve V, relative activity of azotase, from data of Burk, Line- 
weaver, and Horner (reference 6, figure 4). 

(reference 3, figure 191, p. 621). Daniel (10) changed the isoelectric point 
of gelatin over one pH unit by varying alcohol concentration up to 60 per 
cent. 

(4), The azotase curve shows tremendous molal buffering capacity over 
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the pH range involved^ 5*97 0.02 and 6.37 ± 0.02 (curve VII, figure 1). 

A change in activity from 0 to 100 (±2) per cent takes place in 0.4 pH unit. 
Usual enzyme curves require at least one and generally several pH units for 
only 95 per cent change. 

Many observations exist in the Hterature to the effect that a certain bio¬ 
logical process has a characteristic pH limit. Thus Clark (8) showed that 
certain strains of B. coli invariably stopped growing when a pH limit of 4.8 
was attained. In cases of this sort, however, the data rarely indicate the 
manner of reversible approach to the pH axis, especially when very close. 
For example, in curve II, figure 3, it is suggested that the dotted portion 
represents a certain amount of irreversible pH effect and that the reversible 
curve really becomes asymptotic as in the alkaline region. 

PHASE RULE ANALYSIS OF AZOTASE ACTIVITY-pH FUNCTION 

So far as the writers are aware there is only one interpretation, based, 
namely, on the phase rule, which is consistent with all four of the above- 
cited characteristics of the reversible reaction between hydroxyl ion and the 
inactive azotase residue: 


Aoh- ^ Ah+ + OH~ (3) 

where Aqh- aiid Ah^ are the active and inactive forms of the grouping in 
azotase specifically influenced by pH. The charges on Aqh- and Ah^ may 
be positive, zero, or negative, but differ algebraically by the number of 
hydroxyl ions involved, presumably one (see later). 

Equation 3 and curve VII, figure 1, describe a two-component system 
which is univariant under ordinary experimental conditions, where tempera¬ 
ture, pressure, and total cellular azotase concentration (Aqh- and Ah+) 
are held constant, and the state of the system is defined by the hydroxyl ion 
concentration of the external medium, no Aqh' existing below about pH 
5.97, no AH^• existing above this value. According to the phase rule the 
number of phases existing when the system is in equilibrium at pH 5.97 is 
three, thus: P = C — F + 2 = 2 — l-+-2==3. One phase, containing the 
hydroxyl ion, is aqueous, and the other two, consisting of Aqh- and Ah+, 
respectively, are therefore non-aqueous, either liquid, solid, or surface 
phases. It is assumed for the present that curve VII, figure 1, is strictly 
perpendicular and that the two non-aqueous phases are therefore pure 
components or compounds of fixed composition. The possibility that 
Aoh- varies somewhat in composition between pH 5.97 and 6.37 will be 
considered shortly. 

Since in heterogeneous equilibrium the absolute mass or quantity of one 
phase does not influence the composition of another phase, (Aqh-) and 
(AhO do not appear in the mass law dissociation constant: 


K » (OH") « 10-8 03 


(4) 
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In view of the equilibrium (H+)(0H“)/(H20) in the aqueous phase, equa¬ 
tions 3 and 4 might be written, so far as available experiments decide, 

AH+(non-aq) ;;=:^ AoH-(non-aq) + H+(aq) (3') 

K' = (H+) = 10-6 57 (4/) 

This ambiguity occurs commonly in base-acid equilibria and must be 
resolved by independent evidence (reference 9, 2nd ed., 1925, pp. 29, 306), 
e.g., migration experiments. Alteration of K in equation 4 (or iC' in 4') 
to an extent minute or otherwise, although unobserved so far, is theoreti¬ 
cally possible under the phase rule, as a function of temperature, total 
pressure, or the chemical composition of Aon - 

Comparable equilibria 

The heterogeneous equilibrium of equations 3 and 4 is comparable to 
well-known univariant gas-solid equilibria involving salt hydration. 
Thus, with, e.g., anhydrous copper sulfate and water vapor, no hydrate 
is formed at constant and ordinary temperatures until a certain critical 
water vapor pressure is reached, about 4.5 mm. This is the dissociation 
pressure of the monohydrate, at which point the anhydrous salt is all con¬ 
verted into the new compound, the monohydrate, before further rise in the 
equilibrium vapor pressure may occur, two solid phases (three altogether) 
existing during the meantime.^ The equations representing these phenom¬ 
ena of critical phase change, corresponding to equations 3 and 4, are: 

CuSOi-HoOCs) CuS 04 (p) + HjOCg) (5) 

A‘d,88 = (H 2 O) = 4.5 mm. at 50°C. (6) 

Here F = C — P + 2 = 2 — 3 + 2 = 1. In the system solid mono- and 
di-calcium phosphates in aqueous equilibrium at constant temperature and 
pressure at a given pH, the slightest change of pH in either direction results 
in the complete conversion of one solid to the other. This system is per¬ 
haps more analogous to the azotase system than salt hydration in view of 
the nature of the independent variable (pH) and the known role of calcium 

* In Bayliss^ phase rule analysis of the system hemoglobin-oxyhemoglobin- 
oxygen (reference 3, p. 617, last paragraph) three phases and two components were 
assigned in the equation F=*C-’P + 2 = 2 — 3-f2«l, and it appeared therefore 
that the system w’as formally comparable to the univariant system CaCOs (s)-CaO(s) 
-COa(g) (or, similarly, the case of salt hydration illustrated). This was taken to be 
anomalous inasmuch as bivariance was observed experimentally. However, from 
the nature of the dissociation curves (reference 3, pp. 620, 621) oxygen combines with 
hemoglobin at all pressures and hence hemoglobin and oxyhemoglobin occur in one 
and the same composition-varying phase, so that P=*2 — 2 + 2 = 2. This leaves no 
basis for the alternatives of either the existence of three components, or non-applic¬ 
ability of the phase rule to microheterogeneous systems. 
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in fixation. Amylase activity apparently involves an essential organic 
calcium component also (24). 

The pH region 5.97 to 6.37 

The azotase function appears to require some 0.4 pH unit to change 
reversibly from 0 to 100 per cent activity. Slight non-homogeneity of 
phase may be involved; it is well-known that even under equilibrium con¬ 
ditions the vapor pressure of liquids depends slightly upon the size of the 
droplets; the solubility of solids upon the size of the particles; the melting 
point without decomposition may vary a perceptible fraction of a degree; 
surfaces may depart somewhat from complete homogeneity, varying per¬ 
haps in curvature; and secondary factors ordinarily neglected may affect 
certain phase rule applications. Mathematically considered, the magni¬ 
tude of the region of phase change depends upon the phase spaces involved, 
in the sense employed in statistical mechanics. Zero velocity at pH 5.97 
represents in any case complete conversion of Aoh- to Ar^, and the 
attainment of maximum velocity above pH 6.37 complete conversion of 
AH^ to Aoh-> within experimental error. 

It is scarcely possible that 

AH^-(non-aq) -f OH" A'oH-(non-aq); phase change, pH 5.97 (7) 

and 

A'oH-(non-aq) -f- non- Aqh (non-aq); non-aqueoua solution, pH 5.97 to G.37 (8) 

where Ah+ is converted at pH 5.97 into a new but inactive non-aqueous 
phase, A'oh-j which becomes active upon further combination with, or 
solution of, aqueous OH~ ions over the region to pH 6.37, when all A'oh- 
is converted into completely active Aoh"» It is evident, comparing the 
upper portions of curve VII, figure 2, and curves IV or VIII, that the 
value of n in equation 7 must be much larger than in the usual enzyme 
dissociation, and, moreover, for the portion below 50 per cent activity that 
curve VII does not represent merely dissociation with some large power 
of n. If one plots the logarithm of the ratio of the concentrations of undis¬ 
sociated and dissociated molecules of an electrolyte against pH a line is ob¬ 
tained whose slope represents n, the number of hydroxyl ions involved in 
the dissociation. Such a plot of the azotase function does not yield a 
uniformly straight line but one which varies continuously, indicating that 
n varies. Between 6.3 and 6.15 appears to possess a fairly constant value 
of about 6, but at pH 6.0, where activity is only about 25 per cent of maxi¬ 
mum, it becomes 12, at 5.98, 31, and at 5.97 substantially infinite. 

PHASE CHANGE ALTERNATIVES 

A curve at relatively low activities, lying between curves VIII and IX, 
figure 2 (n = 16 and 24, respectively), would cross curve VII within experi- 
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mental error of measurement of zero activity (about 1 per cent of maximum, 
where Ah+/Aoh- == 100). The azotase pH limit 5.97 might thus be 
explained homogeneously, 

Aoh- ^ Ah+ H- 20 OII~ (9) 

K" = (OH-)*o(Ah-)/(Aoh-) (10) 

except for there being no chemical precedent for a molecule with some 
twenty (basic) groups titratable at the same pH. (The problems of limit 
(equation 9) and transition range (equation 7), each involving large values 
of riy are to be clearly distinguished.) 

Similarly, Aofi- and An+ might differ greatly in molecular weight. 

AqH’^ 20Ah+ + nOIi“ (11) 

/C'" = (OII-)«(Ah0*V(Aoh-) (12) 

Most properties of a molecule must be considered quantitatively as proper¬ 
ties of the whole molecule and not as the sum of the properties of the various 
composing groups or atoms. It is thus conceivable that the molecule 
within the azotase system specifically affected by OH~ is active only when 
possessed of a minimum molecular weight. Here again, however, numer¬ 
ous groups all dissociating reversibly at approximately pH 6.0 would have 
to be involved, for which there is no chemical precedent. Svedberg and 
Heyroth (33) showed that the sedimentation velocity of hemocyanin from 
Helix pomatia decreases about tenfold between pH 4.8 and 3.8 (curv^e HI, 
figure 3) and is accompanied by a roughly parallel decrease in molecular 
weight. Actually, however, the curve is reversible only in the earliest 
stages at the higher pH values; several hours exposure at 3.4 results in 25 
to 75 per cent permanent change. 

Certain properties of ampholytes, electric charge and cataphoretic or 
membrane potential, approach abrupt minima substantially linearly as a 
function of pH, as illustrated in curve IV, figure 3, for gelatin. In the case 
of hemoglobin the electric charge involved decreases reversibly to zero be¬ 
tween pH 8.4 and the isoelectric point 6.8, where it presumably changes 
abruptly to positive (26). Compared to curv^e VII, figure 1, however, such 
curves extend over a much greater pH range and do not appear capable of 
offering an alternative explanation for the assigned phase change in azotase, 
although they may represent accompanying phenomena. Moreover, the 
corresponding enzyme activity curves, e.g. curve IVa, figure 3, approach 
their minima concaved upward in the normal continuous manner. 

DISCUSSION 

The phase rule involves great generality and formality in one sense, but 
also high specificity, as a means of classifying a great variety of type reac- 
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tions, homogeneous or heterogeneous. It makes possible distinction be« 
tween change in number or kind of phase and mere change in phase compo¬ 
sition. The use of phase rule analysis will quite possibly be imperative* in 
certain cases of enzyme reaction velocity or enzyme stability where in¬ 
hibitors, accelerators, carriers, and substrates sometimes appear to act only 
above certain critical limiting concentrations. Thus Quastel and Whe- 
tham (29) find for certain dehydrogenases the equation t; ifc log (S/C) 
where the velocity t; = 0 when substrate concentration S = critical concen¬ 
tration C; by phase rule analysis there would appear to be a bivariant two- 
component, two-phase system, with an inactive non-aqueous phase in¬ 
variant in composition occurring below the critical concentration and an 
active substrate-solution phase above it (cf. equations 7, 8). 

In the case of nitrogen fixation, quite possibly the very nature of the 
reaction involved accounts for the phase change requirement. The disso¬ 
ciation energy of the nitrogen molecule is some volts or more 
(200,000 calories). This is enormously greater than the heats of activation 
of most enzymic reactions, which are rarely more than 10,000 to 20,000 
calories. Generally considered, heterogeneous catalysis is much more 
effective than homogeneous catalysis in causing unusually unreactive 
molecules to react. Cannan (7) has reviewed the evidence for the view 
that the catalytic action of enzymes is restricted to certain surface areas. 
QuastePs (28, 30) modified electric field theory of dehydrogenase activity 
and enzyme specificity provides for surface differentiation into specific 
areas or regions of unequal activity. Langmuir (19) has recently devel¬ 
oped a detailed extension of the phase rule to include surfaces of the most 
varied types, active and inactive, in which a surface may consist of several 
phases, differing in structure or composition, but not size or shape. The 
phases may thus be submicroscopic, as well as microscopic or macroscopic 
as in ordinary phase rule applications. This point is important in view of 
the fact that the Azotobacter cell is only about 2000 A.U. in diameter and the 

* However, McBain (21), in common with Loeb, Sorensen, Perrin, Pauli, and Smol- 
uchowski, holds that by phase rule a solution of reversible colloid, no matter how 
complicated, may be considered to behave toward external equilibria as a single 
phase. Buchner (5) concludes that while a colloidal solution may be regarded as 
either a one- or two- (or more) phase system, microheterogeneous systems in general 
seldom involve the formation of new phases and hence that the concept of phase will 
rarely be useful in connection therewith. He reviews various opinions on the nature 
of the concept phase and, while agreeing that heterogeneity may be considered rela¬ 
tive and not absolute (depending upon the smallness of particles and roughness of 
observation), inclines to the single phase view. On the other hand, the three-phase 
system azotase indicated in this paper throws new light on the problem, and 
strengthens the view that enzyme systems may consist of more than one phase, 
and that for some enzymes equation 1 might represent a two-component, two- 
phase, bivariant system rather than a two-component, one-phase, trivariant 
system. 
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enzyme systems within it of course very much smaller. It is not neceasary, 
in fact, that the Aqh- and Ah+ phases consist of more than some several 
hundred molecules, enough to sustain the statistically based, thermody¬ 
namic equilibrium observed experimentally. 

SUMMARY 

1. Azotase (nitrogen-fixing) activity in Azotobacter varies with pH ab¬ 
ruptly. A characteristic zero limit at 5.97 is approached reversibly and per¬ 
pendicularly. Phase rule analysis implicates a two-component hetero¬ 
geneous system with three phases in equilibrium at the critical pH: aque¬ 
ous, active non-aqueous, and inactive non-aqueous. The active (basic) 
component exists above the critical pH, the inactive (acidic) one below. 
Slight phase non-homogeneity may occur between pH 5.97 and 6.37. 
Interpretations of the abrupt pH function, alternative to phase change, 
such as normal acid-base dissociation, large molecular weight change, 
multiple basicity, and minimal charge or potential difference have been dis¬ 
carded as inconsistent with one or more characteristics of the reaction. 

2. Phase rule applications to microheterogeneous systems, surfaces, 
and problems of general enzyme reaction velocity and stability have been 
briefly indicated. 


REFERENCES 

(1) Arrhenius, S.: Quantitative Laws in Biological Chemistry. Blackie and 

Sons, London (1915), 

(2) Bayliss, Wm, : The Nature of Enzyme Action, 4th edition. Longmans, Green 

and Co., London (1919). 

(3) Bayliss, Wm. : Principles of General Physiology. Longmans, Green and Co., 

London (1924), 

(4) BrOnsted, J. N., and Guggenheim, E. A.: J. Am. Chem. Soc. 49, 2554 (1927). 

(5) Buchner, E. H. : Colloid Chemistry, Chap. 4, Vol. 1 (Alexander). The Chemi¬ 

cal Catalog Co., New York (1926). 

(6) Burk, D., Lineweaver, H., and Horner, C. K. : J. Bact., in press. Cf. also: 

Burk, D. : Chapter “Azotase and Nitrogenase in Azotobacter" in Ergeb- 
nisse der Enzymforschung by F. F. Nord and R. Weidenhagen, Vol. 
III. In press, Akademische Verlagsgesellschaft, Leipzig (1934). 

(7) Cannan, R. K.: Colloid Chemistry, Chap. 10, Vol. II (Alexander). The 

Chemical Catalog Co., New York (1928). 

(8) Clark, W. M. : J. Biol. Chem, 22, 87 (1915). 

(9) Clark, W. M. : The Determination of Hydrogen Ions. Williams A Wilkins, 

Baltimore (1920 et neq.). 

(10) Daniel,!.: J. Gen. Physiol. 16,457 (1933). 

(11) Euler, H.: Z. physiol. Chem. 61,213 (1907). 

(12) Fischgold, H., and Ammon, R.: Biochem. Z. 247, 338 (1932). 

(13) Fodor, a. : Das Fermentproblem, 2nd edition. Steinkopff, Dresden (1929), 

(14) Gibbs, J, W.: Am. J. Sci, III, 16,446 (1878). 

(15) Haldane, J. B. S.: Enzymes. Longmans, Green and Co., London (1930). 

(16) Hbdin, S. G. : Z. physiol. Chem. 164,252 (1926). 



46 


DEAN BtJRK AND HANS LINBWEAVER 


(17) Hitchcock, D. I.: J. Am. Chem. Soc. 48,2870 (1926). 

(18) Kuhn, R.; Die Fermente (Oppenheimer-Kuhn), p. 183. Thieme, Leipzig 

(1925). 

(19) Langmuik, I.: J. Chem. Physics 1,3 (1933). 

(20) Lewis, G. N., and Randall, M.: Thermodynamics, Chap. 2. McGraw-Hill 

Book Co., New York (1923). 

(21) McBain, j.: Colloid Chemistry, Chap. 5, Vol. I (Alexander). The Chemical 

Catalog Co., New York (1926). 

(22) Michaelis, L.: Die Wasserstoffionenkonzentration. Springer, Berlin (1914). 

(23) Michaelis, L., and Menten, W. L. : Biochem. Z. 49,333 (1913). 

(24) Nakamura, H.: J. Soc. Chem. Ind. Japan 34, Suppl. Bind., p. 16 (1931). 

(25) Nelson, J. M., and Vosburgh, W. C.: J. Am. Chem. Soc. 89, 790 (1917). 

(26) Northrop, J. H.: J. Gen. Physiol. 6, 263 (1922). 

(27) Northrop, J. H.: J. Gen. Physiol. 16, 295 (1932). 

(28) Quastel, j. H.: Biochem. J. 20, 166 (1926). 

(29) Quastel, J. H., and Whetham, M. D.: Biochem. J. 19, 520 (1925). 

(30) Quastel, J. H., and Wooldridge, W. R.: Biochem. J. 21,148,1224 (1927). 

(31) Redfield, a. C., and Ingalls, E. N.: J. Cell. Comp. Physiol. 1, 253 (1932). 

(32) Rubenstein, B. B. ; J. Cell. Comp. Physiol. 2, 27 (1933). 

(33) Svedberg, T., and Hetroth, F. F.: J. Am. Chem. Soc. 61, 550 (1929). 

(34) Weidenhagen, R., andLandt, E. : Z. Ver. dcut. Zuckerind. 80, 25 (1930). 

(35) Westenbrink, H. G. K,: Arch, n^erland. physiol. 16, 538 (1930). 

(36) Wherry, E, T.: Colloid Chemistry, Chap. 10, Vol. II (Alexander). The 

Chemical Catalog Co., New York (1928). 

(37) White, T. A.: J. Am. Chem. Soc. 66, 556 (1932). 

(38) Willstatter, R.: Ber. 66, 3601 (1922). 



EFFECTS OF ALPHA PARTICLI^S ON AQUEOUS SOLUTIONS^ 
I. The Decomposition of Watek 
II. The Oxidation of Ferrous Sulfate 
CARL E. NURNBERGER 

Laboratory of BiophysicSj University of Minnesota^ Minneapolis^ Minnesota 
Received August 22^ 193S 

There is nuich evidence to show that the primary action in gases due to 
alpha radiation is ujnization. Since it is found true in gases at high pres¬ 
sures, it might therefore be expected to be true in many liquids. Water 
was the first liquid investigated; however, the idea of ionization was not 
•present in the earliest work. In 1907, Cameron and Ramsay (1) studied 
for the first time the decomposition of water by radon. Tliere soon fol¬ 
lowed a series (2, 8, 19) of investigations out of which evolved some 
experiments which practically ended further study of this particular reac¬ 
tion. The experiments were i)erformed by Duane and Scheuer (3) in the 
laboratory of Madame Curie. They found that 2.9 cc. of gas are formed 
per curie hour when carefully prepared distilled water is irradiated with 
alpha rays. Water molecules were decomposed with a yield of nearly one 
molecule per ion pair. The gas formed, however, was not an electrolytic 
mixture of hydrogen and oxygen, but always contained an excess of hydro¬ 
gen. They concluded that hydrogen peroxide was formed by the second¬ 
ary action of nascent oxygen on water. Kernbaum (8) had observed the 
same phenomena in an earlier experiment. He measured the amount of 
hydrogen peroxide in the irradiated water and found a sufficient quantity 
to account for the excess hydrogen. 

In 1911, Lind (10) reported some results on the irradiation of liquid 
hydrogen bromide and solutions of potassium iodide. Recently Lind and 
Ogg (16) have cited some further results on the decomposition of liquid and 
gaseous hydrogen bromide. Liquid hydrogen bromide was decomposed 
with a yield of 2.6 molecules per ion pair, which is remarkably close to the 
yield of 2.8 for gaseous hydrogen bromide. 

The author wishes to report here some further observations on the decom¬ 
position of water and some new studies on the oxidation of aqueous solu- 

1 From a thesis submitted by Carl E. Nurnberger to the Faculty of the University 
of Minnesota in partial fulfillment of the requirements for the degree of Doctor of 
Philosophy. 
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tions of ferrous sulfate. In particular, it is desirable to follow the reactions 
by measuring quantitatively the gas produced and the substances changed, 
and to express them in terms of the ionization produced by alpha particles 
emitted from the radioactive gas, radon. 



EXPERIMENTAL 

Two different experimental methods have been used and the apparatus 
for both is shown in figure 1. The methods are designated the direct and 
the indirect method. In the former, radon is placed in direct contact with 
the liquid, where a part of it is dissolved and the rest remains in the gas 
volume above the liquid surface. In the latter method, radon is confined 
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to an alpha-ray bulb (11) immersed in the liquid. Radon in the direct 
method distributes itself between the liquid and the gas volumes, and the 
effective amounts in each will depend upon their relative volumes and the 
area of the liquid surface. The first factor determines the quantity of 
radon dissolved in the liquid where complete absorption of alpha particles 
occurs; the second factor determines that portion of the alpha particles 
which have their source in the gas volume, but which strike the liquid sur¬ 
face. The latter may be partially eliminated by the use of irradiation 
chambers wherein the liquid surface is small. The dotted portion of 
chamber A (figure 1, direct method) indicates the liquid volume. The 
liquid surface rests in the tube F, whose cross-sectional area is about 0.1 
sq. cm. The liquid volumes for both methods (A and B) were varied from 
15 cc. to 60 cc. for different experiments. The gas volumes (F, direct 
method, and F 2 plus g, indirect method) were varied from 1 to 5 cc. and 
from 5 to 10 cc. for the direct and indirect methods, respectively. 

Radon, w'hich had previously been collected, purified,^ and stored in 
small glass bulbs of about 4-mm. diameter, was brought into the apparatus 
through a side tube of the traps Pi, P 2 , and P3. The side tube is then 
sealed and the entire system is evacuated, after which mercury is brought 
into the manometer (Mi and M 2 , figure 1) to a point above the stopcocks. 
The radon gas is released directly into the reaction chamber (A and Fi, 
direct method; B, C\ and F 2 , indirect method), when the storage bulb is 
broken. The storage bulb is broken when struck by an iron-glass capsule 
which had been raised a few centimeters above the bulb by an electro¬ 
magnet and then allowed to fall. Mercury is then raised to a fixed point 
near the top of the left-hand side of the manometer. All of the radon is 
thus confined to the reaction chamber. In the other side of the manom¬ 
eter, which is open to the atmosphere, the mercury surface rests near the 
bottom at the beginning of the experiments. The gas volume is kept con¬ 
stant by having the stopcocks immediately below^ the traps closed except 
when pressure observations are taken. The strengths of the radon storage 
bulbs were determined beforehand by a careful determination of their 
gamma-ray activity as compared to the activity of two standard radium 
preparations. 

The alpha-ray bulbs (R, figure 1) were located to one side of the chamber 
B so that they were protected against breakage when samples of the 
irradiation liquids w^ere removed. Radon was confined to the alpha-ray 
bulbs when the gas had been released in the trap P 2 , as described previously, 
and mercury had been raised to the topmost point of the capillary tube 
sealed to the bulb. The mercury surface maintained this position without 
fluctuating much in either direction. 

* The radon gas was obtained from the Radium Emanation Plant in the Cancer 
Institute of the University Hospital, Minneapolis. 
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Clean apparatus, particularly the reaction chamber, is absolutely neces¬ 
sary to obtain consistent results. All substances are probably attacked in 
one way or another by the rays from radioactive elements. Usually gases 
are evolved and various forms of impurities are left in the system. In 
particular, stopcock grease gives off organic gases and, in order to eliminate 
them, all stopcocks were situated so as not to come in direct contact with 
radon. Impurities in the liquid chamber may inhibit or accelerate the 
action of alpha rays and therefore should be eliminated. The entire glass 
system was thoroughly cleaned and dried preceding each experiment. 

The reaction chambers were immersed in a constant temperature water 
bath. The temperature of the bath was set a few degrees below room 
temperature in order to eliminate partially condensation of the liquid vapor 
in the manometer. The liquids were stirred constantly during each experi¬ 
ment by the motion of a round glass bead. The soft iron core of the bead 
was alternately attracted and released by an electromagnet about twenty 
times per minute. This arrangement for stirring the liquids proved to be of 
much help to keep the liquid and gas volumes constant during the evacua¬ 
tion of the system. Without the stirrer large bubbles of gas formed in the 
liquid. When they were released, drops of liquid were carried with them 
into the manometer. However, when the stirrer was o]x?rating, the gas 
bubbles were released when small and practically none of the liquid was 
taken from the reaction chamber. 

The gaseous mixture evolved by the rays was exploded by producing a 
spark between the electrodes Si and S 2 (figure 1). In the first experiments 
platinum wires were used for the electrodes. Irregularity in the pressure 
during sparking was observed. The gas remaining after several explosions, 
presumably hydrogen, would on further sparking disappear almost entirely, 
only to reappear at the next explosion. This troublesome feature was par¬ 
tially eliminated by saturating the system with hydrogen before the experi¬ 
ment began; however some irregularities still remained. They were finally 
eliminated by using tungsten instead of platinum electrodes. 

The irradiated water was collected from a laboratory still and was furt her 
purified by repeated distillations in an all-Pyrex glass still. The water was 
placed immediately in the irradiation chamber and subjected to a partial 
vacuum for at least two hours before the experiment began. The initial 
gas pressure was in most experiments not more than 30 mm. of mercury. 
Even though the surface area of the water was small, about 0.1 sq. cm., most 
of the absorbed gases were removed, owing to the continuous stirring. 
After this preparation the water was ready for irradiation and no gases 
other than those evolved by the rays came in contact with it. Some pre¬ 
liminary measurements on the conductivity of the water gave 3X10“^ 
mhos. 

Aqueous solutions of ferrous sulfate, when irradiated with x-rays, were 
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first studied by Fricke and Morse (4). The results of their experiments 
suggested the possibilities of a similar study using alpha radiation instead 
of x-rays. Solutions for irradiation with alpha rays were made from a stock 
solution of 0.5 molar ferrous sulfate in 0.8 normal sulfuric acid, and were 
standardized by titrating with a standard solution of potassium dichro¬ 
mate. Chemically pure potassium dichromate was recrystallized three 
times and dried two days at a temperature of 110®C. The titration meas¬ 
urements were made according to the method of Kolthoff and Furman (9). 
To 5 cc. of the solution was added 50 cc. of 0.8 N sulfuric acid. The mix¬ 
ture was stirred and titrated with potassium dichromate from a burette 
calibrated to read 0.05 cc. accurately and which could be estimated to 0.02 
cc. The concentration of each solution was tested immediately before and 
after each experiment to avoid errors due to spontaneous changes which 
might occur. At least two independent titrations were made on each 
sample, and their average value was used to calculate the per cent of 
ferrous sulfate changed. 


RESULTS 

/. The (kconi posit ion of water 

The decomposition of water by alpha rays was studied primarily because 
it offered a means of standardizing the apparatus by a comparison of the 
results obtained with it and the results of earlier work, and because it might 
be used as a method of measuring the transmission of alpha-ray bulbs. 
This method, to the author’s knowledge*, has not been used before, and 
therefore it will be described in detail later in the paper. 

Theresultsof one experiment, selected from a large groupon the irradiation 
of water by radon dissolved in the water, are recorded in the top of table 1. 
The gas volume was kept constant and the gas pressure was obsened at 
regular inten^als immediately before and after the explosion of the gaseous 
mixture. The temperature of the reaction ve.ssel remained constant. All 
gas pressures and volumes recorded in table 1, and in all tables which follow, 
are expressed in millimeters of mercury and cubic centimeters at 0®C\ and 
760 mm. pressure, respectively. The initial quantity of gas in the reaction 
chamber has been subtracted from all later volumes. The last value of V 
is, except for certain corrections which shall be discussed later, the total 
quantity of gas produced by the rays. Fh is practically all hydrogen and 
represents an excess over the amount which results from the reaction, 
2 H 2 O = 2 H 2 + O 2 . V' is equal to V plus an amount of oxygen equivalent 
to the excess hydrogen. 

The course of the reaction is demonstrated in figure 2. The per cent of 
radon decayed was calculated from the Kolowrat tables. The per cent of 
completed reaction is equal to F'/F* X 100, where T’' is defined in the 
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Gas yield in the decomposition of water by radon 
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Direct method 


Water volume » 19.0 cc.; gas volume » 4.33 cc.; initial quantity of radon =» 
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11.9 

10.9 
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41.8 
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0.221 
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2.015 

1.6 

15.8 
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1.17 

20.7 
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0.034 
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1.4 

18.9 
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0 221 

3.345 

0.033 

3.361 

0.9 

25.9 

24 7 

2.15 

20.2 
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Indirect method 


Water volume « 15.9 cc.; gas volume - 4.33 cc.; initial quantity of radon » 
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3.2 
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0.039 
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25.5 
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38 4 
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41.3 
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0.225 
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41.6 
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22.6 

37,1 

18.6 
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0.227 

1.073 

0 227 

1.186 

21.1 

50.0 

46.5 

4.81 

21.8 

33.4 

17.5 

0.408 

0.214 

1 254 

0.214 

1.361 

17.0 

57.8 

53.4 

5.97 

22.0 

33.2 

17.3 

0.405 

0.211 

1.445 

0.211 

1.550 

14.6 

65.8 

60 6 

6.99 

21.9 

31.1 

15.6 

0.380 
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1 614 
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1.709 

11.7 

71.4 

66.9 

8.21 

22.0 

25.5 

16.0 

1 0.311 
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1.735 
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1.832 

11.2 

77.1 

71.8 

9.94 

21,8 

27.4 

12.5 

0.335 

0.153 

1.875 

0.153 

1.951 

8.1 

83.0 

76.5 

11.01 

21.7 

21.4 

13.4 

0 262 

0.164 

1.984 

0.164 

2.066 

8.2 

86.0 

81.0 

13.98 

22.4 

28 1 

12.5 

0.343 

0.152 

2 163 

0 152 

2.239 

7.0 

91.5 

87.8 


pi ** gas pressure before each explosion, 
pa = gas pressure after each explosion. 
vi =» gas volume before each explosion. 
v% ■» gas volume after each explosion. 

V =■ sum of the gases produced in the intervals between explosions. 
Fh “ gas left in the reaction chamber after each explosion. 

-F + iFH. 

X 100 * per cent of completed reaction. 

** temperature of the water bath. 
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preceding paragraph, and is the total quantity of gas which would have 
been produced if all of the radon initially dissolved in the water decayed. 
Foo is calculated from the total gas yield per millicurie as observed at the 
end of the experiment. 

The results agree in the main with the observations of earUer work. The 
per cent of radon decayed and the per cent of completed reaction (figure 2) 
are in approximate agreement throughout the experiment. This is in 
accordance with the general law deduced by Cameron and Ramsay (1) 
that the rate of production of gas is proportional to the quantity of radon 
dissolved in the water. The per cent of excess hydrogen, which is equal 



1 23-^56789 10 11 

Time In days 

Fig. 2. Decomposition op Water bt Radon (direct method) 

O per cent of radon destroyed; • per cent of completed reaction; Q per cent of 
excess hydrogen. 


to X 100 (table 1), decreases as the experiment proceeds, as observed 


by Duane and Scheuer (3). They explain the decrease as existing when the 
quantity of hydrogen peroxide formed by the secondary action of nascent 
oxygen on water reached an amount such that its rate of decomposition, 
both spontaneous and that caused by the rays, is equal to its rate of forma¬ 
tion. 

The most marked departure from the results of Duane and Scheuer 
occurs in the quantity of gas produced per millicurie of radon destroyed 
as measured experimentally. Their yield is 0.383 cc. per millicurie, while in 
table 1 the 3 deld is equal to 0.164 cc. per millicurie. The discrepancy was 
expected, since their value refers to complete absorption of all alpha-rays in 
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the water, to complete evolution of the hydrogen and oxygen to the gas 
phase, and without any recombination of the gases. These conditions 
cannot be had experimentally when the direct method of procedure is used, 
and therefore, the yield of 0.164 cc. per miUicurie is too low. 

The distribution coefficient of radon in water at various temperatures (6) 
has been determined. In particular, at 20.5°C. the coefficient is equal to 
0.248. The initial quantity of radon in water and in the gas is given by the 
formulas, 

-f- Eg 

and 


EjEg « VJVg a 

where is the total initial amount of radon, is the initial amount dis¬ 
solved in the water, Eg is the initial amount dissolved in the gas, a is the 
distribution coefficient, and Vw and Vg are the water and gas volumes, 
respectively. Application of these formulas to the results recorded in the 
first part of table 1, gives 43.3 me. of radon dissolved in the water and 39.7 
me. distributed in the gas. Since 77.4 per cent of the radon was destroyed, 
33.5 me. and 30.7 me. were destroyed in the water and in the gas, respec¬ 
tively. 

The amount of hydrogen and oxygen absorbed by the water is not indi¬ 
cated directly, but can be calculated from the partial pressures of the 
oxygen in the following manner. When the gaseous mixture is exploded, 
practically all of the oxygen and an equivalent amount of hydrogen is 
removed from the water, and hydrogen alone is left in the reaction chamber. 
This assertion is substantiated by the experimental fact that the gas pres¬ 
sure decreases to a constant value even though the gases were sparked 
many times thereafter. The amount of oxygen dissolved in the interval 
between explosions is determined from its average partial pressure in the 
interval and its solubility in water (0.0286 cc.). There were fifteen explo¬ 
sions in the particular experiment recorded in table 1. A total of 0.464 cc. 
of oxygen and the equivalent amount, 0.928 cc., of hydrogen, was removed 
from the water. This oxygen and hydrogen should be added to the total 
yield, the last value of F', recorded in table 1. 

The third correction to be applied to the gas yield results from the recom¬ 
bination of hydrogen and oxygen due to the ionization in the gas by alpha 
particles and recoil atoms. This particular reaction has been investigated 
by Scheuer (18), Lind (12), Lind and Bardwell (13), and others. Lind 
found that for each pair of ions 3.85 molecules of water are formed. There¬ 
fore, to determine the quantity of gas used in the formation of water, the 
intensity of ionization in the gas must be known. The number of ion 
pairs, which depends upon the average path of the alpha particles, is 
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difficult to obtain, owing to the irregular shape of the reaction chamber, a 
major portion of which is cylindrical. Lind and Bard well (14) have tested a 
formula for the average path of alpha particles in small spheres and found 
the average path to be 0.61 r, where r is the radius of the sphere. Lunn 
extended calculations to geometrical forms other than spheres, and con¬ 
cluded that the formula is applicable to cylinders whose lengths are not 
greater than their diameters by a factor of 10. These cylinders are treated 
as spheres of equal volumes. Accordingly, the formula, /> = 0.61 r, is 
applicable to the major part of the reaction chamber described in figure 1. 
The total number of ion pairs produced in the gas is equal to 

n X iEo (l - e~ X 2A X W X p X i X 

where n is the number of alpha particles emitted when 1.0 me. of radon in 
equilibrium is destroyed [5.34 X 10^^, (5)]; Eail — Is the amount of 
radon destroyed in the gas phase; 2.4 X 10^ is the number of ion pairs per 
alpha particle per centimeter of path in air at 0°C. and 760 mm. pressure; 
p is the average path of the alpha particles; i is the specific molecular ioniza¬ 
tion of the gaseous mixture and is equal to 0.52 when referred to air as 

unity; P is the gas pressure; and ^ - (15) is a factor which includes the 

a 

effects of recoil atoms. For the particular reaction chamber and experi¬ 
ment described in table 1, is equal to approximately 1.9. Evaluation 

a 

of the expression gives 40.5 X 10*^ ion pairs. Since 5.76 molecules of H> + 
Oo are recombined per ion pair, then 

40.56 X 10^^ X 5 76 _ ^ 

2.705 X 10'^ 

or 0.5 cc. of gas was lost, owing to the ionization produced by alpha par¬ 
ticles and recoil atoms. 

The total quantity of gas produced takes the value 12.4 cc. (0°C. and 
760 mm. pressure) when the gas lost by absorption in the water and recom¬ 
bination in the gas phase is added to the final value of E' in table 1. The 
new yield per millicurie of radon destroyed in the water is equal to 12 4/ 
33.5, or 0.371 cc. per millicurie. 

The gas yield becomes more significant in the theory of ionization and 
chemical reaction when expressed in terms of molecules reacting per ion 
pair. It is commonly expressed as Mn^o/^ where il/H.o is the number of 
water molecules decomposed and N is the number of ion pairs produced in 
the water. is equal to F-2/3-2.705 X 10^®, where V is cubic centi¬ 

meters of gas produced per millicurie destroyed, 2.705 X 10^® is Loschmidt’s 
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number, and the factor 2/3 is used since two molecules of H 2 O decomposed 
gives three molecules of Hj + O 2 . N is equal to 1.78 X 10“ (1.67 + 1.83 + 
2.37) X 10^ X i, where 1.78 X 10“ is the number of alpha particles emitted 
when 1 me. of radon is destroyed, (1.67 + 1.83 + 2.37) X 10® is the number 
of ion pairs produced by one alpha particle from each of the three sources, 
radon, radium A, and radium C in air under standard conditions, and i is 
the total specific ionization of water and is equal to 0.82 when referred to 
air as unity. Evaluation of Ma^/N gives 0.78. This is below the range 
of values, 0.86 to 1.02, of Duane and Scheuer (3). Other experiments in 
addition to table 1, gave M/N values consistently less than Duane and 



123456789 10 11 
Time m days 

Fio. 3. Decomposition of Water by Radon (indirect method) 

O per cent of radon destroyed ; • per cent of completed reaction; © per cent of 
excess hydrogen. 

Scheuer’s. The discrepancy is probably insignificant, for in ssrstems where 
large quantities of water are used, the heterogeneous equilibrium of the 
gases depends upon factors which are difficult to correct. 

In the calculation of the gas yield it was assumed that radon is in radio¬ 
active equilibrium with its decay products when the experiments began, 
and furthermore, that radon dissolved quickly in the water. Actually, 
equilibrium is not reached until about five hours after the experiment begins, 
so that the alpha particle emission is less for this part of the experiment 
than it would be if equilibrium really existed. There is, however, no con¬ 
sistent lag in the gas yield during the first few hours, and therefore the 
errors introduced by the assumptions are negligible. 
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Quantitative measurements of the irradiation of substances with radon 
confined to alpha-ray bulbs can be made provided the transmission of the 
alpha rays through the glass wall of the bulbs is known. The alpha-ray 
energy available after passage through the bulb is usually expressed in 
terms of their range in air or their total ionization in air under standard 
conditions. It is proposed to use here a unit which denotes the number of 
cubic centimeters of gas produced when the rays are absorbed by water, 
and in particular, to use the yield, 0.383 cc. of gas per millicurie destroyed, 
for 100 per cent transmission. 



Fig. 4. Calibration of Alpha-ray Bulbs Nos. 1 and 2 by the Decomposition of 

Water 

X and X indicate two experiments on ferrous sulfate 

The transmissions of several alpha-ray bulbs were tested and the results 
of a typical experiment are recorded in the bottom half of table 1. The 
experimental procedure was the same as was used in the other method, 
except that radon was confined to the alpha-ray bulb (R, figure 1) instead 
of being dissolved in the water. 

The method is complicated somewhat by the failure of the gas yield to 
follow closely the law of Cameron and Ramsay. The per cent of com- 
V' 

pleted reaction X 100) lags behind the per cent of radon decayed as is 
' 00 

indicated in figure 3. Furthermore, the excess hydrogen has a higher 
initial value and also appears to decrease more slowlv than it did in the 
direct method. 
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The departure of the gas yield from the general law is demonstrated more 
clearly in figures 4 and 5. The gas yield per millicurie of radon is not con¬ 
stant, but appears to increase and approach a constant value as the quan¬ 
tity of radon in the bulbs decreases, or as the intensity of the rays decreases. 
In figure 3, curves 1 and 2 represent results with two different alpha-ray 
bulbs, and the difference in yields is due to differences in thickness of the 
bulbs. Plotted in curve 2 of figure 4 are the results of three experiments on 
water and two on ferrous sulfate solutions. The first experiment on water 
began immediately after the alpha-ray bulb had been filled with 105 me. of 
radon and ended after 1 day and 27 hours. The second began after 
approximately 60 per cent of the radon had decayed and continued 1 day 
and 24 hours. The last experiment began after a new supply of radon had 
been added to the bulb. Between the second and third experiments, indi- 


ro 

I 

O 

X 



Fig. 5. Caubbation op Alpha-ray Bulb No. 3 by the Decomposition op Water 
• new bulb; o after the bulb had been refilled many times 

cated by the dashed portion of the curve, concentrated solutions of ferrous 
sulfate were irradiated with the same alpha-ray bulb, and the gas yields, 
corrected for excess hydrogen, are indicated by the crosses. The crosses 
are situated above the curve such that if the gas yield from water had been 
constant (dotted line) with a value equal to the yield near the end of the last 
experiment, the crosses and the new points for water would lie approxi¬ 
mately on the same straight line. This fact, as will be mentioned later, 
has an important significance in the explanation of the variation of yield 
with ray intensity. The top curve in figure 4 represents an experiment on 
the irradiation of water by the direct method. The radon in millicuries 
plotted as abscissas is dissolved in the water. The difference in the varia¬ 
tion of gas yield with ray intensity for the two methods of experiment is 
demonstrated clearly. 
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In figure 5, the results of two experiments with the same alpha-ray bulb 
(No. 3, table 2) are shown. The agreement is fair except for the latter parts 
of the experiments. Here, the maximum variation is about 16 per cent, 
which is outside of the observational errors. The discrepancy may be due 
to the fact that the bulb had been filled with radon many times when the 
data for the lower curve was obtained. There may have been some mer¬ 
cury vapor or other substances condensed on the inside surface of the bulb 
which would give the effect of reducing the gas yield. In the course of the 
work it was noticed that small black deposits, probably some oxide of 
mercury, were visible on the bulbs. These bulbs were removed from the 
system and cleaned with nitric acid and water. This is a delicate process of 
manipulation and occasionally the bulbs were broken. 


TABLE 2 

Calibration of alpha-ray bulbs 


MULU NO 

DIAMETEH 

DAYa 

ItADON 

Eo 

y, 

PEU CENT OF 

TOTAIj 

1 TRANSMISSION 

PER CENT OF 

ALPliA-KA) 

TRANSMISSION 

1 

nitllimHera 

1.8 

13 8 

miUn urit s 

112 5 

7 708 

18 6 

15 3 

2 

2 5 

1.88 

105 0 

1 041 

8 4 

4 8 



1.60 

31 4 

0 359 

10 8 




7 73 

12 3 

0 449 

11 5 




1 87* 

53.1 

0 773 

12 4 

9 0 



1.25* 

72 6 

0 709 

12.2 

8.9 

3 

1.8 

13 9t 

69 1 

2 239 

8 7 

5 0 



10 7 

91 9 

3 307 

10 4 

7 0 


* Ferrous sulfate. 

t The low per cent of transmission is probably due to mercury vapor condensing on 
the inside wall of the alpha-ray bulb. 


A summary of the results on the irradiation of water with radon in alpha- 
ray bulbs is given in table 2. The per cents of total transmission and alpha- 
ray transmission are shown in columns 6 and 7, respectively. The total 
radiant energy includes not only alpha rays, but also beta and gamma rays. 
The gamma-ray energy, however, is negligible, since the whole of it is a small 
per cent of the total radiant energy, and only a small part is absorbed by the 
water. On the other hand, an appreciable part of the gas is produced by beta 
rays, since practically none of them are absorbed by the glass while a large 
portion is absorbed by the water. From Rutherford’s (17) estimation of the 
distribution of the total radiant energy from radium in equilibrium between 
alpha, beta, and gamma rays, and from the assumption that the total 
alpha-ray energy is divided equally between the four sources, radium, 
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radon, radium A, and radium C, it can be shown that approximately 4.1, 
5.9, and 90.0 per cent of the total radiant energy from radon in equilibrium 
is possessed by the beta, gamma, and alpha rays, respectively. Since 0.383 
cc. of Ha + O 2 (Duane and Scheuer’s value) is produced when all of the 
alpha rays from 1 me. are absorbed in water, then 0.383/0.9, or 0.426 cc., is 
produced when all of the alpha, beta, and gamma rays are absorbed. 
The latter rays produce 0.025 cc., and therefore 0.401 cc. is produced by the 
beta and alpha rays. If this factor represents 100 per cent transmission of 
all beta and alpha rays through the glass wall of the alpha-ray bulbs, then 
a simple arithmetical calculation from the gas 5 delds from various bulbs 
gives their per cent of total and their per cent of alpha-ray transmissions. 

Unfortunately, the thinnest bulb. No. 1, was broken when the gaseous 
mixture was exploded in a second test of its wall thickness. At least six 
bulbs, in reaction vessels of gas volumes varying from 5 to 10 cc., and whose 
yields were larger than 0.06 cc. per millicurie of radon destroyed, were 
broken when the hydrogen and oxygen were removed by the electric spark. 
This yield represents a transmission of approximately 12 per cent of the 
alpha-ray energy, and is apparently the maximum allowable transmission 
without breaking the bulbs in the particular systems used in these ex¬ 
periments. 

The experimental results lead to the conclusion that the variation of gas 
yield with radiation intensity is a result of the recombination of ions in the 
water before they become electrically neutral and pass to the gas phase. 
The liquid volume wherein the ions are produced is exceedingly small, and 
if large quantities of radon are contained in the bulbs, the ionic concentra¬ 
tion is of the same order of magnitude as the molecular concentration of the 
water. The alpha-ray bulbs ranged in size from 1.5 mm. to 2.5 mm. in. 
diameter. The range of the alpha rays in the water is not more than a few 
hundredths of 1 mm. Therefore, all of the ions are produced in a thin 
layer of water immediately surrounding the bulbs. The idea of recombi¬ 
nation of ions is supported by the fact that when the molecules of a concen¬ 
trated solution of ferrous sulfate offer another means of escape for some of 
the ions, then their chances of recombination are reduced, and more become 
neutralized and escape to the gas phase. If, in the experiments with 
ferrous sulfate, an amount of oxygen equivalent to the hydrogen which is 
produced, is added to the hydrogen, then the new gas yield assumes a value 
approximately equal to the gas yield from water for the lower intensities of 
irradiation. This fact was mentioned previously and is indicated by the 
crosses in curve 2 of figure 4. 

The results of Duane and Scheuer in their first experiment indicate a 
slight departure from the law of Cameron and Ramsay, while their second 
and third do not. They apparently gave no significance to it, but it is in¬ 
teresting to note in connection with the more marked discrepancy observed 
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here, In their first experiment, the capillary tube in which radon was used 
was approximately six times thicker than in the other two experiments. 
Therefore the range of the alpha particles was less, and, consequently, the 
region of ionization was smaller. Additional evidence that the ionic con¬ 
centration may depend appreciably upon the range was observed here. 
One of the smallest bulbs and with the greatest wall thickness, gave results 
with the greatest variation from the general law. 

The method of calibrating alpha-ray bulbs described in the preceding 
pages has some advantages over other methods commonly used. This is 
particularly true when the bulbs are used in systems where complete ab¬ 
sorption is desired. Here, the calibration is determined in the chamber 
which is later used for other reactions. The transfer of bulbs from one 
system to another is eliminated. The bulbs may be filled several times with 
a new supply of radon, and one bulb may be used in several different experi¬ 
ments. The transmission is the average transmission for all parts of the 
bulbs, regardless of the non-uniformity of wall thickness. The thick spots 
at their tops and the thick portions around the steam are given their proper 
weight in the average value. One disadvantage is the relatively long time 
required for a careful determination of the transmission. The minimum 
time is about five days when 50 me. of radon are used. This time, how¬ 
ever, depends upon the capacity of the reaction chamber. 

II, Oxidation of ferrous sulfate 

The effects of alpha rays in solutions of ferrous sulphate in 0.8 normal 
sulfuric acid were studied by both the direct and indirect methods. Gas 
yields were determined. The procedure and the notation used in recording 
the results is the same as was used in the experiments on water. The solu¬ 
tions were stirred continuously and their temperature was kept constant. 
Furthermore, the quantity of ferrous sulfate changed was determined by 
electrometric titrations. 

Three particular points of interest were investigated. It was desirable 
first, to study the behavior of the excess hydrogen during the course of an 
experiment; second, to determine the relationship between alpha-ray 
dosage and the per cent of ferrous sulfate changed; and third, to investigate 
the effects in solutions of different concentrations. These points will be 
discussed in the order named. 

Some results of both methods are recorded in table 3. The course of the 
reaction is demonstrated in figures 6 and 7. The most marked difference 
in the gas yields from ferrous sulfate and the yields from water is the high 
percentage of gas left in the reaction chamber of the former when the 
gaseous mixture is exploded. This residual gas is assumed to be hydrogen 
alone; however, at the present time, no qualitative analysis of the gas has 
been made. If the assumption is correct, then near the end of the experi- 
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ment described by figure 6 the gas is almost exclusively hydrogen and in 
%ure 7 the gas consists of nearly 97 per cent hydrogen. The action of the 
alpha rays on the ferrous sulfate molecules is probably a secondary effect 
which results from the primary decomposition of the water. The oxygen 
from the decomposed water is used in the oxidation of the ferrous ion, and 
consequently, the only gas which escapes from the liquid is hydrogen. 


TABLE 3 

Cos yield in the oxidation of ferrous sulfate by radon 


DAYS 

Tw 

Pi 

Pj 



V 


V' 

PER 

CENT 

PER 

CENT 









RADON 

USED 


Direct method 

0 0385 molar FeS 04 in 0.8 N H 2 SO 4 


Solution volume = 15.0 cc,; gas volume = 4.99 cc.; initial quantity of radon = 
24.4 me.; ferrous sulfate changed — 25 per cent 


0 

24 6 


30 0 


0.181 








0.47 

24 4 

88.7 

87.7 

0.535 

0.528 

0.353i 

0.347 

0.527 

98.3 

8.3 

9 

2 

1.03 

24 8 

128.9 

127.9 

0.775 

0.769 

0.601 

0.589 

0.895 

98 0 

17 0 

15 

9 

2.41 

24.6 

255.0 

255.0 

1.536 

1.536 

1.367 

1.355 

2.044 

99 1 

35.3 

35 

,8 

3.14 

24.6 

301.01 

300 0 

1 813 

1.813 

1.644 

1.632 

2 460 

99 8 

43 2 

43 

1 

4.52 

24.2 

376.0 

377.0 

2.267 

2.267 

2.098 

2.085 

3.141 

99.8 

55 8 

55 

0 

5.49 

23.8 

424.0 

424 0 

2,561 

2,561 

2.392 

2.380 

3 582 

99 8 

62.8 

62 

7 

7.14 

24 0 

485 0 

485 0 

2 927 

2 927 

2 758 

2 746 

4 131 

99 8 

j 72.0 

72 

3 


Indirect method 

0.0046 molar FeS 04 in 0.8 iV H2SO4 


Solution volume = 16,0 cc.; gas volume « 9.97 cc.; initial quantity of radon 
40.3 me.; ferrous sulfate changed =» 99 per cent 


0 

22 2 


0.1 


0 007 







1.01 

22.2 

28.0 

24.6 

0.339 

0.298 

0.332 

0.291 

0.472 

87.6 

16.4 i 

15 6 

2.10 

22.4 

53.4 

53.4 

0 647 

0 647 

0 681 

0.640 

1.001 

93.9 

31.6 

33.2 

3 68 

22.0 

81.6 

81.6 

0 990 

0 991 

1 024 

0.983 

1.515 

96.0 

48 1 

50.2 

5.19 

22.2 

93 2 

93.2 

1.131 

1,131 

1.165 

1.123 

1.726 

96.4 

60.5 

57.2 

7.00 

22 2 

120 0 

119.0 

1.456 

1.444 

1 490 

1.436 

2.208 

96.5 

71 5 

73.2 

9.65 

22.0 

134 3 

132.3 

1 631 

1,607 

1.677 

1.600 

2.477 

95.4 

82,1 

82.1 


Here, as in the experiments on water, the law of Cameron and Ramsay 
applies to the gas produced, since the points representing the per cent of 
completed reaction follow closely the decay curve of radon. 

Several samples of ferrous sulfate of the same initial concentration were 
exposed to different doses of alpha particle irradiation. The results of six 
exi>eriments with each method are indicated by the sets of points in figures 
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Tipne in days 

Fig 6. Gas Yield in the Oxidation op Ferrous Sulfate by Radon 
Direct method; 0.0385 molar ferrous sulfate in 0.8 N sulfuric acid. 

O per cent of radon destroyed; • per cent of completed reaction; Q per cent of 
excess hydrogen. 



TlTue m days 

Fig. 7. Gas Yield in the Oxidation of Ferrous Sulfate by Radon 
Indirect method; 0.0046 molar ferrous sulfate in 0.8 N sulfuric acid. 

O per cent of radon destroyed; • per cent of completed reaction; Q per cent of 
excess hydrogen. 
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8 and 9. The liquid volumes were 20.3 cc. and 16.0 cc., and the gas 
volumes were 1.66 cc. and 10.0 cc. for the direct and indirect methods, 
respectively. The relationship between dosage and per cent of ferrous 
sulfate changed is linear when radon is dissolved in the solution, but when 
radon is in the alpha-ray bulb there is a slight deviation from the straight 
line. The linear relationship indicates equilibrium to be almost 100 per 
cent on the side of oxidation of the ferrous ion, while the curve in figure 9 
may indicate some reduction of the ferric ions. The latter reaction has 
been observed in acid solutions (7) when irradiated with penetrating rays. 
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Fig. 8. Oxidation of Ferrous Sulfate by Radon 
Direct method; 0.0045 molar ferrous sulfate in 0.8 N sulfuric acid. 
O per cent of oxidation; • gas yield. 


Fricke and Morse (4) noted in one of their experiments on the irradiation of 
ferrous sulfate with x-rays an apparent reversal of the reaction when nearly 
all of the ferrous ions were oxidized. They concluded that x-rays are able 
to reduce the ferric ion. 

The gas yields in the twelve experiments (figures 8 and 9) are indicated 
by the shaded circles. The separation of the lines in each figure has no sig¬ 
nificance other than its dependence upon the choice of scale. Since the gas 
was nearly 100 per cent hydrogen the correction due to the ionizing effects 
of the alpha particles in the gas is negligible. Furthermore, the quantity 




EFFECTS OF ALPHA PARTICLES ON AQUEOUS SOLUTIONS 


65 


of hydrogen dissolved in the solution is small and was not added to the total 
gas yield unless it amounted to one or more per cent of the observed hydro¬ 
gen volume. 

In the six experiments whose results are recorded in figure 9, the initial 
quantity of radon was less than 50 me., so that, as can be seen in figure 4, 
the gas yield per unit of energy absorbed was more constant than it would 
have been for greater quantities of radon. In other words, the recombina¬ 
tion of ions, which may occur in very dilute solutions, was reduced to a 
minimum. 
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Fig. 9. Oxidation of Ferrous Sulfate by Radon 
Indirect method; 0.0046 molar ferrous sulfate in 0.8 N sulfuric acid. 
O per cent of oxidation; • gas yield. 
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Solutions of ferrous sulfate of different concentrations were irradiated 
and the results are given in table 4. The concentration of each solution 
was determined at the beginning and the end of an experiment as described 
in the preceding pages. The absolute amount of ferrous sulfate trans¬ 
formed, expressed in milligrams per millicurie of radon decayed,is not con¬ 
stant, but increases as the initial concentrations of the solutions are in¬ 
creased from 0.00048 to 0.5 molar. This may at first seem to disagree with 
the results plotted in figure 7, for in figure 7 the solutions do have their 
ferrous ion concentration reduced; however, the yield per millicurie remains 
constant. Close inspection of table 4, however, shows that the numerical 
values in column 4 seem to approach a constant value as the solution cou¬ 
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centration is reduced; and furthermore, the range of concentrations in the 
experiments of figure 8 is either equal to or less than the minimum concen¬ 
tration of table 4. The irradiation of solutions of initial concentrations 
less than 0.00048 molar might have added more information in regard to 
this point; however, they are diflEicult to study, since small quantities of 
radon produce large percentages of transformation. Consequently, the 
end point of the titration curve is not distinct. Moreover, the gas yield is 
too small to measure accurately with the apparatus employed. 

The chemical action of the alpha rays in the ferrous sulfate solutions is 
expressed in terms of the ionization of the rays in the last two columns of 

TABLE 4 


Oxidation of ferrous sulfate by radon in solutions of different eoneerUrations 


concuntra- 

PUR C*NT 

RADON 

MILLIGRAMS 

CHANGED 

VOLUME 

PER CENT 

M FeSOi 

Mm 

TION 

OXIDIZED 

USED 

PER MC. 

OF H2 

OP H» 

N 

"—' 




OF RADON 



N 


Direct method 


molar 

0.5000 

2.3 

mtlltcunea 

8.04 

12.4 

2.067 

99.2 

3.13 

0.80 

0.0498 

30.4 

12.5 

5.52 

3.342 

99.5 

1.40 

0.83 

0.0333 

7.2 

5.90 

4.01 

1.438 

94.2 

mSm 

0.74 

0.0045 

39.6 

3.33 

3.02 

0.947 

94.7 


0.88 


Indirect method 


0.4100 

4.4 

15.2 

3.80 

WM 

100.0 


lEfl 

0.0460 

12.8 

14.9 

1.27 

BIH 

94.5 


Warn 

0.0046* 

37.4 

6.87 

0.81 

MM 

95.9 


1.41 

0.0045t 

37.4 

10.6 

0.75 

0.500 

92.0 


1.33 

0.00048 

57.9 

1.33 

0.70 

0.095 

78.0 

1.64 

1.86 


* Alpha-ray bulb No. 2. 
t Alpha-ray bulb No. 3. 


table 4. Mpeso* denotes the number of ferrous sulfate molecules trans¬ 
formed and is equal to > where m denotes ferrous sulfate 


transformed in milligrams, 6.06 X 10** is Avogadro’s number, and 277.9 is 
the molecular weight of FeS 04 • 7 H 2 O. N denotes the number of ion pairs 
formed in water by the absorption of a quantity of radiant energy equal 
to that absorbed by the solutions. The factors in the calculation of N 
were described previously. The ratio M^taoJN in both methods de¬ 
creases with concentration, but not linearly. It seems to approach a 
constant value for dilute solutions. The number of molecules of hydrogen 
which are produced per ion pair is expressed by the ratio M-aJN. The 
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ratios, MposOi/iV’ and M^JN^ are in most cases nearly 50 per cent 
greater in the indirect method than in the direct method. It was at first 
thought that the difference in 3 delds might be partially due to errors in the 
determination of the transmission of the alpha-ray bulb. However, the 
results obtained with two different bulbs (Nos. 2 and 3, table 2) agree and 
so it is unlikely that the M/N values of the two methods differ owing to 
errors in transmission determinations. 

DISCUSSION OF RESULTS 

The increase of without a corresponding increase of M^JN 

when solutions of greater concentrations of ferrous sulfate are used compli¬ 
cates the reaction beyond expectation. When the work began, it was 
thought that the reaction would most likely be a simple oxidation of the 
ferrous ions to ferric ions by the oxygen of the decomposed water. If the 
activated water molecules or the ions resulting from the dissociation of the 
water molecules simply oxidized the ferrous ion and no other reaction is 
present, then M^JN would be some constant multiple, most likely two, of 
A^FesOi/W; that is, MpesOi/^H, would be equal to 2. The experimental 
results do not verify this conclusion, and, therefore, other reactions must be 
present. Whatever the side reactions may be, they must proceed with the 
oxidation of ferrous ions without liberating hydrogen. Chemical analyses 
of the reaction products have not as yet been studied and therefore no 
definite statement about their nature can be made. It is interesting to 
note that if there be added to ilfni (table 4) the number of molecules of 
oxygen contained in a volume equivalent to the hydrogen volume, then 

would have a value near to that for pure water. 

Fricke and Morse (9) irradiated aqueous solutions of ferrous sulfate 
in 0.8 N sulfuric acid with x-rays from a water-cooled tungsten tube. 
They obtained for solutions whose concentrations varied from 0.00878 to 
0.0000406 gram-molecules in 1000 g. of solution, a linear relationship 
between the x-ray dosage and the per cent of ferrous sulfate transformed 
up to the arbitrary dose 29. Beyond 29, the relation is linear, but the 
line describing it has a different slope. They attribute the sharp break in 
their curve as occurring when all of the dissolved oxygen in the solution is 
consumed. Moreover, they find that Mpesoi/^j where has the 

same meaning as is defined in the preceding pages, and N is the number of 
ion pairs formed in air by the absorption of the same amount of x-rays as 
is absorbed in their solutions, is equal to 5.7 when the solution contains 
oxygen and is equal to 2.8 when the solution does not contain oxygen. 
These values are within the range of variation of MYesoJN given in table 
4. However, the latter are obtained after the dissolved gases in the solu¬ 
tion were partially removed, and, therefore, the higher yields cannot be 
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attributed to dissolved oxygen alone. Furthermore it is difficult to under¬ 
stand why the consumption of oxygen should end so suddenly as is indi¬ 
cated by the sharp break in the slope of their curves. 

SUMMARY 

1. Two methods, called the direct and indirect, of irradiating liquids 
with alpha-rays from radon are described, and the errors and their correc¬ 
tions in the direct method are discussed. 

2. The decomposition of water by alpha rays is suggested as a method for 
the determination of the transmission of alpha-ray bulbs. The gas yields 
are shown to deviate somewhat, owing to recombination of ions in the water, 
from the general law of Cameron and Ramsay. 

3. Aqueous solutions of ferrous sulfate were irradiated by both methods. 
The gas yield is nearly 100 per cent hydrogen. Equilibrium lies almost 
100 per cent on the side of oxidation of the ferrous ions to ferric ions. 

4. Milligrams of ferrous sulfate changed per millicurie of radon destroyed 
increase when the initial concentration of ferrous sulfate is increased from 
0.00048 molar to 0.5000 molar. 

5. The ratios and MjiJN vary with the concentration of 

ferrous sulfate. Furthermore, is not equal to two and there¬ 

fore reactions other than the oxidation of the ferrous ions by the decompo¬ 
sition products of water are present. 

6. Dissolved oxygen alone does not account for the yield of oxidized 
ferrous sulfate. 

The author wishes to express his appreciation to Professor Wilhelm K. 
Stenstrom for his active cooperation and interest throughout the course of 
this study. He also thanks Professor S. C. Lind of the Chemistry Depart¬ 
ment of the University of Minnesota for his interest and helpful sugges¬ 
tions; and he is grateful to the Department of Physiology and to the Cancer 
Institute of the University Hospitals, who have made the work possible by 
their generous supply of the necessary apparatus. 
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In 1912 Lasareff (7) observed that methylene blue was bleached by sun¬ 
light if it were spread on thin plates in the form of a gelatin solution. 
The bleaching of the visible spectrum of methylene blue has been reported 
also by Gebhard (1) and Krestownikoff (6). limori and Kitaoka (4) 
found that methylene blue was decolorized by exposure to the rays of the 
mercury arc. Hill (3) has used the fading of solutions of methylene blue 
in 30 per cent acetone to measure the ultra-violet intensity in the ‘‘physio- 
logically active’^ region of the spectrum. Stenstrom and Lohmann (9), in 
an investigation of the fading action of Roentgen rays on various colored 
solutions, found that aqueous methylene blue solutions were faded by the 
rays. In this paper we shall report the changes in the ultra-violet absorp¬ 
tion spectrum of aqueous methylene blue solutions following irradiation 
with ultra-violet rays. 

The accurate determination of absorption bands by the visual selection of 
points of equal density on a photographic plate is made more difficult by 
the uncontrollable variations in the intensity of the light source. Some of 
the errors of this method are eliminated by the use of the Judd Lewis (8) 
sector photometer, manufactured by Adam Hilger, London, since, by the 
use of this instrument, simultaneous and adjacent spectra of the light 
passing through both photometer and solution are obtained. 

In this laboratory, we use an under-water tungsten spark of the type 
recommended by the Bureau of Standards (2) as a source of light. The 
advantage of such a source lies in the fact that the resulting spectrum is 
continuous and relatively free from intense emission lines. Light from 
this source is split by the lens system of the apparatus into two parallel 
beams. The upper of the two beams passes through the solution whose 
absorption bands are being determined, while the lower one passes through 
a variable sector photometer and, if it is desired, through the pure solvent 
used in making the solution. (We have always taken the precaution of 
placing either the pure solvent or distilled water in the lower beam.) The 
two beams pass through the lens system of a quartz spectrograph and are 
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then brought together on a photographic plate, the image of the upper one 
lying just above that of the lower. The light source previously has been 
carefully adjusted so that the two images are equally intense when the 
photometer is opened completely and when no solution is placed in either 
beam. A series of photographs is then made on one plate. The customarj’^ 
method is to take the first exposure with the photometer set at 0.1 (on the 
lower of the two photometer scales), the second exposure with the photom¬ 
eter set at 0.2, and so on, the last exposure being made when the photom¬ 
eter is set at 1.5. In order to keep constant the density of the spectrum 
on the photographic plate produced by the light passing through the 
sectors, it is necessary to use a different time of exposure for each sector 
setting. The time of each exposure is calculated conveniently by means 
of the formula. 


Exposure time 



where A is a constant and where jJ is the ratio of the light intensity 
before the light enters the photometer to that after it has passed through 
the photometer. The constant. A, is easily determined by experiment. 
The ratio, J’ is the antilogarithm of the lower scale reading of the photom¬ 
eter scale. After the plate is developed (which process requires no 
special care, since the pairs of spectra are both exposed and developed 
simultaneously and under identical conditions), the points of equal density 
on each of the pairs of spectra are determined by using a suitable ocular 
and are marked with India ink. The extinction coefficients (5) can then 
be calculated by means of the relation. 



where K is the extinction coefficient, L is the length (in centimeters) of the 
absorption chamber used, and logio J'/J (slight corrections, found in the 
directions furnished by Hilger, must be applied), the logarithm of the ratio 
of the light intensity before the beam enters the photometer to that after it 
leaves it, is the lower reading of the photometer scale. A wave length 
scale is provided with the spectrograph; two images, one at the bottom 
and one at the top of the series of exposures, are recorded on the photo¬ 
graphic plate by means of 15-second exposures with a 40-watt electric 
lamp. The wave length corresponding to each India ink dot is determined 
by placing a straight edge across the two wave length scales and moving it 
until the edge passes through the center of the dot. By plotting the 
extinction coefficient as a function of the wave length, the absorption bands 
can be illustrated in graphic form. 
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EXPERIMENTAL 

A standard solution of methylene blue, containing 0.1 mg. of dye per 
cubic centimeter was made by dissolving recrystallized methylene blue in 
distilled water. From this stock solution, working solutions were pre¬ 
pared by dilution. By preliminary experiments, it was found that 0.008 
mg. per cubic centimeter represented the correct concentration to show 
photographically the ultra-violet absorption bands when a 2-cm. absorp¬ 
tion chamber was used. Accordingly this concentration was used in all 
our experiments. 

As a source of ultra-violet light for the irradiation of the methylene blue 
solutions, we used a Victor mercury arc lamp. All the solutions irradiated 
were placed at a distance of 30 cm. from the center of the lamp bulb. The 
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Wave length (mlUlTnlcrons) 


Fig. 1. Ultra-violet Absorption Spectra of Methylene Blue in Distilled 

Water 

Q before irradiation; • after irradiation 

operating voltage of the lamp varied between 65 and 70 volts. In all cases 
except one (where distilled water was used as the solvent) the time of 
exposure was 2 hours. 

Figure 1 shows the absorption curve of methylene blue in distilled water, 
both before and after irradiation. A 20-cc. sample of the solution was 
placed in a small Petri dish (forming a layer of solution 0.8 cm. thick) and 
exposed to the rays. After a period of one hour, fading had become so 
marked that irradiation was stopped. The ultra-violet absorption curve 
shows that a very definite decrease in absorption had occurred in the 
ultra-violet region of the spectrum. The transmission at 670 millimicrons 
(point of maximum absorption of visible light by methylene blue (9)), as 
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Fig. 2. Ultra-violet Absorption Spectra of Methylene Blue in Hydrochloric 
A ciD-roTASsiuM Chloride Solution (pH 2.19) 

0 before irradiation; • after irradiation through quartz 
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Fig. 3. Ultra-violet Absorption Spectra op Methylene Blue in Phosphate 

Solutions (pH 6.69) 

Q before irradiation; • after irradiation through quartz filter; o after irradiation 
through Blue-purple Corex A filter. 

determined by a Bausch and Lomb spectrophotometer, increased from 
0.0008 to 0.478 as a result of the irradiation. 

In order to be sure that the observed fading was caused by the ultra- 
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violet rays and not by the heat produced by the lamp, two experiments were 
performed. Some of the same solution used above was irradiated under 
conditions identical with those described, except that it was protected by a 
thin sheet of ordinary window glass. No change in either visible or ultra¬ 
violet regions of the spectrum occurred. In addition, some of the same 
solution was boiled for several minutes, the beaker being covered with a 
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Fig. 4. Ultra-violet Absorption Spectra of Methylene Blue in Sodium Borate 

Solution (pH 9.08) 

O before irradiation; • after irradiation through quartz filter 


TABLE 1 


SOLVENT 

FILTER 

pH 

J J' (670 

MIL1JMICRON8) 

Before 

irradia¬ 

tion 

After 

irradia¬ 

tion 

liefore 

irradia¬ 

tion 

After 

irradia¬ 

tion 

HCl-KCl buffer 

Quartz 

2 19 

2 18 

0 0007 

0 125 

Sodium borate buffer 

Quartz 

9 08 

9 07 

0 0008 

0 699 

Phosphate buffer 

Quartz 

6 69 

6 68 

0 0008 

0 660 

Phosphate buffer 

Blue-purple Corex A 

6 69 

6 70 

0 0008 

0 005 


watch glass to prevent evaporation. In this case, also, the methylene 
blue spectrum was not altered. 

The work of Stenstrdm and Lohmann (10) has brought out the fact that 
pH apparently has little or no effect on the visible absorption spectrum of 
methylene blue solutions before exposure to Roentgen rays, but that during 
exposure greatest fading takes place in solutions of highest pH. Our ex- 
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periments have shown this to be true also in the case of ultra-violet irradia¬ 
tion. The effect of pH is illustrated by figures 2, 3, and 4 and by table 1. 
The pH of the solutions was measured potentiometrically. 

In an attempt to determine which wave lengths were most effective, 
several filters—including window glass, Vita glass. Clear Corex D, Blue- 
purple Corex A, and quartz—were used. In the case of all the filters 
except quartz, the following procedure was adopted: 20c c. of the methyl¬ 
ene blue solution was placed in a small Petri dish, after which the dish was 
covered with the filter. Irradiation was carried out as described above. 
In order to eliminate any possible effects due to ozone formation, irradia¬ 
tions in which the quartz filter was used were carried out by placing the 
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Fig. 5. Ultra-violet Transmission Curves for Filters 
• quartz; o Blue-purple Corex A 

solution in a small, completely closed quartz vessel. Ultra-violet trans¬ 
mission curves of the filters were determined by means of a quartz spectro¬ 
graph in combination with a microphotometer. The curves for the par¬ 
ticular samples of Blue-purple Corex A and quartz used are given in figure 
5. The transmission curve for the quartz was taken through the quartz 
vessel mentioned above and represents, therefore, the transmission of a 
filter of twice the thickness actually used. Figure 4 and table 1 show that 
the decrease in absorption produced when the Blue-purple Corex A filter 
was used was slight as compared with that produced with the quartz filter. 
Since the transmissions of the other filters were less than that of the Blue- 
purple Corex A glass, their transmission curves are not included here. It 
appears that the wave lengths most active in decreasing the absorption 
bands of methylene blue are shorter than 270 millimicrons. For this 
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reason we do not believe that the change in aqueous solutions of methylene 
blue produced by ultra-violet rays can be used for the purpose of measuring 
the radiation intensity between 290 and 310 millimicrons (the ^^physio¬ 
logically active^’ region of the spectrum). 

SUMMARY 

1. The method of using the Judd Lewis sector photometer in combina¬ 
tion with the quartz spectrograph is briefly described. 

2. The ultra-violet spectrum of methylene blue is included. Maximum 
absorption occurs at 292 millimicrons and at 246 millimicrons. 

3. Exposure of methylene blue solutions to ultra-violet rays causes a 
decrease in the absorption bands in both visible and ultra-violet regions of 
the spectrum. 

4. pH has no effect on the ultra-violet spectrum of methylene blue solu¬ 
tions, but irradiation with ultra-violet light causes greatest change in 
solutions which have highest pH. 

5. The wave lengths most active in decreasing the absorption bands of 
methylene blue solutions are shorter than 270 millimicrons. 

The authors wish to express their gratitude to Dr. W. K. Stenstrom who 
suggested the problem and whose cooperation has made this investigation 
possible. 
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Up to six or seven years ago the developments in the field of metal sur¬ 
face work functions had resulted in the recognition of the following princi¬ 
ples (2, 4, 6, 8, 9): 

1. Each metal has an intrinsic potential that is characteristic of the 
pure metal. (These characteristic potentials are the origins of the volta 
effect, the photoelectric effect, thermionic emission, and electromotive 
force.) 

2. A characteristic potential can be represented diagrarninatically as a 
surface barrier, or a condenser on the surface of the metal. 

3. Part of each barrier is the work performed by an emitted electron 
against the attraction of the electric image. 

4. Emitted electrons are subject to the image forces only when they are 
outside of a distance which is characteristic of the metal. 

These are the older principles that are very useful at the present time. 

In the last seven years there has been developed a concept of metals 
which is based on the behavior of the electrons in metals according to the 
Pauli exclusion principle, with the valence electrons exhibiting the Fermi- 
Dirac distribution of velocities. As a result of the great and increasing 
usefulness of this new theory, several additional principles concerning 
electron emission must be recognized (6, 7,10). 

1. If there are a number of free electrons comparable to the number of 
atoms in a metal, then the electrons will obey the Fermi statistics and be¬ 
have as a degenerate gas. (All of the distinctly metallic substances fall in 
this category.) 

2. The electrons on the interior of metals are credited with possessing 
considerable kinetic energy even at absolute zero. (The energies are as 
great as from 5 volts to 15 volts.) 

3. The total surface barrier must be four or five times the net or external 
surface work function. The net surface work function is just the differ¬ 
ence between the total surface work function, TFo, and the maximum 
kinetic energy of the electrons, which is equal to f/o at 0®K. 

In its gross outline the problem which the author is attacking is the 
explanation of the existence of the total surface work function, Wa, which 
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serves as a barrier to the escape of the electrons of a metal. Using the 
above principles and the results of the work of Bartlett and Waterman, a 
simple analysis shows that the total barrier of pure metals is made up of 
three parts (figure 1): (1) the space charge potential energy, (2) the image 
potential energy, and (3) the potential energy due to the different initial 
and final electrostatic environments. 

The first of these divisions has been treated by Bartlett and Waterman 
(1,13). The results of their calculations show that “space charge” effects 
will account for the reduction of the kinetic energy of the electrons from 
their enormous Fermi energies to their classical {S/2)kT energy. Or, giv¬ 
ing a probable broad meaning to these results, a “space charge” barrier 
surrounds a metal surface to the extent that this part of the barrier con¬ 
tributes nothing to the net surface work function but merely balances the 




Fig. 1 Fig. 2 

O^K. kinetic energy of the electrons, so that without the existence of the 
other two divisions of the barrier it would be possible to draw electrons 
out of metals using only shght external fields \mder any condition of 
temperature or radiation. 

The second of these divisions is well understood from the standpoint of 
classical electrostatics. Its nature is such that it must be included in the 
net work function part of the total barrier. The problem involved in 
understanding the image forces is only the determination of how close to 
the metal surface they are effective. It has been popular in the past to 
consider this problem along with those connected with the third division 
of the barrier, and this treatment has been found quite effective by the 
author. 

The above discussion of the first two divisions of the barrier concentrates 
the burden of the explanation of metal surface work functions on to the 
solution of the problem concerning the third division, the work done by 
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the electrons in emerging far enough from their local electrostatic environ¬ 
ment so that the image furnishes the environment. Consequently the 
mam discussion of this paper suggests a hypothesis to serve as a basis for 
this division of the potential barrier. 

The most acceptable classical approach to an understanding of metal 
surface work functions is the Langmuir modification of the Schottky princi¬ 
ple (5). According to this theory the change in the force acting on an 
electron is proportional to the displacement of the electron from its initial 
equilibrium position. At a distance xo (figure 2) the parabolic force-dis¬ 
tance curve merges into the hyperbolic force-distance curve of the image 
forces. The surface work function is inversely proportional to this distance 
Jo. This modification of Langmuir's is arbitrary because the postulations 
of other shapes for the curve inside distance jo will account for some of the 
phenomena of surfaces to the same extent. However the general shape of 
this curve is admitted to be quite logical in terms of our present knowledge 
of cohesive and repulsive forces. It might be pointed out also that the 
equation which the author will use later could serve as a first approximation 
of some more complicated functional relationship. 

All of the theories have stalled at this point. Distance Jn was identified 
with the distance between the ions in the crystal, which varied considerably 
with the temperature. ^ is inversely proportional to Xo; consequently 4> 
should vary considerably with the change in temperature. This is not so. 
The photoelectric threshold of a metal not only changes very slightly with 
change in temperature but its change is quantitatively predicted by Fow¬ 
ler's theory, which is based on the change in the kinetic energy of the 
electrons in the metal at elevated temperatures in accordance with the 
Sommerfeld theory of metals. Necessarily the correct hypothesis to ex¬ 
plain the net work function must account for its being independent of the 
temperature, aside from its change predicted by the Maxwell-distribution- 
law tail to the Fermi-Uirac distribution of the electron velocities in metals. 

The following principles are used by the author as guides for his approach 
to an explanation of the net work function: (1) The electrons should be 
considered as more or less in condition of equilibrium in a field of force 
characteristic of the crystal. (2) The Langmuir modification of the 
Schottky principle should be useful providing xo is identified with some 
quantity other than the distance between the atoms. (3) The net work 
functions should be independent of the temperature. (4) The hypothesis 
should allow the calculation of the 4>'s for the various metals. 

A study of these principles leads to this hypothesis. The slope of the 
force-distance parabola is identified with the lattice energy of the metal crystal 
and can be assumed to be equal to a constant times the electrostatic potential 
energy of the crystal. 

There are two sources from which one can obtain the values of the 
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electrostatic potential energy constants for metals. One source requires 
the complete knowledge of the crystal structure of the metals and involves 
lengthy calculations. The other source is readily available and the calcu¬ 
lations are very simple, although indirect. These calculations involve 
starting from the compressibilities of the metals, using the principles 
developed by J. J. Thomson (12), and calculating the linear potential 
energy constants of the various metals. 


If 


K (the bulk modulus of compressibility) 


P (the potential energy constant) = — 

4.5 



or 


P = k"" K - 
A 


The formula for the parabola in the force-distance curve is 

k'x ifc'V 

^ Xo^ Xo* 


When X = 0, 


dx Xo» 


or 


Xo 


fc'" 

^ 1/3 


Since 


and also 


then 


5 = c'P 



Xo 



(The /b's and c’s are constants) 

Using the last equation the author has calculated the values of the 
intrinsic potentials of a large number of metals. The value of the constant 
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was evaluated from the experimental values of the potentials. The values 
of the compressibilities and densities were taken from the International 
Critical Tables. With one exception the largest of the accepted values 
for compressibilities of metals was used. The calculated values are com- 
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gS 
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o S 





ETAL8 USSD FC 
COMPARISON 


” < 

"s 
« £ 

gS 

ALUE8 ACCEPT] 
GOOD 

BNNING CONTil 
POTENTIALS 

tCHARDSON PH 
ELECTRIC THF 
OLD 

« 

o 

1 

s 

0 

* 

.H 

g 

1 

M 

hermionic 

v'Rluesf 


X 

u 


< 

> 

a 

» 

cu 

CU 

tri 

K 




99* (Iv)t 




fl 99 (Iv) 

fl 9 (Ho) 



2 06 





< 

12 1 (S) 

(2 2 (Ol) 


Na 


2 11 

2 

1* (Ri) 



2 1 

2 2 (P & P) 

1 8 (Mi) 


Li 


2 07 

2 

2* (Ml) 




2 3 (01) 

2 2 (Mi) 


Ca 


3 00 

3 

0* (Ri) 



3 0 

2 8 (We) 

3 08 (Ha) 


Mg 


3 11 

3 

2* (Ri) 


2 63 

3 2 




A1 


3 58 

3 

67* (R) 

3 57 

3 06 

2 8 

3 57 (R) 

3 4 (H & K) 


Zn. 


3 64' 

3 

68* (R) 

3 5 

3 46 

3 4 

3 68 (R) 

3 57 (D) 


Sn 


3 86 

3 

78c (II) 

f4 50 
(4 38 

3 78 

3 5 

4 38 (G) 

4 50 (G) 


Cu 


3 88 

3 

85* (W & S) 

4 38 


4 1 

3 85 (W & S) 

4 1 (H & K) 

4 38 (G) 

Fe 


4 18 

4 

2* (R) 

4 72 

3 86 


4 2 (R) 

(4 72 (C) 

\4 1 (H & K) 







/4 25 



4 0 We 


/4 25 (C) 

Co 


4 20 

4 

25t (C) 

\4 12 

i 



{4 12 (C) 

Ni 




12* (R) 

5 01 



f4 12 (R) 

[4 1 (Ha) 



4 22 

4 



\5 01 (G) 

\4 1 (We) 


Ag 


4 33 

4 

30* (S) 

f4 C8 
\4 56 

4 05 


(4 30 (S) 

13 85 (R) 

[3 8 (Wer) 

\4 58 (Wi) 

4 08 (G) 

Pd 


4 67 

4 

96*t (DB) 

4 96 



4 4 (Wer) 

4 96 (DB) 

4 99 (DB) 

Au 


4 71 

4 

72* (Mo) 

4 72 



4 72 (Mo) 

4 82 (Mo) 

3 22 (Ma) 

4 42 (G) 

[4 41 (D) 

Mo 


5 02 

4 

41t(D) 

4 41 



4 33 (R^ 

\3 48 (Ma) 

Ta 


5 00 

4 

07t (D) 

(4 07 
\4 05 



3 92 (R) 

4 05 (C') 

|4 07 (D) 

\4 31 (L) 

Pt 


5 34 

5 

45* (W) 

6 30 


4 3 

f4 40 (R) 

\4 62 (S) 

6 30 (DB) 

6 27 (DB) 

W 








[4 52 (R) 

[4 80 (Wer) 

[4 52 (L) 


5 67 

5 

45* (Hag) 

4 52 



^4 58 (Wer) 

(5 4 (Hag) 

\4 50 (D & G) 

(4 52 (D) 


* See columns 3, 7, and 8 
t See columns 3 and 9 

t C *= Cardwell, D ~ Dushman; DB = DuBridge, G *= Goetz, H & K == Henning and Kadesch, H =» 
Hennings, Ha = Hammer; Hag Hagenow, Ho = Hamleck; Iv = Ives, L = I^angmuir, Mi = Millikan; Ma 
-» Martin, Mo = Morns,01 *= Olpin; P&P = Pohl andPringlheim, R = Roy, Ri — Richardson, S = Suhrnian; 
We * Welch, Wi » Winch; Wer == Warner. 


pared with the arbitrary experimental values which were used to evaluate 
the constant and other values which were largely taken from a collection 
made by Hughes and DuBridge (3) in table 1. 

A careful study of the table will show any one familiar with the field 
that the agreement between the calculated and the experimental values 
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is better than the experimental results demand in order to show the proba¬ 
ble validity of the relationships. In fact the agreement between the calcu¬ 
lated values and the experimental values obtained when the best of out- 
gassed conditions were not present is nothing short of remarkable. The 
author’s equation predicts that €> is practically independent of the tempera¬ 
ture. ^T/A shows very little variation with the variation of the tempera¬ 
ture; the value of /if/A is greater than one; consequently the cube root of 
KjL is practically independent of the temperature. The useful (useful 
when applied to pure metals) Schottky principle is maintained intact. In 
addition the requirement of Tamm and Schubin (11) is met. In short, 
the author’s theory with its subordinate hypotheses seems to be a tool of 
considerable usefulness. 
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RHYTHMIC PRECIPITATION WITH ORGANIC PRECIPITANTS^ 
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Received August 11, 1933 

As a result of many investigations (6) since Liesegang’s discovery (8) of 
rhythmic precipitation there is considerable belief (1, 2, 7, 9) that it is a 
general phenomenon and may occur under suitable conditions with any 
pair of substances that fonn a fairly insoluble precipitate. 

When precipitation occurs in gels Hedges (5) distinguishes four types of 
structures that may appear; (a) precipitates of continuous structure very 
finely divided, as with silver chloride; (b) discrete structures frequently 
containing well-formed crystals of significant size; (c) cellular structures; 
and (d) periodic structures with definite bands or rings. In view of these 
different possibilities it seemed of interest to determine the type of struc¬ 
ture produced in a gel by precipitates formed with certain organic com¬ 
pounds that are finding increasing use in analytical chemistry. Precipi¬ 
tates such as nickel dimethylglyoxime are very voluminous in character. 

EXPERIMENTAL WORK 

M aietHals 

Gels of silicic acid or agar were used, the former being prepared from 
sodium silicate and the latter from an American product. Salts were of 
^^reagent’^ quality and organic compounds were used as purchased. 

Procedure 

As preliminary experiments showed that solutions of the organic precipi- 
tants did not diffuse well into the gels, in most cases these compounds 
were put in the gels and the solutions of the salts on top. Agar gels were 
prepared by dissolving 1 g. of agar in about 80 ml. of hot water, adding 10- 
20 ml. of a solution of the organic compound, diluting the mixture to 100 
g., and filtering through glass wool into test tubes which had been previ¬ 
ously coated with gelatin (3) to assist the gel in sticking to the tube. In 
preparing gels of silicic acid, sodium silicate was dissolved in water to give 
a solution of approximately 1.06 specific gravity. The alkalinity of the 

^ Taken from Part I of a dissertation presented by J. E. Heck to the Graduate 
School of Purdue University in partial fulfillment of the requirements for the 
degree of Doctor of Philosophy. 
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TABLE 1 


Data for silica gels 


OSL 

DIFPUSINQ SOLUTION 


Precipitant 

Sodium 

silicate 




BTBUCTURS 

Material 

Volume 

Concentration 

Volume 

specific 

gravity 

Reaction 

Salt 

Concentration 



ml. 


ml. 






1* 

13.0 

fSatd. soln. 
\0.96iV AcOH 

8 0 

1 06 

bt 

CuS04 

1.0 N 

GB 

1 

14.0 

« 

8.0 

1 06 

a 

it 

1.0 N 

FB (364) 

1 

13.0 

it 

8.0 

1 00 

b 

Cu(NH,)4S04 

1.0 N 

FB 

1 

14.5 

it 

8 0 

1.06 

a 

ii 

1.0 N 

FB 

2,4 

10.6 

U 

10.0 

1.08 

a 

CuS04 

1.0 N 

PB, PB 

2,4 

14.8 

iC 

8.0 

1 06 

a 

1 FeCls 

1.0 N 

PB, NP 

2 

14.8 

u 

8.0 

1.06 

a 

II 

fCuS04—20 ml. 

1 AcONa-“l g. 

1.0 N 

PB 

3 

10.0 

a 

10 0 

1 08 

a 

Ni(NO,)» 

1.0 N 

NP 

3 

13.6 

ti 

8.0 

1.06 

b 

1 CuS04 

1.0 N 

PB 

3 

13,6 

“ 

8 0 

1.06 

1 

b 


fKOH—2 drops 
[Cu(NH,)4S04 

10 per cent! 
1.0 N J 

DS 

3 

10.0 

u 

10.0 

1 08 

a 

it 

1.0 N 

DS 








KOH—2 drops 

10 per cent] 


3 

13.6 

u 

8.0 

1.06 

b 


NH4CI—3 ml. 

10 per cent[ 

DS 








iNi(NH,)4(NO,)2 

1 0 AT j 


3 

10.0 

it 

10.0 

1.08 

a 

i 

fKOH—2 drops 
INi(NH3)4(NO,), 

10 per cent) 
1.0 N J 

NP 

4,8 

10.6 


10.0 

1.08 

a 

CoCh 

1.0 AT 

NP, CS 

4,8| 

14.8 

it 

8 0 

1.06 

a 

it 

1.0 N 

NP, FB 

5 

10.3 

f2.6 g. per liter 
10.97 N AcOH 

10.0 

1.08 

a 

ZnS04 

1.0 N 

PB 

5 

10.3 

« 

10.0 

1 08 

a 

CdS04 

Saturated 

CS 

5 

11.3 

it 

10.0 

1 08 

a 

it 

1.0 AT 

PB 

5 

11.3 

it 

10.0 

1.08 

a 

CuS04 

1.0 AT 

PB 

5 

12.3 

it 

10.0 

1 08 

a 

AU(S04), 

1 0 AT 

PB 

6 

13.0 

f6.0 g. per liter 
\0.96 AT AcOH 

10 0 

1 08 

a 

KNOs 

1.0 N 

F (344) 

6 

16.0 

(3.0 g. per liter 
\0.96 AT AcOH 

8.0 

1 06 

a 

it 

ION 

F (347) 

6 

11 0 

a 

10 0 

1 08 

a 

it 

1.0 AT 

F (351) 

7 

9.6 

fSatd. soln. 
\0.96 AT AcOH 

10 0 

1 08 

R 

C0C12 

1.0 AT 

PB 


* In the column headed “Material” the numbers refer to the following precipi- 
tants: 1, a>benzoin oxime; 2, cupferron, 3, dicyandiamidine sulfate; 4, dinitrosoresor- 
cinol; 5, 8-hydroxyquinoline; 6, nitron; 7, nitroso-jS-naphthol; and 8, phenylthio- 
hydantoic acid. 

t The reaction of the gels is indicated as follows: a, acidic, b, basic, and n, neutral. 
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TABLE 1 —Concluded 


OBL 

DIFFUSING SOLUTION 



Precipitant 

Sodium 

Rilicate 













STRUCTUBB 

1 

1 

1 

"o 

Concentration 

o 

e 

a 

"o 

pecific 

fravity 

a 

Q 

1 

Salt 

Concentration 



> 


> 

cn 

Pi 





ml. 


ml. 






7 

10 6 

( Satd. soln. 

\0 96 N AcOH 

10.0 

1 08 

a 

C 0 C 12 

Saturated 

CS 

7 

9.6 

ti 

10 0 

1.08 

n 

/HjOr-lS ml. 
\COCI 2 -- 5 O ml. 

3 per oentl 
1.0 N / 

FB 

7 

10.6 

i( 

10 0 

1 08 

a 

it 

3 per cent! 
Saturated / 

CS 

7 

10.6 


10 0 

1.08 

a 

FeCh 

1 0 N 

CS 

8 

10.6 

a 

10 0 

1.08 

a 

Cd804 

1 0 N 

PB 

8 

10 6 

« 

10 0 

1 08 

a 

HgCU 

Saturated 

GB (335) 

8 

13 8 


8.0 

1.06 

n 


a 

FB 

8 

13 8 

a 

8 0 

1.06 

n 

C 0 CI 2 

1.0 N 

FB 

8 1 

13 0 

i( 

8 0 

1 06 

b 

ti 

Saturated 

FB 

8 i 

14.0 

<( 

8 0 

1.06 

a 

it 

a 

FB 

8 

13.8 

it 

8 0 

1 06 

n 

CdS04 

1 0 iV 

FB 

8 

14 8 

a 

8 0 

1 06 

a 

Pb{N03)2 

1 0 N 

CS 

8 

13 0 

it 

8 0 

1 06 

b 

it 

Saturated 

PB 

8 

14,0 

it 

8 0 

1 06 

a 

ii 


PB 

8 

13.0 

ti 

8 0 

1 06 

b 

CuSOi 

« 

GB (353) 

8 

15 0 

it 

8 0 

1 06 

a 

a 

1.0 AT 

PB 


solution was determined by titration with an acid, using phenolphthalein 
as the indicator. Based on this, acetic acid containing the precipitant 
was added to give an acidic, neutral, or basic gel, as indicated in table 1. 
After the gels set (within an hour) normal or saturated solutions of the 
different salts were placed over them in the tubes. For each mixture three 
tubes were prepared, one of which was kept in the dark in order to deter¬ 
mine the effect of light on the formation of the precipitates. 

Data 

Tables 1 and 2 give the composition of the different gels and the diffusing 
solutions, together with an indication of the types of precipitation ob¬ 
served. Figures 1 to 4 show the characteristics of some of the more strik¬ 
ing structures. The types formed are indicated in the tables as follows: 
GB, good bands; FB, fair bands; PB, poor bands; CS, continuous structure; 
DS, discrete structure; F, fern-like structure; and NP, no precipitate. 

For the tubes shown in figure 1 certain variations were made so that they 
are considered separately. The gel in tube 14 was basic, being made from 
sodium silicate, hydrochloric acid, and alcoholic dimethylglyoxime. The 
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TABLE 2 
Data for agar gelt 


PWMumAirr IK QVL 

DIFFUtiVO BOLimOK 


Materii^ 

Ccmoentratlon 

Concentration 

Salt 


a-B 6 n 2 tom 

oxime 

f 10.0 g. per liter 
\95 per cent ethanol 

1.0 N 

CUSO 4 

PB 


44 

1.0 AT 

Cu(NH,),S04 

FB 

Cupferron 

Satd. aq. soln. 

1.0 iV 

CuSOi 

PB 


44 

1.0 N 

CUSO 4 in 0.06 JV 

FB 




HCl 


t< 

44 

l.OJV 

Pea, 

NP 

4t 

44 

1.0 AT 

AgNO, 

cs 

Bicyandiaini- 
dine eulf^te 

(40 g. per liter 
\50 per cent ethanol 

1.0 AT 

Ni(NO,). 

NP 

44 

44 

l.ON 

Ni(NH,) 4 (NO,), 

DS 

t4 

44 

1.0 N 

CuSO, 

NP 

44 

44 

1.0 AT 

Cu(NH,)4S04 

NP' 

Dimethylgly- 

oxime 

(10 g. per liter 
\95 per cent ethanol 

1.0 N 

Ni(NO.), 

DS 

Dinitrosore- 

Satd. aq. eoln. 

1.0 AT 

Coa, 

NP 

Borcinol 





44 

44 

1.0 iST 

CUSO 4 

NP 

> 44 

44 

1.0 AT 

FeCl, 

NP 

8-Hydroxy- 

1 10 g. per liter 

ION 

MgSO. 

NP 

quinoline 

\95 per cent ethanol 




if 

44 

J5 per cent 
\1.0N 

[NH 4 OH --5 ml. 
|MgS 04 —95 ml. ! 
[AcONa—2 g. 

cs 

44 

44 

l.ON 

ZnS04 

GB 

44 

44 

1.0 N 

Al2(S04), 

PB 

44 

44 

1.0 N 

AlCl, 

PB 

44 

44 

1.0 N 

CdS04 

fAcOH—2 ml. 

GB (121) 

44 

44 

flO per cent 

Cd804-98 ml. 

GB (00, 126) 



\l.ON 

[AcONa—2 g. 

1 

1 

44 

44 

1,0 N 

/10 per cent 
ll.ON 

CuSOi 

[AcOH—2 ml. 

GB (137) 

44 

44 

]CuS04—98 ml. 
[AcONa—2 g. 

PB 

44 

44 

1.0 N 

fCdS 04—100 ml. 

\ AcONa—2 g. 

GB (123) 

4t 

44 

1.0 N. 

fZnSOi—100 ml. 

\AcONa—2 g. 

GB (133) 

Nitron 

f 5 g. per liter 
\95 per cent ethanol 

1.0 N 

KNOi 

P' 

44 

44 

1.0 N 

KNOi in 0.18 N 

DS 




AoOH 
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TAHLE 2--(Jonclu(leil 


PRBtlPlTANT IN <JEL 

DIFUTHINO SOI ITTION 

sTurcTruE 





Material 

Concent rat ion 

( 'once lit rat ion 

Salt 


Nitroso-jS- 

1 4 g. per liter 

1 0 N 

CoCb 

cs 

naphthol * 

[fiO per cent ethanol 

(t 

it 

1 ON 

Ni(NO,), 

PH 

Phonylthio- 

Satd. a(i. soln 

1 0 A" 

CoCb 

FH (1(19) 

hydantoic 
acid i 




i 

1 

4( 

; 

1 0 N 

NiCNO.,). 

I DS (172) 

ii 

i ** 

1 0 A' 

C 11 SO 4 

! cs 

<1 

“ 

1 0 N 

Pl)(NO,)*> 

1 cs 


* This consistod of 1 jz; of ajziar dissolved in 20 k- <>f the solution of the pn'cipi- 
tjint and 80 K- wafer. All others contained the same amount of a^ar, but 10 p;. of 
the solution of precipitant and tK) p;. of \^ater. 


diffusinp; solution was nickel nitrate. Tube IS was the same except for 
heiiiji; neutral. Tube 80 was similar to tube 14 except that the diffusing 
solution and precipitant were interchanged in position. Tube 34 con¬ 
tained a gel made slightly basic from sodium silicate, acetic acid, and 
potassium nitrate. Tube 41 was the same except for being acidic. The 
diffusing solution in both cases was nitron in 1.0 A" acetic acid. Tube 58 
is the familiar cupric chromate in agar. 

DISCTTSSION OF RKSUETS 

It is evident from the data presented that the precipitates formed in gels 
with organic precipitants show several types of structure. In many cases 
for which filiotographs are not shown these were not as well defined as the 
ones selected but they were distinctly evident. 

Under the conditions studied salts of a-benzoin oxime, 8-hy(lroxy- 
quinoliiic, and phenylihiohydantoic acid gaA e the best bands. Some of 
these are shown in tubes 99, 125, 187, 169, 385, 858 and 864. C'upferron 
and nitroso-/3-naphthol gave noticeable bands in a few cases but they were so 
close together and the gels so dark that clear photographs were unobtainable. 
These two compounds seemed to decompose readily giving dark gels. In 
some cases no precipitate was obtained with dicyandiamidiiie sulfate or 
dinitrosoresorcinol. If one was formed it generally assumed a discrete 
structure (4), although in a few cases there was a slight indication of bands. 
The nickel salt- of phenylthiohydantoic acid shown in tube 172 illustrates a 
discrete structure. Tubes 14, 18, and 80 show that bands of nickel di- 
rnethylglyoxime form with the organic compound either in the gel or above 
it. All other organic precipitants failed to give this type of structure if in 
the solution diffusing into the gel. 

Nitron nitrate was the only precipitate not giving noticeable bands in 
at least one type of gel. Tubes 344, 847, and 351 show the fern-like 







Fio. 1. Rhythmu; Precipitation with Nitron Nitrate and Nickel 
Dimethylglyoxime 

Tubes 41 and 34, nitron nitrate; tubes 14, 18, and 30, nickel dimethylglyoxime 




:w 


Fig. 2. Rhythmic Precipitation with 8-Hydroxyquinoline 
Tube 99 cadmium salt of 8-hydroxyquinoline (kept in the dark); tube 126, ca - 
miS Lu’of 8-hydroxyquinoline (kept in the lights tube 121, 
S-hydroxyquinoline; tube 56, cupric chromate; tube 123, cadmium salt of 8-hyd y 
quinoline; tube 133, zinc salt of 8-hydroxyquinoline. 
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structures obtained. The more basic the ^el the larger the crystals grew. 
Tubes 34 and 41 also show this precipitate, but in this case the solution of 
nitrate was added to the gel. Here the resulting structure is more moss¬ 
like in appearance and extends only a short distance below the surface of 
the gel. A well-formed, isolated crystal is shown in tube 41. 

Tubes 123 and 133, containing respectively the cadmium and zinc salts 
of 8-hydroxyquinoline, show a helicoid variation from bands not frequently 
encountered. Also twin hands are shown in tube 121. 



Fig. 3. Rhythmig Pregii’itation with \'aiiious Ouganig Prk('ipitants 

Tut)e 137, cupric salt of S-hydroxyquinoline; tube 172, nickel salt of phenyl- 
thiohydantoic acid; tube 364, cupric salt of a-benzoin oxime; tube 353, cupric salt 
of phenylthiohydantoic acid; tube 169, co))alt salt of phenylthiohydantoic acid; 
tube 335, mercuric salt of phenylthiohydantoic acid. 

Although the silica gels were made from both a commercial liquid water 
glass and from solid sodium silicate, no particular diflPerence was evident 
in the structures obtained. With the exception of 8-hydroxyquinoline, 
the precipitants producing banded precipitates did so equally well in the 
different gels. This one reagent gave the best bands in agar. Keeping 
one set of tubes in the dark did not yield structures differing appreciably 
from those formed in the light. For the latter an occasional precipitate 
indicated some sensitivity to light resulting in some darkening. 

No explanation is offered for the fact that different types of structures 
w’ere obtained for different combinations, nor for the variation in quality 
of bands. Duplicate tubes did not .always show equally good results. 
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Altogether several hundred tubes were prepared with considerable varia¬ 
tion in conditions, such as acidity, concentration, and kind of gel, and the 
data presented were selected as being representative of all that available. 



Fig. 4. Precipitation with Nitron Nitrate 
SUMMARY 

As a result of a study of the formation in gels of precipitates with certain 
organic compounds, the following conclusions were reached: 

1. Different types of structures were obtained in different cases. 

2. Of the combinations forming bands not all were equally good. Nitron 
nitrate showed no noticeable bands. 

3. The best results were obtained with the precipitant in the gel. 

4. Bands were obtained in both agar and silicic acid gels. 8-Hydroxy- 
quinoline gave better bands in agar. 

5. Several good spirals and twdn bands were obtained. 

6. Light produced no apparent effect on the type of structure obtained. 
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A QUANTITATIVE SPECTRO-PHOTOELECTRIC ANALYTICAL 
METHOD APPLIED TO SOLUTIONS OF CHLOROPHYLLS 

a AND b 
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Received Jwns 16, 1933 

The accurate photoelectric method for comparison of low light in¬ 
tensities, described by Zscheile, Hogness, and Young (3), has been used 
to obtain quantitative analytical data for chlorophyll components a and b 
and their mixtures in 90 per cent acetone solution (10 per cent water). 
This solvent was chosen because extracts of the green and yellow plant 
pigments from fresh leaf material are easily obtained in aqueous acetone 
solution. 

The absorption spectra of components a and b in ether solution (figure 1) 
were measured from X 3960-7800 A. U. with an accuracy of 2.0 per cent 
(1.0 per cent at the absorption maxima).* Comparison of figure 1 with 
the first graphs of figures 3 and 4 shows that the absorption spectra of a 
and 6 in 90 per cent acetone solution are very similar to those in ether 
solution. The maxima of the principal bands are shifted 25 A. U. toward 
the red when the solvent is changed from ether to 90 per cent acetone. 
These data were useful in the choice of wave lengths for analysis of 
mixtures. 

According to Lambert’s law, the amount of radiant energy absorbed 
in a homogeneous medium is expressed by the equation; 

- Jo X lO-^^* 
or 

log J ^ 0X 

In this equation, 

/g = intensity of light transmitted by solvent-filled cell. 

I, — intensity of light transmitted by solution-filled cell. 

X ^ thickness of absorption cell in centimeters (4.25 cm.). 

» specific light absorption coefficient. 

> National Begearch Fellow in the Biological Sciences. 

‘ Details of the absorption spectra measurements and of the preparation of com¬ 
ponents a and.6 are presented in reference 2. 
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When P is proportional to the concentration, c (in grains per liter), Beer’s 
law is ob^red and 

0 — ac 

Then, 

I ^0 

log — — OCX 

la 


or 



The logarithm is to the base 10. The absorption coefficient, a, is ex¬ 
pressed in liters per gram centimeter. 
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ACCURATE ANALYSIS OF MIXTURES OP CHLOROPHYLLS a AND b 


For spectro-photoelectric analysis of mixtures of chlorophylls a and b 
for which neither the total chlorophyll (o + b) concentration nor the 
ratio of a to h is known, it is necessary to know the values of a at two 
carefully chosen wave lengths. The wave length 4400 A. U. was chosen 
for total chlorophyll (a + b) determination because the light absorption 
coeiScient is the same for both components at this wave length (see 
figure 3, first graph). For determination of the ratio, a to b, two wave 
lengths, 4100 and 4270 A. U., were selected in the spectral region where 
there is a great difference in the absorption coefficients of a and b. Deter¬ 
minations at these two wave lengths serve as checks upon each other. 
These wave lengths were chosen in the violet rather than in the red 
region (where the absorption difference is also great), because narrower 
spectral regions may be isolated by the monochromator at the shorter 
wave lengths. The width of the spectral regions used in these measure¬ 
ments was 7 A. U. or less. 

Chlorophylls a and b were isolated in the pure state and weighed samples 
of the best preparations of these were dissolved in ether to form solu¬ 
tions of known concentrations. Aliquots of these solutions were measured 
volumetrically and mixtures of the components a and b were made, having 
the following compositions: 5, 10, 25, 50, 75, 90, and 95 per cent a. 
The ether was evaporated in a stream of dry nitrogen and the chlorophyll 
was dissolved in 90 per cent acetone, measured volumetrically. Such 


dilutions were made that the values of ^ were approximately 2.00 at the 


wave lengths employed. The accuracy of the concentration values was 
1.0 per cent, or better. 

Before each measurement of fight intensity, the electrometer vane (3) 
was returned to the zero position by a closing of the shutter between the 
photocell and the second slit of the monochromator, h was measured 
before and after 7, and the measurements were averaged for the final 


/ # 

value of Ia. The average of two determinations of log was used as a 


final value. 


Measurements of 7o and log 


— 

h 


have precisions of better 


than 0.5 per cent and 1.0 per cent, respectively. 

When very accurate data are desired, the absorption cells should be 
tested at least once daily in regard to their relative fight transmissibilities 
at the wave lengths employed. Both cells are cleaned, filled with solvent, 
and the inten^ties of fight transmitted by them are measured. Those 
used in these experiments differ by 1.5 to 4.0 per cent. This difference 
varies according to the wave length and the position of the cell. Suitable 
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oorreotions are made on ail values of /o so that the effect of this diffeimioe 
between the cells is cancelled. 

In figure 2, the experimental values of a, determined from the mixtures 
of known ccnnposition and from solutions of the pure components, ate 
{dotted agmnst composition. It is evident that the values of a for any 
one wave length fall on a straight line and therefore that Beer’s law is 



Fig. 2. QuAilkrATivs Spsctbai. Analysis or Mixtubbs or Chlobophtlls a and 
6 IN 90 Pbb Cbnt Acxtonb 

valid for light of these three wave lengths at the concentrations employed 
(0.0010 to 0.0030 g. per liter). 

The a values at X4400 A. U. lie on a horisontal line and are independent 
of compomtion. The final values of a for. pure a and b wme taken from 
the intersections of these stnu^t-line curves with the ordinate ans, and 
are thus more accurate than single observations on the pure components. 
In the table of figure 2 are the final values of a for a and b at the wave 
Imigths 4400, 4100, and 4270 A. U. and equations (of the straightd^ 
curves figure 2) ifor calculation of total chlorophyll (a + b) ooncentra- 
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tion and peroentage component compomtions of unknown solutions of 
a and b. 

Using the final values of a at X4100 and 4270 A. U., the percentage 
compositions of all the mixtures were calculated from the experimental 
data. These are presented in table 1. The greatest deviation from the 
true composition is 1.2 per cent. When the analyses for both wave lengths 
are averaged, the deviation is only 1.0 per cent. 

TABLE 1 

Spectral analysis of chlorophylls a and b in 90 per cent acetone 
1 '<0 

log « aCX 

A X 


COMPOSITION IN TBRMB OP a 


WAV* 

LBNQTH 

a 

Ksowns a + b 

Unknowns 

0 + 5 




6 


1 25 


1 75 


1 w 

Example 


a 

h 

per 

cent 

per 

cent 

per 

cent 

per 

cent 

per 

cent 

per 

cent 

per 

cent 

1 

2 

A.U. 

4100 

66.2 

18.9 



24.3 


75.3 

89.9 

94.2 

65.3 

63.5 

4270 

73.7 

33.6 

4.73 

10.4 

24.1 


75.6 


93.8 

66.7 

65.0 

Average 

1 per 

cent 










comnosition. 


5.11 

10.45 

24.2 

50.5 

75.45 

90.1 



64.25 





ANALYSIS OF UNKNOWNS 

Two unknown mixtures of a and b (neither total concentration nor 
composition known) were analyzed and the results are presented in table 1. 
Determinations at the two wave lengths agree within 1.5 per cent. Thus, 
it is possible to analyze mixtures of chlorophylls a and 5 by this spectro- 
photoelectric method with great accuracy and to obtain the percentage 
composition with an error of less than 1.0 per cent. 

SUPPLEMENTARY ANALYTICAL METHOD 

To estimate, with considerable accuracy, the amount of one component 
present as an impurity in a preparation of the other, the following supple* 
mentary method is useful. 

For the same mixtures that were used in the absolute determination 
of a, the absorption curves were measured in the blue and red regions of 
the spectrum (X4200-4800 A. U. and X6300-6700 A. U.) where the ab¬ 
sorption differs most for the two components. Determinations of ^ were 

made with an accuracy of 1.5 per cent at intervals of 25 A. U. These 
curves are presented in figures 3 and 4. In the first graphs of figures 3 
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aod 4, are the eurves of the pore oomponente, a and b. The dotted curve 
of pure a is repeated in each graph of figure 3 for comparison with the 
mixture carves. Similaiiy, the dotted curve of pure b is repeated in 
figure 4. 

The region of X4200-4800 A. U. is useful for detection of impurities of b 
in preparations of a (%. 3). Five per cent of b may be detected easily 
by the appearance of the 4560 A. U. band of b. As the percentage of b 
increases to 50 per cent, the 4560 A. U. band becomes more prominent 
and the intensity of the 4300 A. U. band of a decreases. 



Fia. 3. Light Absobftion of Mixtures of Chlorophylls a and 6 in 90 Per Cent 

Acetone 


To detect impurities of component a in preparations of b, the region of 
X6300-6700 A. U. may be used to best advantage (figure 4). The spec¬ 
trum is appreciably changed in this region when 5 per cent a is present 
and the deviation from ilie spectrum of pure b becomes greater as the 
percentage of a increases. 

The concentration of the solution need not be known accurately for 
detection of considerable contamination of one component by another. 
This fact makes the supplementary method useful in following the purity 
of a preparation throu^ the various steps of the isolation procedure. 

Ghosh and Sen-Gupta (1) measured the molecular extinction ooeflicients 
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of chlorophylls a and b (prepared by Stoll) and their mixtures in acetone 
solution with a KOnig-Marten spectrophotometer. Since their method 
of light intensity comparison was visual, it would not have the precision 
and accuracy of the photoelectric method over a wide range of wave 
lengths. In such a visual method, the monochromatic quality of the 



Fig. 4. Light Absorption op Mixtures op Chlorophylls a and 6 in 90 Per Cent 

Acetone 

light could^not be so high as in the photoelectric method used above. 
Their measurements were taken at such great intervals of wave length, 
especially in the blue region of the spectrum, that small differences in the 
at^rption bands could not be detected. For this reason, and particu¬ 
larly because of the improved preparative methods of chlorophyll com¬ 
ponent separation (2), the purity of their components is questionable. 
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The ^peotpo^pbotoeiectiic analytical method, as demonstrated here, un¬ 
doubtedly has a wide field of usefulness, particularly in certain problems 
of biochemistry. By extension of the method into the ultra-violet region, 
as is possible with the particular monochromator and photocell used in 
this work, the purity of preparations of hormones, vitamins, enzymes, 
and other colorless compounds which are difficult to isolate in the pure 
state, could probably be quickly followed during preparative processes. 
The method will also be useful in identification of such compounds whose 
formulas are unknown. Mixtures of colored substances whose solutions 
obey Beer’s law may be analyzed quickly and easily. 

Similar studies on the yellow plant pigments are now in progress. It is 
hoped that this work, when completed, may be combined with the results 
reported in this paper to make possible a simpler quantitative analysis 
for all of the yellow and green pigments of the leaf. 

SUMMARY 

1. By an accurate spectro-photoelectric method, quantitative light ab¬ 
sorption data were obtained for pure chlorophylls a and b and their mix¬ 
tures. The percentage composition of unknown mixtures of components 
a and b were determined with an accuracy of better than 1.0 per cent. 

2. From light absorption measurements at X4400 A. U., the total chloro¬ 
phyll (a 4- b) concentration is calculated. The ratio of a to 6 is calcu¬ 
lated from measurements at X4100 or 4270 A. U. 

3. Experimental details are discussed which are essential for a high 
degree of accuracy. 

4. It is shown that Beer’s law is valid for chlorophyll solutions in 90 per 
cent acetone over a narrow range of concentrations. 

5. A supplementary analytical method, accurate to 5 per cent, is useful 
for estimation of mixture compositions. 

The writer is thankful to Dr. T. R. Hogness for suggestions given during 
the development of this method. 
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For these studies on glass, which are now being carried on at Stanford 
University, boron trioxide was selected a few years ago as a typical in¬ 
organic, glass-forming material. The results of an extensive study of its 
heat capacity have been presented in an earlier paper by Thomas and 
Parks (4). With increasing temperatures, the specific heat at constant 
pressure was found to undergo an increase of more than 60 per cent 
between 215® and 270®C. Below this transition region the boron trioxide 
was a hard glass with a mean atomic heat of 3 to 4 calories, depending 
upon the temperature and the previous heat treatment of the material; 
above the transition it was an extremely viscous liquid with an atomic 
heat approximating the Dulong-Petit value. 

In view of these interesting results a number of other physicochemical 
properties of boron trioxide are now being investigated in this laboratory. 
In the present paper we shall give some of the data which have been 
obtained in a study of the cubical coefficient of thermal expansion over 
the temperature range 100 ® to 320®C. 

METHOD and APPARATUS 

The samples of boron trioxide used in this investigation were prepared 
from Merckxs c. p. anhydrous B 2 O 3 (impurities guaranteed to be less than 
0.01 per cent). This material was always heated in a platinum crucible 
for one to two hours at a temperature of about 1200 ®C. in order to drive 
oflF the last traces of water and to eliminate gas bubbles. The molten 
oxide was next poured into a small cylindrical mold, made out of copper 
foil, and permitted to cool to room temperature in a desiccator containing 
phosphorus pentoxide. The copper foil was then stripped from the boron 
trioxide glass and the latter was smoothed down a little in a lathe. These 
small cylinders usually contained from 5.5 to 7.5 gm. of oxide, equivalent 
to 3 or 4 cc. in volume. 

A simple dilatometer, with mercury as the dilatometric fluid, was em- 

* Holder of the Shell Research Fellowship at Stanford University for the aca¬ 
demic year 1932-1933. 
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ployed in the detenninatioiiB of the coefficient of thennal expansion. It 
was made entirely out of “tool” steel and consisted essentially of a stout 
cylindrical can of about 2.0 cm. diameter and 6 cc. capacity. A top 
fitted into this can by means of a tapered, vacuum-ti^t joint and was 
held firmfy^ in poedtkm by an adjustable nut. A steel capillary tube, 
welded through the top, projected upward for a distance of 15 cm. and 
mided in a small hoiisontal nozzle; it served as a means of ejecting the 
excess mercury as the (hlatometer was heated to successively higher tem¬ 
peratures and the contents of the steel can underwmit expansion. 

The large, electrically-heated copper block which Thomas and Parks (4) 
developed for their specific heat measurements was employed in the present 
investigation as an adjustable thermostat. The can of the dilatometer 
was placed within the central cavity of this block with the steel capillary 
passing upwards through a hole so that the exit nozzle was in the outside 
air. A small glass weighing bottle then served to collect the mercury 
droplets as they were expelled at this nozzle during the heating of the 
copper block between successive steps in temperature. 

Measurements of the temperatures were made with calibrated thermo¬ 
couples in conjunction with a White double-combination potentiometer. 
A chromel-almnel thermocouple, having one junction fastened to the 
outside wall of the dilatometer can and the other imbedded in the copper 
blodc, served to tell when the dilatometer was at the same temperature 
as its surroundings. A platinum-platinrhodimn thermocouple with one 
junction on the outside of the dilatometer and the other at 0°C. was used 
for measuring the actual temperatures to O.Ol^C. 

The procedure in filling the dilatometer for the expansion measurements 
was extremdy simple. A prepared cylinder of the boron trioxide glass 
was first placed in position in the dilatometer can, the top was fitted 
on, and the whole instrument was evacuated to 0.01 mm. by a “Cenco- 
megavac” oil pump. Clean, freshly heated mercury was then caused to 
flow into the free space of the dilatometer by raising the level of a mercury 
reservoir which was connected to the side tube of the evacuating and 
filling Bjrstem. The dilatometer and contents were next heated under 
reduced pressure to over 300“C. in order to remove any possible air bubbles 
within the instrument, and afterwards a small amount of mercury was 
introduced as the dilatometer was quickly cooled down to room tempera¬ 
ture by quenching in a water or alcohol bath. 

After such preparations the dilatometer was placed within the copper 
Uock and the latter was heated electrically from 100°C. up to about 
300® or 325®C. in seven to ten steps. These steps often covert tempera¬ 
ture intervals as large as 32®C., where the boron trioxide was dther a hard 
g^bss or a very viscous liquid and the expansion coefficient was not chaaigtng 
greatly. On the other hand, the temperature steps within the range 
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210® to 270®C. were usually kept between 15® and 20®C., as here the 
coefficient was increasing rapidly. Since boron trioxide is a very poor 
conductor of heat, it was important to allow sufficient time to elapse at 
each step for complete equalization of temperature within the sample. 
Accordingly, in some cases the temperature in the copper block was main¬ 
tained constant for periods as long as two and a half hours. 

The calculation of the coefficient of expansion of the boron trioxide 
from the weights of the mercury ejected between successive temperatures 
was simple. At an initial temperature, Ti, the volume of the mercury in 
the dilatometer plus the volume of the oxide sample was equal to the 
volume of the dilatometer itself; or in equation form we have 


J I PFi 4* T^l(«ide) ' 
f*l i 


V 1 (dilfttoBMler) 


( 1 ) 


where di and Wi represent, respectively, the density and weight of the 
mercury in the dilatometer. At a higher temperature, Tt, we may simi¬ 
larly write 



IFj + FsCszide) 




( 2 ) 


The weight of mercury which is ejected from the dilatometer in heating 
from Ti to Tj is, of course, W, = Wi — W 2 . By making use of this fact 
and subtracting the first equation from the second, we then obtain 


Ayoxid« 


AydilxtonleteT “ 



(3) 


The volume increase of the dilatometer over the temperature ranges of 
this study was first determined in two independent series of measurements, 
which were carried out in the absence of a boron trioxide sample. The 
necessary data for the density of mercury at the various temperatmes 
were taken from the Landolt-Bdmstein “Tabellen” (2). 

From the values of AVoxide (obtained by equation 3) the cubical coeffi¬ 
cient of expansion, a, may be evaluated. By definition 



However, for the rather small temperature steps employed in the present 
investigation approaches accordingly we have em¬ 

ployed here the approximation 
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2 

which will not involve us in any great error. 


(4) 


EXPANSION DATA 

Expansion determinations were made upon several different boron tri¬ 
oxide samples in the course of our investigation, but naturally a number 
of these measurements were rather preliminary in character. In the 
present connection we shall restrict ourselves for the purposes of brevity 
to a consideration of the data for the last two samples studied. 


TABLE 1 


The cubical coefficient of expansion of boron trioxide 


VNANKBALBD 


PABTZALLT ANNBALBD 


CARaFULLY ANNBALBD 


Sample 1, under various conditions 


degrees C. 

a 

degrees C, 

a 

degrees C, 

a 

113.1 

0.41 (10“^) 

122.1 

0.48 (10-") 

123.7 

0.52 (10-*) 

139.7 

0.37 (10-‘) 

156.9 

0.65 (10-‘) 

167.4 

0.60 (10-*) 

166.7 

0.17 (10-‘) 

^88.1 

0.55 (10-*) 

184.4 

0.83 (10-*) 

103.7 

-0.17 (10-‘) 

213.3 

0.83 (10-*) 

204.4 

1.08 (10-*) 

217.8 

-0.73 

234.8 

3.98 

222.8 

3.45 

234.9 

2.19 

256.6 

5.70 

247.5 

5.61 

251.1 

5.84 

286.5 

6.25 

275.7 

6.05 

269.1 

6.00 





290.3 

6.16 





310.0 

5.84 






Sample 2, under various conditions 


122.1 

0.40 (10-*) 


0.66 (10-*) 

114.2 

0.54 (10-*) 

152.3 

0.19 (10-*) 

152.9 

0.59 (10-*) 

143.4 

0.49 (10-*) 


-0.19 (10-*) 

177.8 

0.71 (10-*) 

171.8 

0.59 (10-*) 


-1.07 (10-*) 

198.3 

0.85 (10-*) 

199.6 

1.18 (10-*) 


0.56 (10-*) 

217.1 

1.62 (10-*) 

226.9 

4.35 (10-*) 

250.2 


233.1 

4.64 (10-*) 

250.0 

6.13 

270.0 

1 6.22 

249.1 

6.64 (10-*) 

270,0 

5.92 

293.8 

6.35 






Sample 1 contained 6.3 g. of the oxide. After its installation in the 
dilatometer it was first heated to about 325'’C. and then quickly cooled 
by quenching the dilatometer in water. The results of a series of ex¬ 
pansion measurements made upon the material in this condition are given 
in the first part of table 1 under the heading “unannealed.” The sample 
was next cooled from 300°C. down to room temperature at the rate of 
about S^O. per hour. The subsequent series of expantion measurements 
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appears in the first section of table 1 under the heading ^^carefully an¬ 
nealed.’^ Finally, the sample was cooled from 300®C. to room tempera¬ 
ture at the rate of 26®C. per hour, after which the data for the “partially 
annealed” material were obtained. 

Sample 2 was very similar to the preceding one, although it had been 
prepared from a different batch of boron trioxide. In this case the ex¬ 
pansion coefficients for the unannealed condition were obtained after the 
dilatometer and contents had been heated to 325®C. and quenched in a 
large beaker of ethyl alcohol. The heat treatments of the sample prior 



100 150 200 250 300 

Fig. 1. Showing the Expansion Data for the Two Samples in the Carefully 

Annealed Condition 


to the “carefully annealed” and “partially annealed” determinations were 
practically the same as in the case of sample 1. All these data appear 
in table 1. 

In our judgment the experimental error incidental to our method of 
measuring the coefficient of expansion should be under 5 per cent in all 
cases. Any deviations between different series of data which appreciably 
surpass this figure should be attributed to differences in the heat treat¬ 
ment of the samples either prior to or during the measurements. A 
comparison of our various results therefore serves to bring out the great 
variability of the boron trioxide in the region below 260®C., where, as it 
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cools, the oxide begms to ohaage over fnun an extiem^ viseous liquid* 
to a bard, glaeqr condition. 

Ute glasBee, after they have been ‘^carefully anneided,” undoubtedly 
represent fairly close approaches to internal equilibrium and accordingly 
the expansion coefficients obtained in this connection for the two samples 
are in good agreement. Likewise, the influence of stndns and previous 
ihermal history is relatively unimportant in the viscous liquid above 



Fio. 2. Showino the Expansion Data Obtained fob Sample 1 Following 
VAB iotrs Deqbees of Annealing 

270'’C., and so in this region the results of all determinations, regardless 
of previous treatment, are practically within the limits of experimental 
error. IhLese findings are represented graphically in figure 1. 

On the other hand, the glasses m the “unannealed" and “partially 
annealed" conditions jdelded results of poorer reproducibility below 260*’C. 
In particular, the coefficients of expansion for the unanneided i^asses run 
decided]^ bdow those for the carefully annealed and even assume various 

* We have been able to make viscosity measurements upon boron trioxide down 
to 2S7*C., at which temperature i; 2 (10“) poises. 
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negative values between 180® and 230®C. In other words, there is actually 
a decrease in the volume of the glass sample within this range. Such 
behavior, of course, makes the subsequent rise as the viscous-liquid condi¬ 
tion is approached even more rapid than in the case of a carefuUy anneded 
glass, llie data for the “partially annealed” glasses, as might have been 
expected, generally lie between those for the “unannealed” and “care¬ 
fully annealed” conditions. Curves for the three sets of data thus 
obtained in the case of sample 1 are shown in figure 2. 

Some measurements of the coefficient of thermal expansion of boron 
trioxide within this temperature range have also been made by Sam- 
soen (3). The values reported by him have been included for compara¬ 
tive purposes in figure 2 where they are represented by the solid dots. 
His results below 200®C. and above 260®C. are in good agreement with 
some of our determinations. However, between these two temperatures 
he obtains a much sharper transition in the expansion coefficient than we 
have ever found in any of our samples. 

DisctrssiON 

The results of this study show that for boron trioxide the cubical coeffi¬ 
cient of thermal expansion in the viscous-liquid state is more than ten 
times that for the glass and that between these two states there is a 
transition* extending over a temperature range of about 50®C. Thus 
these expansion phenomena parallel those found by Thomas and Parks (4) 
in their study of the specific heats of this substance. They are also in 
thorough agreement with the results of some expansion measurements of 
an optical glass reported by Berger (1). In view of such findings it seems 
to us quite clear that a glass must be considered in a separate category 
from the undercooled viscous liquid from which it is formed. 

The very marked influence of the rate of cooling from the liquid to the 
glassy states is also a noteworthy feature. Probably no actual glass can 
be considered as being in a condition of true thermodsmamic equilibrium 
at a temperature much below its softening region; the attainment of such 
an equilibrium might require the lapse of almost infinite time. However, 
our boron trioxide glasses which were formed by careful annealing were 
probably not greatly removed from a condition of internal equilibrium 
or, in other words, they represent a good approach to stable glasses. On 
the other hand, the glasses which were produced by quenching the dila- 
tometer in water or alcohol represent substances which are in a state of 
great strain or, we might say, which are greatly removed from the condi¬ 
tion of internal equilibrium at lower tonperatures. It is interesting to 

• It must be realized that the coefficients of expansion reported here are mean 
values over temperature intervals. Such values tend to smooth out the curve and 
to decrease the sharpness of the change. 
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note that the volumea of such glasses are appreciably larger than those 
for the annealed, as the comparative data (table 2) for the volumes of the 
two samples under various conditions show. 

The volumes of the unannealed glasses at room temperature are almost 
as great as those of the carefully annealed at a temperature wil^ the 
transition region. Thus in the unannealed glass there must be a tendency 
for the material to undergo internal changes in the direction of a smaller 
volume. Nevertheless, the effects of such a tendency cannot become 
very noticeable at temperatures far below the softening region of the glass 
because the velocity of the shift toward the equilibrium point is bound 


TABLE 2 

The volume of the glass samples at room temperature 


CONDITION 

SAMPLE 1 

SAMPLE 2 

Unannealed. 


CC. 

3.425 

Partially annealed. 


3.379 

Carefully annealed. 

3.373 

3.366 



to be extremely low where molecular translation is infrequent. However, 
as the temperature of the unannealed glass approaches the softening region 
and the frequency of translational motion of the molecules in the struc¬ 
ture increases markedly, this tendency of the internal equilibrium to 
shift towards a smaller volume predominates for a time over the general 
expansion tendency of the material and produces the negative values of 
the coefficient of expansion between 180° and 230°C. 

SUMMARY 

By use of a small dilatometer with mercury as the dilatometric fluid 
the coefficients of thermal expansion of two samples of boron trioxide 
have been measured between 100° and 325°C. with a probable experi¬ 
mental error of less than 5 per cent. The coefficient for the viscous liquid 
was found to be more than ten times that for the glassy state. The 
character of the expansion coefficient-temperature curves below 260°C. 
depended greatly upon the extent of the annealing during the initial 
formation of the glass. 
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I. Introduction 

If a difference of electric potential I, varying from 0 to about 1.5 volts 
is applied to the electrodes of a system such as 

„ aqueous KNOa solution any constant nonpolarizable 
* of any concentration reference electrode 

making the HgiKNOs solution end the cathode, the surface tension a at 
the HgIKNOs solution boundary varies in a regular way. The measure¬ 
ment of a for various values of is best carried out in the Lippmann 
electrometer (1). The curve obtained by plotting a as ordinate and % as 
abscissa is called the electrocapillary curve of the system. In practice the 
system may be varied by replacing the mercury by an amalgam or by some 
other liquid metal such as gallium, and the potassium nitrate solution by 
aqueous or organic solutions of any electrolytes whose cations are suffi¬ 
ciently electropositive not to be deposited upon the metallic phase to any 
appreciable extent within the range used; the electrolyte must therefore 
in particular be as free as possible of the ions of those metals constituting 
the metallic phase. 

Since its discovery (2), two thermodynamic theories of the electrocapil¬ 
lary curve have been advanced. The first, due chiefly to Lippmann, 
Helmholtz and Planck (3), is that of the so-called “perfectly polarizable 
electrode.” The second, usually referred to as the “Gibbs theory,” and 
due chiefly to Gibbs, Thomson, Warburg, Gouy and Frumkin (4), consists 
in the direct application of Gibbs^ adsorption theorem to the polarized 
electrode. 

The two theories start from independent, apparently unrelated assump¬ 
tions, but both lead to the same result, verified by experiment (5), that 
the slope of the electrocapillary curve is equal to the surface density of 
electric charge on the surface of the mercury in contact with the solution. 
Together the two theories give a good account of most of the facts of elec- 
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tTocapillmty (6). Nevertheless they are unsatisfaetoTy in at least two 
respects: 

1. The theory of the “perfectly polariaable electrode” does not give an 
account of the variation of the electrocapillary curve with the composi¬ 
tion of the two phases involved. 

2. The “Gibte theory,” although it does take account of the composi¬ 
tion, rests on the assumption, among others, that the mercury surface is 
always in equilibrium with Hg]'*"*' and Hg'*'+ ions in the solution adjacent 
to it in the oapillaiy. This assumption is open to question because, except 
for the lowest part of the ascending branch of the curve,^ the solution in 
die capillary never contains an appreciable concentration of mercury salt; 
the values of Csi,'*"*' calculated from the potentials applied along by far 
the greater part of the curve lie between 10“* and 10“* ®. This means that 
any Hgi'^'^ or Hg'*"*' ions at all, which happen to diffuse into the neighbor¬ 
hood of the mercury surface in the capillary, are immediately and violently 
rmnoved from the solution by electrolysis, so that actually there is any¬ 
thing but equilibrium with respect to these ions.® That in spite of tbds 
assumption the “Gibbs theory” leads to a correct result, suggests that the 
error is partly or wholly counterbalanced by the other assumptions, diffi¬ 
cult to verify individually, on which that theory rests. 

In short, the first theory seems to be incomplete, and the second one at 
least partly wrong—a situation which explains the disconcerting existence 
of two apparently unrelated theories leading to one correct result. 

The following is an attempt to give a complete theory starting from only 
one special assumption, which is sufficiently realized in the Lippmann 
dectrometer. 

II. The Theory 

A. THE ASSUMPTIONS 

1. The perfectly polarizahle system 

Let A, figure 1, represent a system of two electrically conducting liquid 
phases, a and 0, separated by a plane inhomogeneous boundary layer B, of 
finite thickness (lightly shaded portion of figure). The external surface 
of A is to be looked upon as bounded by a container of some nonconducting 
and chemically inert material. It is furthermore assumed that the interior 

the system is electrically neutral as a whole. This means that any 
closed surface, D, in the interior, extending into the homogeneous regions 

> For this part of the curve to be sure, where Cngt** may reach vtJuee as high as 
10~', the equilibrium Hg | Hgt**"^ does obtain, as shown by A. Frumkin and A. 
Obrutsohewa (Z. physik. Chem. 186A, 248 (1928) and K. Bennewits and K. Kdehler 
(Z. {diysik. Chem. lUA, 443 (1931)). 

* author is indebted to Professor E. Lange for calling his attention to this 
difficulty. 
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of both a and and cutting the boundary layer B perpendicularly every¬ 
where, can contain no appreciable excess electric charge—a condition which 
is fulfilled by all conducting two-phase systems in equilibrium at ordinary 
temperatures. 

Finally, the system is assumed to have the following special property: 
Somewhere within the inhomogeneous boundary layer B and parallel to it, 
there exists a thin layer C' (heavily shaded portion of figure 1), which is 



Pig, 1. Schematic Rbpbbsentation of Perfectly Polarizable System 
B » boundary layer between phases a and/9; C' » barrier impermeable to charged 
particles; C «■ fictitious Gibbs surface; D «■ fictitious closed surface in interior, 

impermeable in both directions to charged particles {ions, electrons) of any 
sort The word ‘‘thin^' in this statement means that the barrier to charged 
particles may be thin compared with the entire inhomogeneous layer B. 
The barrier C' is evidently the layer in which the general properties of the 
medium change relatively abruptly from those of a metal to those of an 
aqueous or other solution: on one side of C' the system, although still 
inhomogeneous, has entirely metallic properties; on the other side, al¬ 
though also inhomogeneous, it has entirely nonmetallic properties. 
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A neceesary condition for the above special property is the following: 
oi all the species of electrically dharged particles (formed by dissociation 
of any of the components) present in one of the phases, say a, none may 
be present to any appreciable extent in the other phase /3, and vice versa. 
This condition implies the complete absence of electrochemical equilibrium. 
The condition is, however, not sufficient, because its fulfillment does not 
preclude aU electrolysis (e.g., the formation of gaseous hydrogen on a 
copper cathode in a solution containing H+ but no Cu+ or Cu'''+', due to 
passage of electrons from the metal into the solution). Since electrolysis 
can always be brought about by applying a sufficient E.M.r. in the proper 
direction, a given system can possess the property mentioned only within 
a certain range of IE. 

A discussion of the definition and properties of the “perfectly polarizable 
electrode” of Planck (3) would be inexpedient here. Suffice it to say that 
the assumption of the above property leads to all the consequences neces* 
sary for an exact treatment of the “perfectly polarizable electrode.” The 
property in question will therefore be designated as that of 'perfect polariza- 
bUUy, and any system possessing it as a perfectly polarizable system. The 
physical significance of this name lies in the impossibility of electrolysis 
and the attendant absence of electrochemical equilibrium. The perfectly 
polarizable system evidently constitutes a case intermediate between that 
of two conducting phases in electrochemical equilibrium as regards one 
or more charged species, and that of a conducting phase in contact with a 
dielectric. 

2. Relation of the perfectly polarizable system to the electrocapillary curve 

If to the electrodes of the system Hg | aqueous KNOs solution | 1 N 
KGl I HgaCla 1 Hg potentials TE are applied making the Hg | KNOs side 
the cathode, practically no electrolysis will take place as long as 0 < t < 
1.3 volts, because (1) the potassium nitrate solution contains no Hgs++ 
or Hg++, (2) K+ is too electropositive to be deposited in appreciable amount 
(7), and (3) even after the deposition potential of hydrogen gas at atmos¬ 
pheric pressure (I = about 0.7 volts in the example quoted) is exceeded, over¬ 
voltage keeps the hydrogen from being formed to any appreciable extent. 
Similar considerations apply to the other systems giving rise to electro- 
capillary curves in the Lippmann electrometer. The perfectly polarizable 
system thus constitutes an idealization which is closely approached 
the real systems in question. Consequently a theimodjoiamic theory of 
perfectly polarizable systems will at the same time be a general theory 
of the electrocapillary curve. Any discrepancy between such a theory and 
the facts will be due to a deviation of the system from perfect polari 2 n.biiity. 

But of such deviation there exists a very direct measure; it is the density 
of the “depolarization current” which flows upon appl 3 dng the potential X. 
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If there were no depolarization current, the system would be perfectly 
polarizable. In a Lippmann electrometer containing alkali salt solution, 
the current density (at the small electrode) is very small, of the order of 
10”^ to 10““® ampere X cm~2. 

B. THE COMPOSITION OF THE SYSTEM 
1 . Three definitions concerning composition 

(la) Charged components. In a system containing electrically charged 
species it is possible to regard the latter as components in the thermody¬ 
namic sense. For such “charged components,'’ as for the electrically 
neutral components of a system, the chemical formulas assumed are to 
some extent arbitrary, the number of components alone being fixed. Let 
any system in equilibrium be bounded by a non-conducting chemically 
inert container of variable volume. Then the number of charged com¬ 
ponents is the number of electrically charged species, the total amount of 
which within the container may be varied independently. Thus, the 
system; aqueous H 2 SO 4 solution | vapor has three charged components, 
which may be taken as H+, OH”, SO4" or H3O+, OH”, SO4", or H+, OH”, 
HS 04 ^, etc. In a binary alloy there are three charged components: the 
ions of the two metals and electrons. 

(lb) Electrolyte components. No matter in what proportions the charged 
components are present in any system as a whole, including its inhomo¬ 
geneous boundary regions, all phase interiors will remain electrically 
neutral, because excess charges always collect in boundary layers. The 
interiors of the conducting phases of a system may therefore be regarded 
as containing a certain number of neutral components capable of dissocia¬ 
tion, of which the charged components are dissociation products. These 
neutral but dissociating components will henceforth be referred to simply 
as “electrolyte components,” whether they are electrolytes in the ordinary 
sense or not. Thus the system T1 amalgam | aqueous KCl solution, which 
contains two electrolytes in the ordinary sense, potassium chloride and 
water, contains four electrolyte components, which may be taken as 
thallium, mercury, potassium chloride, and water. 

The chemical formulas assigned to the electrolyte components are to 
some extent arbitrary, only the number of these components in a given 
system being fixed. Thus, for a system consisting of a single phase and 
its boundary layers, and containing p® charged components, the number of 
electrolyte components is in general p® — 1.® 

* Owing to electroneutrality the amounts of only p® — 1 of the p® species can be 
varied independently in the phase interiors. This means that the presence ofp® 
charged components in the syetem demands the presence of p" — 1 (corresponding) 
components for the phase interior. But whether these p® — 1 components of the 
interior are taken to be electrically charged species, or neutral species giving rise to 
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(2) Neutral componenta. Any uncharged components which do not 
..dissociate appreciably into charged species will be referred to simply as 
“neutral components.” 

The point of these definitions lies in the fact that whereas at constant 
temperature and pressure the state of a system as a whole depends upon the 
amounts of the neutral components and of the charged components, the 
state of dU the phase interiors* may be regarded as depending only upon the 
amotmts of neutral components and of the electrolyte components, that 
is, the electrol 3 rte components are convenient alternatives to the charged 
components in the description of phase interiors apart from boundary 
layers. 


S. Description of the composition of the perfectly polarizable system 

Since both phases a and j3of the system, figure 1, are electrically conduct¬ 
ing, they will both contain chained components. Let p“ be the number of 
charged components in a, p^ the number in j9, and p the total number of 
charged components of the system. Then, since a and /3 may have no 
charged components in common, 

p - p“ + (1) 

Let 5“ be the number of electrolyte components in o, the number in j3, 
and q the total number of electrolyte components of both phase interiors. 
Ihen, since the perfectly polarizable system behaves, as regards its charged 
components, like two entirely separated single phases, 

g« - p« - 1 (2.1) 

^ ». pfl 1 (2.2) 

9 - «“ + 9^ » P - 2 (3) 

Let r“ be the number of neutral components in a, r^ the number in 0, and r 
the total number of neutral components of the system. Then, since there 
is theoretically no restriction on the number or nature of the neutral 
components, so that the two phases may have a certain number, — 

r, in common. 


r ^ r“ + r** 


(4) 


the charged species by dissociation, or some of each, is immaterial, because only the 
number of the components is significant. Thus, if a one-phase system contains the 
charged components Na'*', Cl~, NO i~, the amounts of only three of these ions can 
be varied independently in the phase interior, and so there are only three electrolyte 
componmits, KCl, KNOt, NaNOi, or KCl, NaCl, NaNOi, etc. 

* By the state of a phase interior is meant the totality of the factors affecting any 
events that might be caused to take place in the phase interior. 
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In practice one of the two phases is always metallic, so that the r neutral 
components will practically always be restricted to one phase, the non- 
metallic one, i.e., if a denotes the metallic phase, then: 

r - (6) 

The treatment will, however, proceed on the more general assumption 
(equation 4). 

The total number, J, of components of the system is given by 


J + r — p + r (6.1) 

- 9 “+ g^ + r + 2 = g + r + 2 (6.2) 

and the number, K, of components of the two phase interiors is given by 
iir = p“ + p^ + r- 2 = p + r- 2 (7.1) 

“ ?“ + 3 " + r = ff + r (7.2) 

SO that, for the perfectly polarizable system, 

X = J - 2 (8) 


In what follows, the subscript i will refer to the charged components, 
j will refer to the electrolyte components, and k will refer to the neutral 
components. In accordance with this notation, the (charged) species 
representing the charged components of the system will be designated by 
Xi“, Xi^ or, without allocation to phase, by Xr, the electrolyte compo¬ 
nents by Xy“, Xj^, or by X,-; and the neutral components by Xt", or 
by X*. 

C. GENERAL EQUATIONS OF THE PERFECTLY POLARIZABLE SYSTEM 

7. The extensive properties of the boundary layer 

The values of the extensive properties such as energy, entropy, or the 
amount of a component, may be defined according to Gibbs for any 
boundary layer as follows. Imagine a geometrical surface C, lying parallel 
to the boundary layer B (figure 1) at an arbitrary level. This level, being 
arbitrary, may be regarded as defined by a variable x, denoting the distance 
from C to any parallel fixed level, say that of a certain mark on the contain¬ 
ing wall of the system A. If G is the value of an extensive property such 
as energy, entropy, etc., for the entire space (matter filled) enclosed by 
the surface D (figure 1), then the corresponding value G“ for the boundary 
layer is defined by: 

0 - -1- -f- G“ (9) 

where G* denotes the energy, entropy, etc., which the space bounded by C 
and that part of D which lies in a wovM have if the matter contained in it 
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remained homogeneous up to C, and denotes the same for 0. Any 0“ 
thus defined evidently depends upon the position of the fictitious surface 
C, and is therefore a function of a:. In a perfectly polarizable system the 
only G“ values of much physical interest are those for which the surface C 
is placed within the physical barrier C' separating the metallic from the 
nonmetallic media. The exact definition of this level, which will be 
designated as the physical dividing surface of the system, and which, for a 
pven state of the boundary layer, is characterized by a constant value of 
*, X *= x', is given on p. 124. From p. 124 on, all G" values will definitely 
and finally be referred to the physical dividing surface x = x', but until 
then X will be regarded as arbitrary. 

It may be noted that according to the above definition 

r - (9.1) 

where V denotes the volume of the space within D (figure 1). As a result 
the volume of the boundary layer, F", is always zero, and thus occupies 
a special position among the extensive properties G". 

0. The charge of the double layer 

The space botmded by the fictitious surface C and that part of D which 
lies in a in general contains a certain net electric charge carried by charged 
particles accumulated near C; denote this charge by 9“. If is the area 
cut out of C by the closed surface D, the surface density of the charge in 
question is S^/Q; set e^/tl - Quantities 9^ and = 9>/Q may be 
similarly defined. 9“, 9^ and €“, are regarded as the charges and charge 
densities, respectively, of the two sides of the double layer, referred to the 
arbitrary surface C; since these quantities are so referred, they are, like 
the G", functions of x, of greatest physical interest for x = x'. 

S: The electroneutrality of the double layer 

From the initial assumption (p. 112) that the space bounded by the closed 
surface D is electrically neutral as a whole, it follows that if this space is 
divided into two parts by any surface whatever, as, for instance, C, the 
excess charges in the two parts are equal and opposite. Hence 

«“ + - 0 
e" + •* - 0 

i.e., the double layer as a whole is electrically neutral. 

This condition of electroneutrality can be obtained in a different form as 
follows. Let tii denote the number of equivalents of any charged com¬ 
ponent, Xi, contained within D. Then, by equation 9: 


( 10 . 1 ) 

( 10 . 2 ) 


tii »« n,“ + n,^ + n," 


( 11 ) 
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Furthermore let the quantity Wt be defined by 


w. - (12) 

|*.| 

where 2 ,- denotes the valence of with sign included (e.g., = 2, 

«so “ = ~ 2); Wi is evidently equal to + 1 for each positively charged 
component and to — 1 for each negatively charged component. If equa¬ 
tion 11 is multiplied by Wi and the sum taken over all p charged compon¬ 
ents, the result is 

P P P P 

t-1 *-*1 t«l t*l 

The term on the left vanishes because the space within D is electrically 
neutral as a whole, and so do the first two terms on the right because the 
phase interiors are electrically neutral; this leaves 

p 

^ te.n." - 0 (14.1) 

* •* 1 


expressing the electroneutrality of the double layer. The introduction of 
the surface densities of the X* (in equivalents per unit area) defined by 
r, = equation 14.1, gives the alternative form 

p 

2 = 0 (14.2) 

4. In a 'perfectly polarizable system the charge of the double layer can be varied 
independently of the state of the interiors of the two phases 

If this proposition is true for 9^ referred to the physical dividing 
surface x = x', it is obviously true for any other value of x. Its truth for 
X = x' is evident from the following. Suppose there were in contact with 
the phase a a series of electrodes, one for each of the X,“, permitting its 
addition to or removal from the system. Suppose the same for /3. Now 
through an electrode in contact with a cause An,“ equivalents of A',“ with 
an electric charge of w,“FAnj“ (F = Faraday’s equivalent) coulombs to 
enter the system, simultaneously introducing an equal number of equiva¬ 
lents An<^ of some oppositely charged component into /3. Since no 
electrolysis can take place, the result will be that an electric charge of 
w<“FAn<“ will distribute itself (1) along the a side of C, (2) along the free 
surface of a, and that an equal and opposite charge, will dis- 
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tribute iteelf amflariy in 0.* Moteoyet, althouj^ only one of the Xj* be 
originally introduced into each phase, all of them will in general take part 
in t.hi« distribution (cf. equations 14.1 and 14.2). Consequently the con¬ 
centrations of the X i", X in the phase interiors will in general be changed 
by the introduction of the chaiges Wi“FAni^, Wi^FAni^. FinaQy, owing to 
ohiftimg of the absorption equilibria of the Xt by the change in charge 
density at the double layer and at the free surfaces, the concentrations of 
the Xi, in the phase interiors will also be changed. But the concentrations 

the Xy and Xt in the phase interiors may be restored to their original 
values, leaving the charge of the double layer at a new value, 0" + A6", 
0^ + A0^, 

Sudi a process can be carried out only in the absence of electrochemical 
equilibrium, because otherwise electrolysis will always take place. In 
eystems wUh electrochemical equilibrium, the state of tiie boundary layer 
including 0“, 0^ is always completely determined by the state of the a^acent 
phase interiors. 

The process described is essentially the one taking place in a Lippmann 
electrometer when a potential is applied, except that in the electrometer 
it is not necessary artificially to restore the concentrations in the phase 
interiors to their original values, the concentration changes produced 
being insignificant as long as deviations from perfect polarizability remain 
small. 


5. Deduction of the fundamental eguatione for the boundary layer and for the 

eurface tension 

A 'fundamental equation” of the Gibbsian type for the energy of the 
boundary layer X® (defined according to equation 9), will express X* as a 
function of the entropy of the boundary layer 8", the extent of the surface 
0, and the amounts of the various components adsorbed. In order to 
obtain this equation, consider the change in the total energy X of the region 
bounded by the fictitious surface D, figure 1, when the (System as a whole is 
subjected to any infinitesimal change whatever, in which equilibrium is 
preserved. The energy change in question can be due only to (1) the heat 
absorbed or evolved by the system, (2) the mechanical work done on or 
by the system through changes in the volumes V*, V> and in the area 0, (3) 

* The charges and added to the two aides of the double layer will by equa¬ 
tion 10.1 be equal and opposite. Hence the charges added to the free surfaces of 
a and fi will also be equal and opposite^ they will furthermore in genmal be numeri¬ 
cally much smaller than OS®, 00^ because charges of opposite sign tend to come 
as dose together as possible. Therefore, the condition 

l49“l- - I y Ani^ I - lAS^j 

will very nearly fulfilled in most cases. 
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change in energy due to changes in the amounts, nt and of the 
components Xt and Xk respectively. Consequently 

P r 

dU - rdS - P“dF“ - + <rdn + 2^ i;,dn, + ^ M*dn* (16) 

ib-l 

P“ and are the pressiues of the phases a and 0 respectively,* a is the 
surface tension at the boundary layer B, v< the electrochemical potential^ 
per equmAevt of X<, and fn the chemical potential per rruAe of Xi, rn, and n» 
being measured in equivalents and moles respectively. Equation 15 con¬ 
tains the general condition for chemical equilibrium, namely, that a 
particular rn or Mt has the same value in all the parts of the system—^i.e., 
both in the homogeneous phase interiors and in the boundary regions— 
in which the corresponding component is present to an appreciable extent. 
Since a given Xi is appreciably present in only one of the two phases, each 
of the refers to only one phase; the same applies to the m, of any Z* 
present in only one of the two phases. 

In order to obtain from equation 15 an expression for the following 


relations, all special cases of equation 9, are necessary: 

AB - d£“ + djB<» + dS" (17) 

dS - dS» + + d5“ (18) 

dni — dn,“ + dn,^ + dn," (19) 

dnt — dn*“ + dn»^ + dn*" (20) 

and also the following equations for the energy change that each phase 
would undergo if it remained homogeneous up to the arbitrary surface C: 

P r 

dB- - rdS“ - P“dF“ + ^ i,idn.“ + ^ M*dn*“ (21) 

P r 

dE> - rdS” - P^dF<» + ^ n.dn,'» + ^ (22) 

*»1 kml 


< In general, and are related according to 

P« _ pu - , (3- + ^) (16) 

\ri r 2 / 

where ri, ri wre the principal radii of curvature of the boundary layer. It follows 
that in the special case of a plane boundary layer (ri « rs » < 0 } represented in figure 
I, P* ■■ P^. Equation 16 and the equations deduced from it hold independently of 
whether the boundary layer is curved or plane, as long as rj, ri are large compared 
with the thickness of the boundary layer. 

^ The electrochemical potentials jfi play exactly the same r61e for the charged 
components of a system as the chemical potentials m* do for the neutral components; 
they were first defined by E. A. Guggenheim (J. Phys. Chem. S3, 842 (1929)). For 
further discussion of the electrochemical potential, see reference 8. 
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The substitution of equations 17 to 22 inclusive into equation 15 gives: 

V <• 

<ur- - rdS" + «rdO + 2 D.d»n- + ^ M*dn*“ (28) 

< « 1 km I 

Equation 23 was derived for any change at all in which equilibrium is 
fueserved and hence is generally true. Since the preservation of equilib¬ 
rium includes that of electroneutrality, the quantities n," in equation 23 
cannot all viuy independently but only subject to the electroneutrality 
condition (equation 14.1): 


9 

^ w,ni" - 0 
1-1 


(14.1) 


Aside from this restriction, however, the variables nj" are all independent, 
and BO are 5", 0, n*". The number of independent variables of which E" 
is a function is thus p + r -(-1 = J + 1* (cf. equation 6.1). 

The simultaneous equations 23 and 14.1 constitute a general thermody¬ 
namic solution of the problem of the perfectly polarizable system. 

This solution may be obtained in the form of a single equation by solving 
equation 14.1 for one of the n<", say ni": 


m" 



(24) 


and substituting this in equation 23, giving 

V r 

dff" - rdS“ + <rdQ + ^ Bjdn," + ^ Mtdn»" (26) 

.=2 t -1 


where 


B, 


Vi 


Wi 

Wi 


m 


(26) 


It may be noted that, since the variables whose differentials appear on the 
right side of the "fundamental equation” (equation 25) are all independent, 


0, ni", nt" 


(27.1) 


* A proof of the theorem that in the perfectly polarizable system wy extensive 
variable (T** is in general a function of .7 -h 1 independent vaiiahles will be given in a 
subsequent eommunication. 
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\i>°) 8", fn“, n*" 

(27.2) 

/&B"\ 

(^) -B.,t-2,...p 

s", Q, n.<", n*" 

(27.3) 

van*-/ a, 

(27.4) 


where the subscripts n,-" and n*'" mean that all the variables 7i<" (i = 2, 
. . .p) and n*“ are kept constant except the one with respect to which 
the differentiation is carried out. 

The application of the general equations, 23 and 14.1, or 25, to the 
problems arising in practice is facilitated by transformation into the Gibbs- 
Duhem type of equation. The independent variables in equation 25 are 
all extensive quantities, so that is a homogeneous function of the first 
order in these variables. Hence, by Euler’s theorem 

P r 

- rS" + <rfl + 2 B.rti" + 2 (28) 

»-« ife-i 

Differentiation of equation 28 and subtraction of the result from equation 
25 yields the desired relation of the Gibbs-Duhem t 3 'pe: 

P r 

0 = S“dT + nd<r 4- n,"dB. + ^ (29) 

fc -1 


The most convenient form of this equation is that obtained by solving for 
d<r: 

P r 

da - - «“dr - 2 r.dB. - 2 r*dM* (30) 


in which 




Q 


(31.1, 31.2, 31.3) 


It may be mentioned that of the p + r+ l= «I+l variables whose differ¬ 
entials appear in equation 30, J are independent* if the curvature of the 
boundary layer is regarded as variable,^* so that <r may in general be re¬ 
garded as a function of the / variables T, (i = 2, .. . p), in,. The 
decrease in the number of independent variables from J + Ito Jin passing 
from equation 25 to equation 30 is due to the fact that the variables whose 
differentials appear in equation 25 are extensive, whereas those whose differ¬ 
entials appear in equation 30 are intensive. 

* Proof in a subsequent communication. 

** Cf, footnote', p. 121. 
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Finafly, it is to be noted that the substitution of equation 26 into equa¬ 
tion 30 sbows that just as equation 25 is equivalent to the simultaneous 
equations 23 and 14.1, so is equation 30 equivalont to the simultaneous 
equations 


- -«"dr - ^ Tidui - 2 r*d«i (32) 

»-l ifc»l 

p 

2 «).r. - 0 (14.2) 

Equation 32 together with the electroneutrality condition in the form of 
equation 14.2 or 10.2 furnishes the best starting point for the special 
applications of the theory. 

The fundamental equation for E" having been obtained, it is of course 
possible to develop the theory of the perfectly polarizable system further 
along Gibbsian lines, obtaining expressions for the other characteristic 
functions of the ss^tem. This is, however, not particularly necessary, 
because from the foregoing it is already evident that all the equations will 
be of the form of the general Gibbsian equations for any boundary layer, 
with electroneutrality conditions attached, the simultaneous equations 
obtained by keeping the electroneutrality conditions explicit (e.g. equa¬ 
tions 23, 14.1 and equations 32, 14.2) being more symmetrical than the 
corresponding equations with the electroneutrality conditions implicit 
(e.g., equations 25 and 30). 

6. SpedalizaHon of the general equations 

(1) Introduction of the physical dividing surface. The general equations 
of the perfectly polarizable system have so far been deduced with no special 
assumptions as to the position of the arbitrary dividing surface C, figure 1, 
with respect to which the extensive properties 0" and the charge of the 
double layer are defined. From now on all equations will be limited to the 
one case of phsrsical interest, mentioned on p. 118, in which the fictitious 
surface C is placed within the physical barrier C', characteristic of the 
perfectly pohidzable system. The exact level, a; « at which C is to be 
placed within C' is defined as that in which the foUowii^ equations, 
eocpteis^ the impmmeability of the barrier to charged 




4 ■■ 1 

(83.1) 

pO 

* *l 

(33.2) 
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are moat nearly fulfilled. F.^ are the surface densities (in equivalents 
per unit area) of Xi", X/ with respect to the level in question, and €* 
are the corresponding diarge densities of the double layer. 

In order to introduce the condition (equations 33.1 and 33.2) into the 
general equation (32), it is expedient formally to split up the electro¬ 
chemical potentials (per equivalent) of the charged components Xi“, X/ 
as follows: 


(34.1) 

■■ (34.2) 

ih", are the chemical potentials of X/, and tp^ are the absolute 
electric potentials in the two phase interiors.’^ Writing equation 32 in the 
form 

p** pfi r 

d» - -a-dr - 2 r.“d-i.“ - 2 - S 

•-1 *-1 *-i 

and substituting equation 34.1, equation 34.2 gives 

p* pfi p® pfi 

d<r - -«“dr - ^ r,“dM.“ - ^ S «>.“r.“d¥.“ - u»/r.^d*>^ 

*■*1 *‘*l i«l i«l 

r 

— ^ y r*dM* (36) 

fc«l 

into which equations 33.1 and 33.2 may now be introduced, along with 
the electroneutrality condition (equation 10.2), giving 

p“ r 

d<r - -s"dr - ^ r<«dM.“ - rMn/ - ^ r*dM* - «“d(#.“ - ^ (37) 

ib-1 


It is to be noted that, as E. A. Guggenheim (J. Phys. Chem. 33, 842 (1920); 
34 , 1540 (1930)) has shown, the quantities fn and ^ are in general thermodynamically 
indeterminate. According to Guggenheim, the difterence, ~ in electrical 
potential between two phases is thermodynamically defined only if (i) the two phase 
interiors are of identical chemical composition, (ii) the two phase interiors consist 
of ideal solutions in the same solvent, (iii) one or both phase interiors are non-ideal 
solutions in the same solvent, but the deviations from ideality depend only upon the 
valence type of the electrolyte components (as in the theory of Debye and Hfickel) 
and are otherwise not specific. Changes in are furthermore thermodynami¬ 

cally defined for two phases of any composition if the surfaces of the phases are 
alteted without affecting the interiors; this is possible in the perfectly polarizable sys¬ 
tem (cf. pp. 119 and 120) and also in systems where the two phases can be separated 
by insoluble films of various sorts (cf. A, Frumkin: Z. physik. Chem. 116,485 (1925)). 
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wMeh is ess^tially the general equation (30), speeialiaed for i^yaicid 
dividing surface, x *® dMuracteristic of the perfectly polaiisable ayeton. 

(2) IntrodyeHon e/ the appUed potential %. Imagine the phase « to be 
electneally conneoted with a piece of some arbitrary metal. Me: whether 
the connection is established by direct contact of a and Me, or alternatively 
a series of other conducting phases in contact is interposed between a and 
Me, is immaterial, as long as the absolute potential difference £up across 
each idiase boundary between the interior of a and the interior of Me de¬ 
pends only on the tmperature, pressure, and composition of the two 
phases adjacent to it, i.e., as long as chemical effects and polarization 
effects are absent. Imagine the phase /3 to be similarly connected to 
another jnece of the same metal Me. Let denote the absolute electric 
potential of the Me connected with a, that of the Me connected with jj. 
Then the electromotive force t between the two pieces of Me is given by 

t (38) 

% may evidently be varied at will by connecting the two pieces of Me to the 
poles of a potentiometer. If, as will always be the case from now on, a is 
taken to be the metallic phase, d the nonmetallic phase, then the quanti¬ 
ties defined by equation 38 are the abscissas of the electrocapillary curves 
of the system. I may be introduced into equation 37 by writing 

(v" — v^) ” ((?“ — — I (39) 

the substitution of which into equation 37 gives 

p0 r 

dT - -«“dr - 2 r."d^<» - 2 ^ r»dM* - .“d ((».“ - v>i) 

*-l fc-i 

+ («." - - t] (40) 

This equation is immediately applicable to the problems arising in practice 
and is to be regarded as the general equation of the electrocapillary curve. 

(3) The Lippmamv-HelmhoUe equation. At constant T, F“, and 

composition the quantities ut, v” — — <p^ are constant; 

consequently the differentials of these quantities vanish from equation 40 
along with ^t of T, leaving 

T, P*, P^, compoBition ” * 

This equation, the so-called Lippmann-Helmholtz equation, k thus shown 
to (kp^ upon no assumptions save that of perfect polarizability as 
defin^ in this paper; it is, therefore, true for any perfectly polarizable 
system irrespective of composition. 
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In the determination of an electrocapillary curve by the Lippmann 
electrometer, the (variable) surface tension a is measured by observing 
the (variable) height of a column of mercury (1) necessary to bring the 
boundary layer between the mercury (or amalgam) and the solution to a 
fixed position in the capillary of the instrument, the pressure of the 
solution remaining constant (cf. equation 16). Actually, therefore, P‘‘ is 
somewhat variable along the electrocapillary curves determined by the 
Lippmann electrometer, so that equation 41 does not apply rigorously to 
such curves. The limits of the variation of P“ are, however, small, being 
always such that (at constant P^), 

0 < P“ — P® < 1 atmosphere (42) 

and within these limits the variation of with may without apprecia¬ 
ble error be neglected. If the /is* are assumed to be constant, then <p^ — 

is also constant, and since the electrically neutral components are in 
practice always confined to the solution /?, whose pressure remains 
constant, /i*, and — <p^ are constant as before. On the assumption 
that the variation of the /i** with P® is negligible, equation 40 therefore 
gives for the slope of the electrocapillarj’' curves determined by the Lipp¬ 
mann electrometer 

bff 

df 

Equation 43 is the best known equation concerning electrocapillary curves 
and has been verified by experiment in various ways (5). 

In concluding it may be mentioned that the equation 40 leads directly 
to the exact equations for the variation of the electrocapillary curve with 
the composition of the two phases; these equations will be deduced in a 
subsequent communication. 

III. SUMBJABT 

1. Attention is called to a number of inconsistencies in the existing 
theory of the electrocapillary curve. 

2. These inconsistencies are removed by developing the theory afresh, 
starting from only one assumption, that of perfect polarizability, which is 
defined in this paper as meaning impermeability of the boundary layer 
between two conducting phases to electrically charged particles. This 
definition is known to correspond closely to the actual physical conditions 
in the Lippmann electrometer. 

3. The general equations resulting from the initial assumption of perfect 
polaiisabUity are the Gibbsian equations for any boundary layer in equi¬ 
librium, with eleetroneutrality conditions attached. 

4. The Lippmann-Helmholtz equation is found to depend upon no 
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assumptiozis whatever save the initial one of perfect polarizability; it thus 
holds for all perfectly polarizable systems regardless of their composition. 

The author is indebted to Professor E. Lange, formerly of Munich, now 
of Erlangen, for calling his attention to some of the difficulties which his 
paper is an attempt to solve; and to Mr. E. A. Guggenheim, formerly of 
Copenhagen, at present Visiting Professor in Stanford University, for 
much valuable aid and advice. 
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Flotation, By A. M. Gaudin. 552 pp.; 145 illufitrations; 20 chapters. New York 
and London: McGraw-Hill Book Co. Inc., 1932. Price: $6.00. 

An introduction, written for this book by Dean Theodore J. Hoover, of Stanford 
University, who wrote the first book on flotation almost twenty-five years ago, states 
that, *Dne of the outstanding merits of this book is that it much more fully than any 
previous attempt gives a practically complete exposition of the scientific principles 
underlying a process which is treating millions of tons of ore every year.^' 

The author also drew assistance from the other writers of books on flotation, 
including the present reviewer, who, with the distinguished T. A. Rickard, prepared 
the second book on flotation about seventeen years ago; the book is dedicated to the 
author’s former teacher, Professor A. F. Taggart, of Columbia University, who pre¬ 
pared the third major treatise in English on flotation at a much more recent date. 
The result of many suggestions and much criticism before printing has justified 
Hoover’s estimate of the book. 

Theory, description, practice, economic effects, are all included. While readers 
of This Journal are not greatly interested in 'Tointers on Mill Design,” "Elements 
of Costs,” or "Machinery,” there are many chapters on the theory of the process 
and the technical problems in its application which carry a message. 

With rare exceptions the researchers on flotation as a method of ore concentration 
have not been physical chemists and were inadequately prepared to study a phe¬ 
nomenon which is essentially a problem in physical chemistry. The author himself 
is not a physical chemist, but has striven faithfully to remedy that defect and has 
called in the help of many physical chemists, so that his theories might have the 
background least liable to criticism. The trouble with the periodical literature has 
been that the physical chemists did not know much about flotation, and the flotation 
engineers did not know enough physical chemistry. The result has been a flood of 
near-worthless papers on the theory of the subject. 

Gaudin’s book goes far toward remedying this defect and starts off with chapters 
on the following subject: "The Physicochemical Foundations of Flotation,” "The 
Phases in Flotation Systems,” "Colloid Systems,” "Flotation Reagents,” and 
"The Mechanical Aspects of Froth Production.” The physicochemical problem in 
flotation is first of all to produce a suspension of finely ground ore in water to which is 
added reagents that will produce froths of the desired consistence and life. Sec¬ 
ondly, other reagents must be added which will cause the desired minerals to cling 
to the bubble interfaces so that they will concentrate in a froth layer or the upper 
surface of the ore pulp. From a colloid standpoint it is a problem more or less of 
differential flocculation, attachment of certain classes of mineral particles to bub¬ 
ble surfaces being a function of the degree of flocculation of desired minerals and of 
gangue minerals. To alter the surface films on particles that normally are not 
easily floated until they are susceptible of flotation concentration is another prob¬ 
lem in physical chemistry. 

This book is a good start in the direction of discarding misapprehensions and 
misapplications of science to a process whose application in industry long ago 
outdistanced its scientific explanation. 
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Oliver C. Ralston. 
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Lea Sciencea Geologiquea et la Notion d^Stal Colloidal, By Pierre Urbain. “Actu- 

alit^s Scientifiques et Industrielles, No. 69. Exposes Geochemie. Paris, 1933. 

The origin and definition of the term ‘^colloid'* are given. The first part of the 
paper consists of a general discussion of the colloidal state. Colloids are heteroge¬ 
neous and represent transitions between true solutions and suspensions, and it is 
impossible to define rigidly the concentration of a colloidal solution. Such a 
solution is preferably designated as a ‘^pseudo solution.Mixed systems are fre¬ 
quently found, the same substances furnishing crystalline particles, colloidal par¬ 
ticles, and dissolved molecules. Silica is cited as an example. 

The second part of the paper is concerned with the principal natural colloids. Col¬ 
loidal phenomena are common in the alteration of minerals near the surface of the 
earth, but the colloidal form is always transitory and crystalline material is even¬ 
tually formed. The principal natural colloids are silica, aluminum hydroxide, and 
iron hydroxide. 

Kaolinization is the most universal process in which colloidal minerals are devel¬ 
oped. This process attacks the great number of aluminosilicates found in igneous 
and metamorphic rocks and it frees the alkalies and alkaline earths which then form 
bicarbonates in superficial waters. Hydrated aluminum silicates are formed 
and excess silica freed. In laterization the aluminosilicates are destroyed with the 
elimination of silica and the formation of aluminum and ferric hydroxide. It is sug¬ 
gested that laterization may be due to the decrease in the solubility of carbonic acid 
with the increase in temperature, since laterites are found mainly in tropical regions. 
The pH content is important in this connection. 

Sodium chloride is an important coagulant of silica in weak solutions; also of 
clay and limonite where rivers empty into the sea. 

The ability of colloids to adsorb plays an important r61e in the elimination of 
alkalies liberated by the process of kaolinization. Potassium and sodium are present 
in nearly the same amount in the average rock, but in river and ocean waters sodium 
is several times as abundant as potassium. This is said to be be due to adsorption 
of the potassium in preference to sodium. Potassium is favored in the formation of 
aluminates. Thus potassium is much more abundant than sodium in clays and 
even in average sedimentary rock. It is concluded that in nature potassium is six¬ 
teen times more adsorbable than sodium. 

The origin of chalk in the Paris basin is reviewed and the rdle of colloids dis¬ 
cussed. Silica and its relation to colloidal processes is briefly discussed. Varie¬ 
ties of silica originally colloidal are opal, chalcedony, and quartz. 

Only two varieties of hydrous ferric oxide are recognized, goethite and lepidocro- 
cite, both with the formula Fe 203 *H 20 . 

The use of the term ^^metacolloid,^' suggested by Wherry for microcrystalline 
minerals originally colloidal, is approved. Lindgren’s list of the principal natural 
amorphous gels and metacolloids is given. Criticisms are given of some of the 
minerals included and some of those left out and the general significance of the 
group is discussed. Finally several good microphotographs of rocks of colloidal 
origin are included in the plates at the end of the paper. 

G. M. Schwartz. 

Jahrhuch des Forachunga-Inatituts der allgemeinen Elektricit&tageaellachaft, Dritter 

Band, 1931-32. 29.5 x 21.5 cm.; 205 pp. Berlin: Julius Springer, 1933. 

The third volume of this important yearbook covers so wide a field that it is 
impossible to analyze its contents briefly in any connected manner. The simplest 
way of giving to the readers of This Journal some knowledge of the topics treated is to 
append a list of the titles of the papers which make up the volume: (1) Die Bint- 
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wickiiing des Tonfilmverfahrens der AEG; (2) Verbesserungen des Zeitdehners und 
Anwendung in der Aufnahmepraxis; (3) Zur Elektrotechnik dcr Entladungsgefasse; 
(4) Zur Physik der Entladungsgeftisse; (5) Gaskonzentrierte Elektronenstrahlen und 
ihre Anwendung; (6) Geometrisrhe Elektronenoptik; (7) Mitarbeit der AEG an der 
Nordlichtforschimg; (8) Untersuchungen uber das Wesen des Elektrons; (9) Wirk- 
ung neutrales Gasmolektile gegeniiber langsamen Elektronen und langsamen Proto- 
nen; (10) Uber die physikalischen Grundlagen der lonentherapie; (11) Neuartige 
Werkstoffe fiir Pupinspulen; (12) Einzelarbeiten des metallurgisch-magnetischen 
Laboratoriums; (13) Neue magnetische Messmethoden; (14) Beitrage zur Physik 
der Nitrobenzol Kerrzelle; (15) Uber lichtelektrische Alkalizellen. ^ 

This table of contents will serve to give some notion of the very varied fare pre¬ 
sented, and those interested in any special subject can judge whether any topic of 
importance to them is discussed in this volume. It is hardly necessary to say that 
the subjects are handled in a very thorough and interesting fashion, and the volume, 
both in content and in the matter of mechanical production, is a worthy record of 
very important work. 

Allan Ferguson. 

Molecular Rays. By Ronald G. Fraser, xii + 204 pp.; 78 figs. Cambridge Uni¬ 
versity Press. New York: The MacMillan Company. 

This book is one of the Cambridge series of physical chemistry under the editorship 
of E. K. Rideal. The book is of the sort that the English seem to do unusually well, 
being an account of the technical methods and state of progress in research involving 
the molecular ray technique. The author spent some time in Stern’s laboratory at 
Hamburg and is qualified by training and experience to write such a manual. He 
naturally gives a great deal of prominence to the Hamburg laboratory and very 
properly so, since the molecular ray technique was originated by Professor Stern and 
its most important applications have been made by him. The consideration given to 
work along this line in American laboratories is all that could be expected from a book 
WTitten on the other side of the water. The trend of recent events indicates that 
molecular ray research may become peculiarly an American institution. The only 
defect to be noted in the book is the lack of a bibliography. 

W. H. Rodebush. 

Some Physical Properties of the Covalent Link in Chemistry. By Nevil Vincent 
S iDQwiCK. 23 X 15 cm.; 249 pp. Ithaca, New York: Cornell University Press, 
1933. Price: $2.00. 

The volume under consideration is based upon a series of lectures given at Cornell 
University by the author while he held the George Fisher Baker Non-resident Lec¬ 
tureship during the second semester of 1930-1931. 

Owing to the high degree of specialization in chemistry, it is rare to find a chemist 
who has succeeded in achieving a comprehensive grasp of the science as a whole. 
Professor Sidgwdck is one of the most distinguished of these fewr. In the present 
work he has brought together bits of information gathered from the most diverse 
sources and has interpreted them w'ith reference to their bearing on our conception 
of the nature of the covalent bond. The result constitutes a classic treatise—the 
purpose of w’hich is expressed by the author in the following characteristically modest 
fashion. ^^The book is an attempt to set out the methods of measurement of some of 
the more important properties of non-ionized links, and to discuss the results so far 
obtained.” ”I have tried to include the more important researches bearing on these 
questions which have appeared up to the summer of 1932, and a few later ones of 
special interest.” 
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Following m admirable introductory lecture on the relation of physioB to chem¬ 
istry, the following topics are treated: atomic cohesion; eleotrovalence and cova¬ 
lence; dimensions of covalent links; heats of formation of covalent links; electrical 
dipole moments; stereochemistry. 

The material presented is of the greatest interest to chemists of every persuasion, 
and it has been treated in a manner which renders it readily understandable even by 
those who are not familiar with the original sources from which the work is drawn. 
The book is highly recommended to all serious students of chemistry. 

Rbtkold C. Fuson. 

Die Bedeckungatheorie der Paaaivitdt der Metalk un^ ihre experimentelle Begrdndung. 

By W. J. M&llibb. 23 x 16 cm.; 102 pp. Berlin: Verlag Chemie, 1933. Price: 

paper, 6 marks; bound, 7 marks. 

The study of anodic behavior, which has been made by W. J. Muller and his pupils 
at Vienna over a period of several years, is well-known to all who are interested in 
the corrosion and passivity of metals. No adequate description of this work exists, 
other than the large number of experimental papers which have emanated from 
MUller^s laboratory, so that the present book, which describes all the essential matter 
in a compact form, will be welcomed. 

It should be pointed out, however, that the scope of the book is precisely as indi¬ 
cated by the title; that is to say, it is essentially a monograph devoted to the author's 
own contributions to the subject, and scant mention is made of other views. The 
book is in no sense a balanced dissertation on passivity, and much work on anodic 
phenomena which has been carried out by other investigators, and which definitely 
has a bearing on Muller’s work, is passed over with a mere reference. 

After demonstrating Muller’s most striking contribution to the subject—that 
anodic passivity is a time phenomenon—the author formulates equations which 
represent the laws of sideways-growth and thickening of the film, relates these to 
specific anodic systems, and incidentally uses the results to explain the rectifying 
action of the aluminum electrode. 

The book is well illustrated with photomicrographs and diagrams and can be 
commended as a valuable addition to the literature on passivity. 

E, 8. Hbdobs. 

Infrared Photography, By S. O. Rawlinq. 13 x 19 cm.; x + 67 pp. London: 

Blackie and Son, Limited, 1933. Price: 3s. fid. 

The recent introduction of easily handled infra-red plates by the leading manu¬ 
facturers of photographic materials has rendered possible the application of infra-red 
photography to long distance and aerial photography, chemical record work, detec¬ 
tion of forgery, photomicrography, and spectroscopy. The author has written an 
admirably clear account of the handling and applications of the new commercial 
plates. The chapters which deal with the choice of suitable safelights, light filters, 
lenses, and photographic apparatus should be carefully read by all who use, or intend 
to use, infra-red photography for any purpose whatever. In particular it will sur¬ 
prise most photographers to learn that leather camera bellows and the various woods 
used in the construction of dark-slides may transmit sufficient infra-red radiation to 
cause fogging of the sensitive material. 

The value of the book is enhanced by the inclusion of a number of excellently 
reproduced photographs. 

Edwin E. JanLav. 
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Received September 6, 19SS 

One of the problems in the study of the electrokinetic potential has been 
the proof that the potentials as measured are different from the thermo¬ 
dynamic potentials of Nemst. The development of the glass electrode by 
Haber and Klemensiewicz enabled investigators to compare the potentials 
of this electrode in various solutions of electrolytes with the potentials ob¬ 
tained by streaming the same solutions through glass capillaries made from 
the same glass as the glass electrode. Measurements of this kind have 
shown a real difference in the values of the potential as measured by the 
two methods. The glass electrode behaved essentially as a hydrogen 
electrode, while the measurements of potentials by streaming solutions 
through glass capillaries showed that these potentials were sensitive to small 
changes in ion concentrations, especially if the ions were polyvalent. In 
addition it has been shown that the glass electrode is far from a simple 
system. As a result it is doubtful whether a real comparison can be made 
between the two potentials by the use of glass. The desirability and im¬ 
portance of finding a simple metal-solution system for streaming potential 
study becomes clearly evident. 

Previous work in this laboratory has shown that silica gel could be metal¬ 
lised so that the extensive surface of the gel was well covered by a metal 
deposit. The evidence further showed that metal layers could be made 
thick enough to show the crystal structure of the metal in x-ray studies. 
Accordingly it was felt that such metallized gels might be used in streaming 
potential measurements and that a direct comparison with the thermo¬ 
dynamic potential thus could be obtained. The gel itself would act as an 
insulator having the metal film on it. In the following investigation, 
strea ming potential measurements are reported for nickel and silver sur- 
,faoe8 in solutions containing the ions of the metals used. These metals 
*FW8 ^osen so as to have one metal above and the other below hydrogen 
ih the electromotive force series. The results on two such metals would 


* The material here presented formed a part of a thesis submitted to the graduate 
mlty of the University of Minnesota by Grant W. Smith in partial fulfillment of 
im^piiremeatsfor the degree of Doctor of Philosophy, June, 1932. 
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more nearly answer the question of the similarity or dissimilarity of the two 
potentials. 


ZXFERIMBNTAL PROCBDUBI! 

The metallized silica gels were prepared by allowing a purified silica gel 
to adsorb the complex ammonia ions of silver, Ag(NHs) 2 ''', or of nickel, 
Ni(NH*) 4 ++, from an aqueous solution. Silica gel adsorbs these cations 
very strongly, 1 g. of silica gel adsorbing as much as 0.32 g. (1.692 milli> 
moles) of the silver complex and 0.31 g. (1.10 millimoles) of the nickel com¬ 
plex.* After adsorption had reached equilibrium the liquid was drained 
from the gel, the gel was dried, and finally heated in a current of hydrogen 
until the complex salt in the gel was reduced and the metal left in a free 
state on the surface of the gel. The product was a deep black, and micro¬ 
scopic examination of the granule showed no uncovered silica surfaces. 

In order to make sure that the metallized gels were sufficiently coated, 
they were analyzed by means of x-rays. Using copper radiation, definite 
patterns of the metals deposited on the gel were obtained. Silver wire and 
nickel wire produced patterns which were identical with those of the corre¬ 
sponding powdered gels. The lines of the nickel gel were faint but definite. 
Both gek gave broader lines than the metal wire, indicating that the metal¬ 
lic film was very thin and of approximately colloidal dimensions. 

The apparatus used in this investigation consisted of three essential 
parts: a diaphragm of finely divided material packed between two perfo¬ 
rated electrodes, with a system for forcing the liquid through the diaphra gm 
under known hydrostatic pressures; a potentiometric device for measuring 
the B.M.F. developed between the two electrodes; and a conductivity bridge. 

The streaming potential cell was of the same general type as that used 
by Briggs, except that some of the dimensions were altered to suit the par¬ 
ticular case at hand. The ring in which the diaphragm material was 
packed was made of clear Bakelite, furnished by the Bakelite Corporation. 
Its outside diameter was 4.5 cm.; its inside diameter, 3.5 cm. It was 2.5 
cm. in width. The two electrodes were made to fit on either side of the 
ring. They were of 14 K gold, 4.5 cm. in diameter and 1 mm. thick. 
The electrodes were perforated with 0.5 mm. holes to within 0.5 cm. of the 
circumference, the holes lying as closely together as they could be drilled 
without weakening the electrodes too much. A platinum wire was soldered 
with gold solder to the edge of each electrode to form a connection with the 
electrical measuring instruments. The two flared tubes which formed the 
rest of the cell were made of Pyrex glass. The cell was aiwfir nblfttl with thin 
rubber gaskets to insure against leaks, and the whole was clamped tightly 
together with a specially constructed clamp. 

' Unpublished results of a series of similar experiments in this laboratory confirm 
the strong adsorption of complex ammonia ions in ammoniacal solution. 
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Figure 1 shows the complete cell and pressure system. Z is the zeta 
potential cell which has just been described. M is a mercury manometer 
by which pressures up to about 80 cm. can be read. N is a cylinder of 
nitrogen which was used to supply the pressure on the streaming liquid; 
V is a reducing valve for controlling the pressure. Si, Sj, Ss, and Si are 
stopcocks, and Ai is a “valve” controlled by a screw clamp. Fi is a 5-liter 
Pyrex flask in which the liquid which is to be streamed through the cell is 
placed. It is fitted with a three-hole stopper through which go the inlet 
tube from the pressure line, the outlet tube to the cell, and a closed-end 
glass tube holding a piece of ruled paper for measuring the water level. E 
is a clamp. Fg is another 5-liter flask which is used to catch the waste liquid 



from the cell. C is a piece of flexible metal tubing which is grounded, and 
is used to carry off the waste liquid after it has streamed through the cell. 
This was found to be necessary, for the flow of liquid down a glass tube 
caused very disturbing electrical effects. D is a sulfur block holding two 
mercury cups in which dip the leads from the cell and from the measuring 
instruments. A and B are “rocker” switches, consisting of mercury cups 
set in sulfur blodcs. B is a reversing switch which reverses the direction of 
the H.M.F. of the cell with reference to the potentiometer in the circuit. 
When A is to the left, the cell is in the circuit of the conductivity bridge; 
when it is to the right, the cell is in the potentiometer circuit. Hi shows 
tike leads to the bridge, while H 2 shows those to the potentiometer. GS is 
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grounded shielding about the leads from the cell, the cell itself, and the 
switches, A and B. The shielding about the lead wires consists of inch 
brass tubii^. 'Hie cell is shielded with copper gauze. The switches are 
in a copper switch box, SB, made of copper Meeting. 

It was originally intended to use a quadrant electrometer as the null 
instrument in the measurement of the e.m.f. of the cell, but vibrations in 
the room used for this investigation made it impossible. Several cushion 
and suspension mountings were tried without avail. A vacuum tube 
potentiometer was then built for the purpose. The circuit used was much 



Fio. 2. The Electrical Circuit and the Wiring Diagram 


the same as described by Fosbinder (4) (see also Nottingham (6)). The 
set-up as constructed employs a potentiometer as a null instrument, and a 
screen grid vacuum tube as amplifier. It draws only a negligible amount 
of current from the cell during adjustment and no current at all at the 
balance point. Furthermore it is not affected by ordinary mechanical 
vibrations. 

Figure 2 gives both the electrical circuit and the wiring diagram. Hie 
principle of operation is as follows: With the grid circuit open, the plate 
current through a sensitive galvanometer (G) is adjusted by means of a 
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shunt resistance and battery (Ri, R 2 , R 3 , and B 3 ) until there is no galvanom¬ 
eter deflection. Now the grid circuit is closed by means of a switch (Si), 
and adjusted by a shunted resistance and battery (R4, R5, Re, and Bb) 
until there is again no deflection on the galvanometer in the plate circuit. 
This adjustment has brought the grid to the same potential it was at when 
the grid was open, i.e., at “floating potential,'' as it is sometimes called. 
The switch (Si) is now opened, and another switch (S3) is closed, which 
brings the cell and the potentiometer into the grid circuit. The potentiom¬ 
eter is now balanced against the cell in the usual manner, until there is 
again no galvanometer deflection, and the reading on the potentiometer is 
the potential difference across the cell. No current is drawn from the cell 
at the balance point, for the grid is always at “floating potential" just as 
though it were an open circuit, i.e., as though the resistance of the grid 
circuit w^ere “infinite" as it was when the first adjustment was made. 

The vacuum tube is of the screen grid type, UX 222 . MA is a milliam- 
eter with a full scale deflection of 1.5 milliamperes; during use this reads 
about 0.5 milliampere. Ri, R 2 , and R 3 are radio rheostats with resistances 
of 10,000 ohms, 5,000 ohms, and 100 ohms, respectively. R 4 and R 5 are 
6 -ohm and 100-ohm rheostats, and R: is a 30-ohm rheostat. Re is a radio 
potentiometer of 2000 ohms resistance. Bi is an ordinary dry cell. B 2 is 
the potentiometer battery, two dry cells in series. B 3 is a 4.5-volt battery 
composed of nine dry cells in series-parallel. B 4 is the plate battery, two 
heavy duty 45-volt “B" batteries. Bs is a lead storage battery of 6 volts. 
A is a Leeds and Northrup 40,000 ohm Ayrton shunt. G is a Leeds and 
Northrop ^ 2420c galvanometer. L indicates the leads to the zeta poten¬ 
tial cell (see H 2 , figure 1). P is a Leeds and Northrup Type K potentiom¬ 
eter. S], S 2 , and Ss are specially constructed switches of small electrical 
capacities. SC is a Leeds and Northrup Weston standard cell, ^ 7307. 
S 4 is a double throw double pole switch by means of which the galvanom¬ 
eter may be brought into the Type K potentiometer circuit so that the 
latter may be checked with the standard cell, or into the vacuum tube 
plate circuit. When S 4 is in the latter position. So must be closed to short 
the galvanometer connections on the Type K potentiometer. GS is 
grounded shielding, indicated throughout the wiring diagram by broken 
lines. The wire leads are shielded with metal tubing. The switches, Si, 
S 2 , and Ss are enclosed with the vacuum tube in a large copper box, and are 
controlled from outside conveniently by means of threads which run over 
pulleys to some little distance from the box. The vacuum tube is mounted 
on a cast sulfur base, inside a small copper box which is suspended by 
rubber bands in the larger copper box which also encloses the switches 
mentioned above. It was found necessary to shield all vital parts care¬ 
fully, as shown in the diagram. The whole apparatus was shielded as com¬ 
pletely as was practical by building a large “cage" of copper gauze about 
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it. The potentiometer was found to be very satisfactory in this work, 
being unaffected by vibration in the building. It proved to be very sensi¬ 
tive also, for a change of 0.0001 volt on the potentiometer from the balance 
point was easily detected on the galvanometer. 

Figure 3 shows the conductivity bridge. The arrangement is adapted 
from the Wheatstone bridge circuit used by Jones and Josephs (6). The 
apparatus was modified in several particulars, but the working principle is 
the same. The oscillator is shown at 0; it is a vacuum tube oscillator, and 
although it was constructed so that it created little external field, it was 




WB 

Fig. 3. The Conductivity Bridge 

placed at a distance of about ten feet from the rest of the apparatus. Ti 
is a “power tube,” UX 171 A. Bi is the filament battery, a 6-volt storage 
or Edison battery. Bj is a “B” battery of 67.5 volts. Li, L*, and U are 
the grid, plate, and output coils, respectively. They are wound about an 
iron core, with ^ 30 B S gauge enameled wire, and mounted in a copper 
box to shield them from the rest of the apparatus. The plate coil, L*. is 
tapped in four places, and by means of the multiple switch shown in the 
diagram the pitch of the sound may be varied readily. Cj is a fixed con¬ 
denser of 0.11 microfarad capacity, found suitable by trial. 
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A vacuum tube amplifier is shown at A. T 2 is a UX 201 A tube. B 3 is a 
6 -volt storage battery; B 4 is a ^'B'^ battery of 90 volts. P is a set of phones. 
TR is an audio transformer of four to one ratio. 

The Wheatstone bridge itself is at WB. W is a Wheatstone bridge of the 
dial t 3 rpe, equipped with a multiplier. R and R are variable resistances of 
10,000 ohms each. Ci is a variable condenser of 0.0005 microfarad 
capacity. C 2 is a variable capacity consisting of seven condensers in 
parallel: a variable capacity of 0.0005 microfarad, and six fixed condensers 
of respective capacities, 0.0005, 0.001, 0.002, 0.002, 0.004, and 0.1 micro¬ 
farad, so that any desirable values from 0.0 to 0.02 microfarad may be 
obtained by manipulating the switches properly. S 3 is a switch used to 
connect the phones either to earth or to the bridge, as shown. L indicates 
the leads to the cell (see Hi, figure 1 ). The operation of the bridge is as 
follows: With Ss in position so that the phones are in the bridge circuit, the 
bridge, W, and the capacity, C 2 , are adjusted so that the sound is as near a 
minimum as possible; S 3 is then thrown to the other position, grounding the 
phones, and the resistances, R, R, and the condenser, Ci, are adjusted until 
the sound is again a minimum. This adjustment brings the phones to earth 
potential. Now Sa is put back in its original position, and W and C 2 further 
adjusted until a minimum is reached. If the position of W is much differ¬ 
ent from its former setting, the process should be repeated. In this 
manner, a very distinct minimum point is obtained. The two points on the 
bridge (see upper diagram) which are joined to the phones are now both at 
earth potential, and noises which are due to the difference in potential 
between the phones and the earth are eliminated. In fact, in the operation 
of this conductivity bridge, a point of dead silence was practically always 
obtained at a very sharply defined dial position on W. The resistance can 
be determined accurately to four figures, and the multipliers on W can be 
used for very large or very small resistances. 

The water which was used for streaming through the cell and for making 
all solutions was conductivity water which was reboiled just before use. 
Its specific conductivity at room temperature ranged between 0.9 X 10“® 
and 1.6 X 10“® mhos, and was generally about 1.1 X 10~® mhos. Mallinc- 
krodt^s '‘Reagent Quality'^ nickel nitrate and silver nitrate were used 
without further purification for making up the streaming solutions. Since 
from three to five liters of solution were prepared for each streaming poten¬ 
tial run, they could be made up with considerable accuracy even though 
the concentrations were only fractions of millimoles per liter. The volu¬ 
metric apparatus and the weights used to weigh the salts were calibrated. 
The greatest care was exercised at all times to prevent contamination of 
the water and solutions while handling, and the air over the liquids was 
displaced by nitrogen from the pressure tank (N, figure 1) as soon as they 
were placed in the apparatus in preparation for a run. 
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The diaphragm was prepared in the following manner. The diaphragm 
material, i.e., the silica gel, was ground in an agate mortar and separated by 
screening into four groups according to size, (1) larger than 28 mesh, (2) 
between 28 and 66 mesh, (3) between 65 and 200 mesh, and (4) smaller than 
200 mesh. The diaphragm was made up almost entirely of the finest 
material (4). The coarser gels were used only to fill in the holes in the 
electrodes so that the finely powdered material would not be washed away 
when the liquid was forced through the cell. That is, right next to the 
electrodes on either side, was, first, a thin layer of the coarsest gel, followed 
by a thin layer of the next size, and then a layer of the next finest gel. 
With the holes well stopped in this manner, the rest of the diaphragm was 
made up with the gel of finest particle size. This was kept moist with pure 
water and packed very tightly. 

METHOD OF MAKING A RUN 

The cell was now assembled in place as shown in figure 1. The water 
or aqueous solution was put into the reservoir flask (figure 1, Fi) and the air 
above it displaced by nitrogen. By applying pressure, the liquid was then 
streamed through the cell at a very slow rate for at least twenty-four hours 
before any readings were taken. It was found that about this length of 
time was required for the diaphragm and liquid to reach equilibrium. If 
too short a time were allowed for this operation, reproducible stream poten¬ 
tials could not be obtained. It is to be noted that, owing to the porous 
nature of the diaphragm materials, a considerably longer time was required 
for equilibrium conditions to be set up than would be the case with such 
materials as glass, quartz, cellulose, and other substances which have been 
used hitherto in streaming potential work. 

About twenty minutes were required for the potentiometer to reach a 
steady state so that readings could be made. The liquid was streamed 
through at a given pressure until at least three consecutive readings in good 
agreement were obtained over a period of several minutes. Immediately 
after measurement of the e m.f. the mercury manometer was read, the 
difference in level between the liquid in the reservoir and the liquid leaving 
the cell was taken (pressure correction), the temperature read, and the con¬ 
ductivity was measured by switching the cell over to the bridge circuit. 
The pressure was then changed and the process repeated. The potentio¬ 
meter was frequently checked with the Weston standard cell. Since the 
laboratory in which this work was done was an inner room, the temperature 
was quite constant, and was always near 25®C. 

After all of the desired runs were made upon any one diaphragm, the cell 
constant was determined by streaming a standard N/50 potassium chloride 
solution through it until a constant resistance was reached. The specific 
conductivity of the liquid in the diaphragm could then be calculated for 
each run. 
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RESULTS 

The values of the electrokinetic (zeta) potential are calculated according 
to the expression used by Briggs (1), 


AiHiNKb 


( 1 ) 


where H is the electromotive force set up across the diaphragm, is the 
specific conductivity of the liquid in the diaphragm, rj the viscosity of the 
solutions, P the hydrostatic pressure, and e the dielectric constant. Using 
the proper constants at 25°C., 

Hk 

i-Cvolts) « 97.165 X (2) 


where H is measured in millivolts, #Cg in reciprocal ohms, and P in centi¬ 
meters of mercury. Bull and Gortner (2) suggest, in view of the existing 
doubt as to the correct value of the dielectric constant which should be 
used in the formula, that the value of the electric moment of the double 
layer be used to express the capillary electric conditions at the interface 
instead of the electrokinetic potential. The electric moment of the double 
layer is equal to the charge per unit area multiplied by the distance between 
the layers. This expression was met in the derivation of the formula for 
the streaming potential. It is 


qd - 


47r 


(3) 


If the value of f from equation 1 be substituted in equation 3 we obtain the 
following expression for the electric moment 


qd ^ n 


P 


(4) 


Thus the value of the dielectric constant has been eliminated from the 
calculation. In the tables given in the following sections the values of f 
are negative unless otherwise indicated. The value of the electric moment 
M was also calculated and included in the results. The negative value of f 
means that the fixed wall bears a negative charge with reference to the 
movable liquid layer. 

In the preliminary measurements purified silica gel was used for the 
diaphragms. The H/P ratio was found to be constant at pressures above 
about 25 cm., but the values fell at lower pressures. Bull and Gortner (3) 
ascribe a similar result on their quartz diaphragms to a difiEerence in the size 
of the particles composing the diaphragm. In the present case the fall in 
H/P values in the low pressure range may be attributed logically to the 
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porous character of the material, rather than to variations in particle size. 
It was found that gels prepared under different conditions gave different 
potential values, so that samples of the same gel were used throughout the 
entire investigation. Table 1 gives a typical set of determinations on pure 
silica gel. 


TABLE 1 


^^Foiential of water-silica gel 
t = 24.9®C. Average Kg = 
2.04 X lO-® 


p 

H 

IHP 

r 

cm. Hg 

mv. 


inn 

72.6 

153 8 

2.12 

4 2 

53.4 

115 2 

2.16 

4 3 

52.0 

112 0 

2.15 

4.3 

58.9 

125 5 

2.13 

4.2 

48.5 

103.8 

2.14 

4.2 

37.3 

78.5 

2.11 

4.2 

22.0 

48.5 

1 97 

3.9 

11.6 

17.7 

1.53 

(3.0) 

12.3 

18 9 

1 54 

(3.0) 


TABLE 3 

j^-Potential of N/10,000 nickel 
nitrate-nickel 

t - 25.4°C. Kg = 4.47 X lO"® 


P 

H 

IHP 

f 

cm. Hg 

mv. 


mv. 

48.7 

74.8 

1.54 

6.6 

47.9 

72 8 

1 52 

6.6 

65.8 

95.6 

1 45 

6 3 

65,6 

95.2 

1 45 

6.3 

75.5 

113 0 

1.50 

6 5 

Average. 

6 5 


TABLE 2 


^-Potential of water-nickel 
t - 24.8°C. Average Kb 
2.6 X 10-» 


P 


H/P 

f 

cm. Hg 

mv 

\ 

mv. 

47.2 

110.0 

2.33 

6.0 

69.6 

172.8 

2.48 

6.3 

69.3 

172.7 

2.49 

6 3 

55.5 

134.0 

2.41 

6.2 

54.9 

132.0 

2 40 

6.1 

30.4 

67.7 

2.22 

5.7 

29.7 

65 9 

2.22 

5.7 

18.1 

37.6 

2.08 

(5.3) 

38 6 

88 9 

2.30 

5.9 

Average. 

6.0 


TABLE 4 

^--Potential of N/5000 nickel nitrate- 
nickel 


t ~ 26.4°C. Average Kg = 
5.09 X 10-* 


p 

// 

HfP 

f 

cm. Hg 

mv 


mv. 

49 3 

58 4 

1.19 

5.9 

73.5 

86.4 

1.18 

5.8 

72.9 

85.0 

1.17 

5 8 

52 0 

61.4 

1.18 

5.8 

63.9 

74.2 

1.16 

5.7 

34 5 

41.6 

1.20 

5.9 

25.8 

31.4 

1.21 

6.0 (over) 

Average. 

5.9 


Following the preliminary determinations of the electrokinetic poten¬ 
tials of water-silica gel, it was decided to limit the present investigation to 
the study of gels metallized with nickel and with sUver. This gives one 
metal above and one below hydrogen in the b.m.f. series. 
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Tables 2, 3, 4, 5, and 6 give the results of electrokinetic potential meas¬ 
urements on nickel-coated silica gel in pure water, iV/10,000 nickel nitrate, 
N/5000 nickel nitrate, JV/2000 nickel nitrate, and iV/1000 nickel nitrate 
solutions, respectively. 

Figure 4 shows these results graphically and compares the electrokinetic 
potential with the Nernst potentials for the same concentrations of Ni++. 
The full curve gives the character of the change of the f-potential with 


TABLE 6 

[-Potential of N/IOOO nickel nitrate- 
nickel 

t « 24.4®C. Average = 

1.14 X 10-< 


p 

H 

H/P 

r 

cm. Hg 

mv 


mv 

69.7 

0.0 

0 0 

0.0 

73 8 

0 0 

0.0 

0 0 

73.5 

0 0 

0 0 

0 0 

41.5 

0.0 

0 0 

0.0 

40.7 

0 0 1 

0 0 

0 0 

Average. 

0 0 


TABLE 7 

^•Potential of N/lOfiOO silver 
nitrate-silver 


t = 26.2°C. Average k» == 
2.32 X 10“^ 


p 

II 


r 

cm. Hg 

mv. 


mv 

58.2 1 

8.6 

0.148 

3.3 

73.6 

14.9 


4.5 

73.4 

14.6 

0 197 

4.3 

63.6 

10.5 

0.165 

3.6 

46.4 

3.7 

0.079 

1.7 


TABLE 6 

^-Potential of N/1000 nickel 
nitrate-nickel 

t — 25.0®C. Average » 
1.71 X 10-^ 


p 

H 

IHP 

f 

cm. Ilg 

mv 


mv. 

36.6 

0.0 

0.0 

0.0 

75.7 

0 0 

0.0 

0.0 

74 7 

0.0 

0 0 

0.0 

46.7 

0.0 

0 0 

0 0 

32 0 

0.0 

0 0 

0 0 

Average . 

0.0 


TABLE 8 


^-Potential of water-silver 
t = 25.2®C. Average Ks = 
4.88 X 10“*^ 


p 

// 

iifP 

f 

cm. Hg 

mv. 


mv. 

75.4 

112.9 


7.3 



1 53 1 

7.2 

57.4 

95.6 

1.66 

7.8 

41.0 

70.1 

1.71 j 

8.0 

53.9 

86.4 

1.60 

7.5 

Average. 

7.6 


concentration, while the broken line shows the c-potential values through a 
like change in concentration. In order to get both curves on the same 
figure, it was necessary to use a different scale for plotting the two poten¬ 
tials. This is indicated on the margin in figure 4. 

Following the work on the nickel-coated gels, a series of measurements 
were carried out on the silver-coated gel. Table 7 gives a typical set of 
results. It was apparent that the silver gels were not giving uniform 
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results. Figure 5 shows the dependence of H on the pressure for three solu¬ 
tions of silver nitrate as well as for pure water. The values given in table 
7 are shown as No. II in figure 5. Theoretically the curves in the pressure- 
potential diagram should be straight lines passing through the origin. 

The curve No. I for water is the only one that passes through the origin. 
It appears as though some positive potential were being superimposed on 
the negative streaming potentials. This is approximately given by the 
intercept of the extended curves on the ordinate. If this is corrected for by 



3456 789 10 

Concentration (Normality x 10*) 


Fig. 4. Nickbl-Nickbl Nitrate 

moving the curves parallel to themselves until they pass through the origin, 
then the values seem reasonable as shown in figure 6. Here the curves of 
figure 5 have been moved parallel to themselves until they passed through 
the origin. An additional set of values for JV/1000 silver nitrate has been 
added. 

The anomalous behavior of the silver gels was early shown to be due to 
other factors than the silver ions. Measurements of the streaming poten¬ 
tials for dilute silver nitrate solutions on pure silica gel gave uniform 
results. It was then suspected that the silver gels might be acting as an 







H (mllivolts) , , , , ^ H (Tnillivolts) 



Fia. 5, Abnormal Silver-Silver Nitrate Curves 



P (cuuHq) 


Fig. 6. Curves from Fig. 5 Moved to a Common Origin 
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oxygen electrode. A sample of the sUvered gel was ground and resilvered. 
Every precaution was taken to keep oxygen from the gel or the solutions 
used. The solutions were prepared and stored under nitrogen. The 
silvered gel was kept in a hydrogen atmosphere until used. The streaming 
potential results on these gels gave the same anomalous results. In fact 


TABLE 9 

l^-Foteniial of N/IO^OOG silver 
nitrate-silver 

t 26.5'^C. Average /Cs *= 
8.98 X 10“» 


p 

H 

H/P 

r 

cm, Hg 

mv. 


mv. 

70.6 

42.4 


5.2 

77.1 

44.4 

0.575 

5.0 

63.7 

35.6 


4.8 

46.3 

24.0 

0.519 

4.5 

59.0 

32.4 

0.549 

4.8 

Average. 

4.9 


TABLE 10 

^-Potential of N/SOOO silver 
nitrate-silver 

t « 25.8°C. Average — 
1.17 X 10-^ 


P 

H 

H/P 

r 

cm. Hg 

mv. 


mv. 

74 5 

39.3 

mSm 

5.9 


36.6 


5.9 

43.1 

21.3 

0.495 

5.5 

56 4 

27.9 


5.5 

Average. 

5.7 


TABLE 11 

^•Potential of N/BOOO silver 
nitrate-silver 


i ■■ 25.9®C. Average » 
1.67 X 10'^ 


P 

1 

H/P 

r 

cm. Hg 

mv, 1 


mv 

77.8 

22.6 

0.290 

4.6 

66.4 

18.1 

0.272 

4.3 

43.3 

12.0 

0.277 

4.4 

63.2 

16.5 

0.261 

4.2 

51.9 

14.5 

0.279 

4.4 

70.3 

18.2 

0.259 

4.2 

(00.0) 

(00.0) 

(0.000) 

(0.0) 

52.9 

15.2 

0.287 

4.6 

Average. 

4.4 


TABLE 12 

^•Potential of N/1000 silver 
nitrate-silver 

t « 26.3°C. Average iCg ■■ 
2.27 X 10-* 


1 

P 

H 

H/P 

f 

cm. Hg 

mv. 


mv. 

64.1 

8.0 

0.124 

2.7 

76.1 

9.6 

0.126 

2.8 

49.9 

7.2 

0.143 

3.1 

36.5 

4.7 

0.129 

2.8 

60 2 

7.8 

0.130 

2.9 

Average. 

2.9 


at the end of a run using iV/2000 silver nitrate, a positive potential was 
registered after the pressure on the flowing liquid was brought to zero. 
This potential persisted for more than an hour ^ter the liquid had ceased 
to flow. 

Since the metallized gels were reduced and stored in an atmosphere of 
hydrogen it was felt that there might be some hydrogen electrode effect, 
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since oxygen had been eliminated from the system. Accordingly a fresh 
sample of silvered gel was prepared as previously described. This was 
placed in bulbs and sealed to a vacuum line. The bulbs were heated for 
two hours at a temperature above 350®C. while the vacuum pump was 
running. The bulbs were sealed off under vacuum and later opened 
under freshly boiled water. As a result a diaphragm of silverized gel was 
prepared under conditions which practically eliminated both oxygen and 
hydrogen from the system. A series of measurements were made on this 
gel and the results are given in tables 8, 9, 10, 11, and 12. These results 


TABLE 13 

Summary of results for the systems 
nickel-nickel nitrate 


COMCBlfTBATXON 

r 

M 

normality 

mv 

e.a.M. X 10» 

0 X 10-^ 

6 0 

11.2 

1 X 10“* 

6.6 

12.1 

2 X 10-* 

6 9 

11.0 

6 X 10“^ 


0.0 

10 X 10-* 


0.0 


TABLE 14 

Summary of results for the system 
silver-silver nitrate 


CONCBNTRATION 

r 

M 

normality 

mv 

a B.u. X 10» 

0 X 10-* 

7.6 

14.1 

1 X 10-* 

4.9 

9.1 

2 X 10-* 

6.7 

10.6 

6 X 10-* 

4 4 

8.2 

10 X 10-* 

2.9 

6.4 


TABLE 16 

Summary of results for the system 
silica gel-silver nitrate 


COMCBNTBATION 

r 


normality 

mv. 

e.a.u. X 10» 

0 X 10-* 

4.7 

8.7 

1 X 10-* 

6.0 

11.1 

2 X 10-* 

6 1 

11.3 

6 X 10-* 

3.0 

5.6 

10 X 10-* 

2.9 

6.4 


show that the disturbing influence was eliminated by the above treatment. 
Figure 7 graphically shows the effect of the concentration of silver nitrate 
on the zeta potential. As in figure 4 the broken curve shows the change 
of the Nernst potential with concentration. The values of the Nemst 
potential in both cases are those referred to the standard hydrogen electrode. 

The results of a similar series of determinations on pure silica gel, using 
silver nitrate solutions, are shown graphically in figure 8. 

A summary of the results obtained on nickel-surfaced gel, silver-surfaced 
gel, and pure silica gel is given in tables 13, 14, and 15. The last column 
gives the values of the electric moment of the double layer. 
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DISCUSSION 

The streaming potential measurements in this investigation plainly 
indicate the difference in character between the c and f potentials. The 
electrokinetic potential is negative for both the nickel and silver systems, 
while the silver-silver ion system would normally be expected to be posi¬ 
tive. The actual change in the electrokinetic potential is usually small as 
compared to the epotential changes in the same concentration range, but 
the relative change in the zeta potential is much larger. The zeta poten¬ 
tial in the nickel-nickel nitrate system reached a zero value at a concentra¬ 
tion of N/2000. This is characteristic of the effect of divalent ions in 
streaming potential studies. No such results are found in e-potentials. 
The curve obtained for silver nitrate-silver is different from any hitherto 
reported for monovalent ions. In the case of monovalent cations of K+ 
and Na+, an initial rise in the zeta potential is observed and then a gradual 
decrease. In the silver nitrate-silver case there is the initial sharp 
decrease, then a rise which is followed by the usual gradual decrease. This 
was at first attributed to experimental error, but check runs gave the same 
results. 

In order to explain this unusual result it is necessary to consider the 
factors affecting the potential at the interface. If the diffuse double layer 
is considered as a plane condenser with the planes representing the average 
positions of the two layers, i.e., the electrogravitational planes, then the 
potential across these planes depends upon the distance between them and 
upon the charge density. 

If the charge density is constant, then the difference in potential is 
directly proportional to the distance across the double layer, whereas, if the 
distance is kept constant, the potential is proportional to the charge density 
of the layers. This assumes that the dielectric constant does not change. 
However it may be considered as a constant factor, and as such will not 
affect the conclusions. 

The distance across the double layer varies with the concentration of 
ions in the solution, the thickness being greatest in pure water and dilute 
solution. The first addition of electrolyte causes the greatest decrease in 
the distance, with successive additions causing less and less change. The 
potential should thus decrease sharply at first with a further fall occurring 
on addition of electrolyte. On the other hand, the addition of electrolyte 
will affect the charge on the double layer. If adsorption into the interface 
tends to increase the net charge of the double layer, i.e., by preferential 
adsorption of negative ions on a negatively charged fixed layer, then the 
potential will increase. If positive ions are adsorbed into the negative 
layer then the potential must decrease, for the charge is lowered. 

The resultant change in potential must therefore depend on the relative 
magnitude of these three factors: (1) change in thickness of the double 
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layer, (2) adsorption of anions, and (3) adsorption of cations. Changes in 
these three factors have been used to account successfully for the changes 
which occur when solutions of such salts as potassium chloride, sodium 
chloride, etc., are streamed through glass capillaries. In the case of the 
silver-silver ion system, changes in the relative magnitude of the three 
factors give rise to a different type of potential curve. It is probable that 
the heavy metal ion is adsorbed to a much greater degree than was the case 
with the alkali cations. This effect, together with any drop in potential 
due to the shrinkage in the double layer, probably more than balances the 
effect of anion adsorption. On increased concentration the effect of shrink¬ 
age in the double layer becomes less significant, and we have the usual rise 
in potential due to preferential anion adsorption. As the double layer 
becomes more nearly saturated with ions, we obtain the final gradual fall 
in potential due to the decrease in double layer thickness. 

The electrokinetic potentials of the silver-silver ion system differ from 
those of the nickel-nickel ion system. However they both exhibit changes 
in the f-potential which are unpredictable on the basis of consideration 
of the «-potential theory. The Nemst potentials over this same concen¬ 
tration range vary in a perfectly regular manner. The variations in the 
electrokinetic potential depend upon the nature of the substances con¬ 
cerned and the concentration of the electrolyte. The Nemst potential, e, 
depends upon one variable factor, the osmotic pressure of those ions which 
the metal supplies and a factor which is constant for each metal, the electro¬ 
lytic solution pressure. 


SUMMARY 

A streaming potential method for the determination of the electrokinetic 
potentials of metals in contact with their ions has been developed, and 
measurements were made on the systems silver-silver ion and nickel-nickel 
ion, as well as on pure silica gel. 

Metallized silica gels were used in the investigation. They were pre¬ 
pared by the new process of adsorbing complex ions of ammonia on the 
silica gel and later reducing to the metallic state. 

A vacuum tube potentiometer and a vacuum tube conductivity bridge 
have been adapted to this type of work with excellent results. 

Fundamental differences between the electrokinetic potentials and the 
Nemst potentials were found for the systems studied. 
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The Effect of Some Non-aqueous Solvents^ 
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Previous work by the authors (4) has shown that the autoxidation of 
stannous chloride is a thermal and photochemical chain reaction, showing 
peroxide formation, induced oxidation of other molecular species present 
in the solution, and great sensitivity to positive and negative catalysts. 
The complex HSnCL or HsSnCL was described as playing an important 
r61e in the oxidation of the stannous chloride. 

Because of the interference of hydrolysis in the study of the reaction in 
aqueous solution, it w’as desired to determine the effect of acid concentra¬ 
tion in some organic solvent. After many preliminary experiments, some 
of which are reported in paper II of this series (4), benzyl alcohol was 
finally selected as a suitable solvent. 

AUTOXIDATION OF STANNOUS CHLORIDE IN BENZYL ALCOHOL 

Benzyl alcohol was purified by vacuum distillation. The product 
boiled at 98-99°C. (uncorrected) at 17 mm. pressure, a value consistent 
with those recorded in the literature. Five different batches were pre¬ 
pared and found to give reproducible results. Dry hydrogen chloride was 
passed into the alcohol, and the solution was used immediately in order to 
prevent any invalidation of the results by the formation of benzyl chloride 
through esterification. 

The autoxidation in benzyl alcohol was characterized by a short period 
of rapid absorption of oxygen, followed by a period of slow oxygen con¬ 
sumption, progressing toward complete oxidation. The initial period 
lasted from 5 to 8 minutes, and in order to express all data on a comparable 
basis, an arbitrary period of 10 minutes was taken, and the data expressed 
as the number of milliatoms of oxygen consumed in that time. This value, 
plotted against the normality of the hydrochloric acid, gives a straight 
line nearly to the point where the hydrochloric acid is equivalent to the 
stannous chloride, and then approaches a constant value. This effect was 

1 This research was financed by a grant from the Research Committee of the 
University of Wisconsin, Dean C. S. Slichter, Chairman. 
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studied at two concentrations of stannous chloride, and the data are given 
in table 1 and figure 1. The effect of varying the concentration of the 
stannous chloride at a constant hydrochloric acid concentration was also 
studied at one acid concentration. These data are presented in table 2 
and figure 2. 

In both studies it will be noticed that the amount of oxygen consumed in 
the 10-minute period approaches a constant value as the variable concen¬ 
tration increases. The data for the variable stannous chloride concentrar 
tion show this in the more pronounced way, since complete oxidation was 
not approached in the 10-minute absorption period in these runs. 

TABLE 1 


Effect of concentration of hydrochloric add on the autoxidation of stannous chloride in 

hemyl alcohol 


(a) 8TANNOXTS GHLORIDB CONCENTRATION « 

1.019 MILLIMOLES IN 25 CC 

(b) BTANNOUS chloride concentration bb 

2.038 MILLIMOLES IN 25 CC. 

Concentration of 

Oxygen used in 10 

Concentration of 

Oxygen used in 10 

hydrochloric acid 

minutes 

hydrochloric acid 

minutes 

N 

rmlluitoma 

N 

milliaiomB 

None 

0.063 

0 037 

0.596 

0.016 

0.235 

0.074 

1.11 

0.020 

0.296 

0.114 

1.64 

0.034 

0.463 

0.127 

1.86 

0.041 

0.590 

0.159 

2.09 

0.049 

0.700 

0.189 

2.21 

0.059 

0.713 

0.236 

2.32 

0.063 

0.787 

0 263 

2.37 

0.071 

0.924 

0.329 

2.40 

0.082 

1.02 



0.095 

1.13 



0.101 

1,20 



0.221 

1.18 



0.226 

1.20 


♦ 

0.233 

1.23 



0.368 

1.17 




It was found that induced oxidation of the benzyl alcohol occurs. At a 
stannous chloride concentration of 1.019 millimoles in 26 cc. of benzyl 
alcohol, and hydrochloric acid concentration varying from 0.10 iV to 0.36 
N, 1.21 milliatoms of oxygen were used, on the average. Since one milli- 
atom of oxygen is equivalent to one millimole of stannous chloride, this 
was an excess of 18.6 per cent. Two runs with twice the amount of stan¬ 
nous chloride and an acid concentration of 0.25 N to 0.35 N gave practi¬ 
cally the same value, 20.9 per cent. 

The fact that the curves of figures 1 and 2 approach constant values. 
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Fig. 1. The Effect of Concentration of Hydrochloric Acid on the 
Aittoxidation of Stannous Chloride in Benzyl Alcohol 
A, stannous chloride concentration ~ 1.019 millimoles in 25 cc.; B, stannous chlo¬ 
ride concentration = 2.038 millimoles in 25 cc. 


TABLE 2 


Effect of concentration of the stannous chloride on its autoxidation in benzyl alcohol 
Hydrochloric acid concentration = 0.078 N 


BTANMOtJS CHLOBIOS CONCENTRATION 

OXYOBN USBO IN 10 MINUTBS 

mtlltmalea in Sff cc. 

A/iUtatoma 

0 

0 

0.500 

0.589 

1.019 

0.960* 

1.628 

1.18 

2.038 

1.18* 

3.057 

1.28 

4.076 

1.28 


* Interpolated from figure 1. 


shows again the presence of the equilibrium between stannous chloride and 
hydrochloric acid, and shows that these complexes are the principal forms 
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in which the stannous chloride is oiddized in benzyl alcohol. As the con¬ 
centration of either of the constituents of the complex is increased, holding 
the other constant, the concentration of the complex, and thus the rate of 
oxidation, increases toward a constant value. 



Fia. 2, The Effect of Concentration of Stannous Chloride on its 
Autoxidation in Benzyl Alcohol 
Hydrochloric acid concentration = 0.078 N 


AUTOXIDATION OF STANNOUS CHLORIDE IN DIOXAN 

A large amount of time was spent on the autoxidation of stannous 
chloride in dioxan (1,4-dioxane), since this solvent was expected to be very 
resistant to oxidation or reduction. 

The dioxan was purified by refluxing for 7 to 12 hours with one-tenth its 
volume of 1 AT hydrochloric acid to hydrolyze the acetal of ethylene glycol, 
which is always found as an impurity. Oxygen was passed through the 
ether during the hydrolysis to oxidize the aldehyde produced. The product 
was dried with solid potassium hydroxide, fractionated to remove low 
boiling material and the ethylene glycol, and finally was refluxed over 
molten sodium until no further reaction occurred, and the globules of 
sodium appeared bright (12 to 36 hours). The pure dioxan was then dis- 
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tilled from the sodium (boiling point, 99.7-99.9®C., uncorrected, at 740 
mm.; freezing point, 11.80® ± 0.01®C.). This product is apparently of a 
higher degree of purity than that previously reported in the literature 
( 1 , 6 ). 

H Stannous chloride was found to form a molecular compound with dioxan 
in the ratio 1:1. The salt was recrystallized from dioxan of high purity, 
and the product analyzed. The percentages of chlorine and tin were 
found to be 25.40 and 43.12, as compared with 25.54 and 42.75 calculated 
for a 1:1 ratio of stannous chloride to dioxan. 

This recrystallized molecular compound was used to determine the 
extent of complex formation between stannous chloride and hydrochloric 
acid in dioxan solution. This was determined by the method of freezing 
point lowering, for which the constant in dioxan is 5.0 (5). The freezing 
point lowering of solutions of stannous chloride and of hydrochloric acid in 
dioxan were determined, equal volumes of the two solutions mixed, and the 
freezing point lowering again determined. 

TABLE 3 


Complex formation between stannous chloride and hydrochloric acid in dioxan 


STANNOUB 

CffLORtDS 

CONCENTRATION 

HYDROCHLORIC 

ACID 

CONCENTRATION 

FRBE^INO POINT LOWBRINU 

(Before mixing) 

Obsd 

('alcd 1 

(No complex) 

Calcd 

(HSnClj) 

Calcd 

(HsSnCU) 

M 

0.0315 

0.0315 

M 

0 1828 

0 3656 

0 49r 

0 901 

0 536° 

0 993 

0 457° 

0 914 

0 378“ 

0 835 


Complex formation is definitely shown in the data of table 3, which 
gives the experimental lowering compared with the theoretical lowering 
calculated (a) with no complex formation, (b) with all the stannous chlo¬ 
ride present as HSnCls, and (c) with all the stannous chloride present as 
HfiSnCh. 

High accuracy is not claimed for these results because of the extreme 
diflBiculty of preventing oxidation of the stannous chloride in acid concen¬ 
trations as high as these. These determinations were made under nitrogen, 
and the solutions kept under nitrogen during as much of the handling as 
was possible, but a filtration was necessary, and a small amount of oxida¬ 
tion is very probable. 

The autoxidation of stannous chloride in dioxan was found to resemble 
the oxidation in benzyl alcohol. There is a period of rapid absorption 
followed by a slow period in some runs. The oxidation is faster than in 
benzyl alcohol however, the initial rapid period being complete in 1} min¬ 
utes. In the purest samples, freshly distilled, the subsequent slow absorp- 




158 


BOBBBT C. HARING AND JAMES H. WALTON 


tion was not present, but these samples of dioxan developed the dow ab¬ 
sorption period after standing for several days, even under pure nitrogen. 
This effect is not due to water, since known amounts of water added to 
runs in freshly distilled dioxan do not produce the slow absorption period. 
Water does, however, increase the amount taken up in 1J minutes of rapid 
absorption. 

If oxygen is bubbled through an old sample of dioxan which shows the 
subsequent absorption period, just before its use in an autoxidation run, 
the subsequent absorption period is destroyed, and the amount of oxygen 
consumed in the initial period greatly reduced. 

The results of the autoxidation could not be reproduced very well from 
one preparation of dioxan to the next, so that the results concerning the 
effect of hydrochloric acid concentration have no quantitative value, but 
about twenty-five runs in freshly distilled dioxan, out of more than a 
hundred, show a qualitative trend similar to that found with benzyl 
alcohol, that is, some oxygen is taken up even with no hydrochloric acid 
present; the amount of oxygen used up increases with the acid concentra¬ 
tion, and approaches a constant value at high acid concentrations. In¬ 
duced oxidation was also found, 1.01 millimoles of stannous chloride con¬ 
suming 1.52 (average of ten runs) milliatoms of oxygen, an excess of 50.0 
per cent. 

Water added to the stannous chloride-hydrochloric acid-dioxan system 
was found to increase the amount of oxygen absorbed during the first 
1^ minutes of the run. The amount of this increase was variable but 
ranged from 25 to 75 per cent for an addition of 0.10-0.30 g. of water. 

Some preliminary experiments were also made in the following solvents: 
diamyl ether, dibenzyl ether, j8,j3'-dichlorodiethyl ether, nitrobenzene, 
diphenyl ether, and diethyl malonic ester. These all proved to be unsatis¬ 
factory from the standpoint of solubility, or reaction. 

THE ACTION OF POSITIVE AND NEGATIVE CATALYSTS IN NON- 
AQVEOUS SOLVENTS 

In order to correlate the reaction in organic solvents with the reaction in 
water, a few experiments were made with some positive and negative cata¬ 
lysts. Picric acid has been found to be a good inhibitor in aqueous solution, 
and it proved to be one in non-aqueous solvents as well. It was used, 
qualitatively, to inhibit the reaction in the following solvents: benzyl 
alcohol, |3, jS'-dichlorodiethyl ether, and glacial acetic acid. Its inhibitory 
power can best be shown by the acetic acid experiments. In this solvent 
one millimole of stannous chloride is oxidized in 2 minutes, whereas with 
0.02 g. of picric acid added, less than 0.005 milliatom of oxygen is taken 
up in 20 minutes. m-Dinitrobenzene, p-aminophenol, and p-nitrotoluene 
were also found to be good inhibitors in acetic acid solution. All these 
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inhibitors seem to be more effective in acetic acid than they were in aqueous 
solution. 

Thiourea, which is a strong accelerator in aqueous solution, also cata¬ 
lyzes in benzyl alcohol, and in d-dichlorodiethyl ether, but 0.01 M 
accelerates the reaction only about 150 per cent as compared with about 
2000 per cent in water. However, this may in part be due to the low 
solubility of thiourea in these solvents. Tetraethyllead was found to 
accelerate the reaction in benzyl alcohol as it did in water, but willow char¬ 
coal had the anomalous effect of showing no catalytic effect in benzyl 
alcohol 

DISCUSSION 

In this paper further evidence has been presented to show that the 
chloro acid complexes are important in the mechanism of the autoxidation 
of stannous chloride. The approaching of a constant value for the rate of 
autoxidation with increasing concentration of either of the constituents of 
the complex indicates this, and it is further proven by the determination 
of complex formation in dioxan solution. The close analogy between the 
effect of hydrochloric acid on the reaction in water and organic solvents, 
and the identical action of inhibitors and accelerators show that the mech¬ 
anism of the reaction is not affected appreciably by the solvents. 

The summation of the work presented in this series of papers leads the 
authors to believe that the autoxidation of stannous chloride may be 
represented by the series of reactions designating the typical autoxidation, 
viz., if A and A represent autoxidant molecules (in this case HSnCU or 
H 2 SnCl 4 ) and * represents energy of vibrational activation (from thermal 
or photochemical sources), then 


A -h * A* 

(1) 

A* + O 2 —► AO 2 '*' 

(2) 

A 02 * + a a* + AO 2 

(3) 

AOj* 4- I AO -f 10* 

(4) 

AO, 4- A 2AO 

(5) 


The symbol A is used to show the transfer of two atoms of oxygen instead 
of an energy transfer. This mechanism was proposed by Bodenstein (3), 
and amplified by Backstrom and Beatty (2). I represents the inhibitor 
molecule, and the 10* molecule has a lower specific reaction rate with A 
than has the activated peroxide AO 2 *. Thus the widely differing powers of 
various inhibitors in a reaction are due to their differing abilities to react 
with A and perpetuate the reaction chain. This also accounts for the 
ability of one substance to be an inhibitor for one reaction and an accelera¬ 
tor for another, since the effect the substance has will depend on the reac- 
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live ability of its oxide (or peroxide) relative to that of the autoxidant. In 
this general scheme, the reaction chain is reaction 1 followed by an alterna¬ 
tion between reactions 2 and 3, while reaction 4 is the chain-breaking 
mechanism. Reaction 5 occurs subsequent to the chain, and may, under 
the proper conditions, be slowed sufficiently to permit the detection, and 
even the isolation, of the peroxide, as has been reported by many investi¬ 
gators in widely differing reactions. 

SUMMARY 

1. Very pure dioxan (f.p. = 11.80 db0.01“C.) has been prepared, and 
complex formation shown between stannous chloride and hydrochloric 
acid by means of freezing point lowering in this solvent. 

2. A molecular compound of one mole of stannous chloride with one mole 
of dioxan has been identified by analysis. 

3. The rate of autoxidation of stannous chloride in dioxan and in benzyl 
alcohol has been studied. It was found to increase nearly linearly with the 
acid concentration up to a point where the acid concentration is close to 
that of the stannous chloride, and then to approach a constant value. 

4. The postulation of the chloro acid complex as the form in which the 
stannous chloride is oxidized was confirmed by the above experiments, and 
by those in which the rate also approached a constant value with increasing 
stannous chloride concentration, at a constant acid concentration. 

5. Induced oxidation of dioxan and benzyl alcohol was demonstrated 
during the autoxidation of stannous chloride in those solvents. 

6. Several positive and negative catalysts were shown to have qualita¬ 
tively the same effect in non-aqueous solvents as they have in aqueous 
solution. 
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Numerous studies have been made on the electrical potential difference 
between a metal and an aqueous solution which does not contain a salt of 
the metal but contains other electrolytes and dissolved gases. The so- 
called oxygen electrode in particular has received much attention (5, 6, 9, 
10, 16, 21, 23, 25). The influence of the movement of the electrolyte on 
such a potential difference has also been inve.stigated (1,11,19, 20, 22, 26). 

These electrical potentials are of considerable significance. Manj' are 
the systems that present the contact of a metal with an aqueous solution 
containing few if any of the metal ions. Colloidal metals such as plati¬ 
num, silver, and gold reveal systems which owe their stability and 
cataphoretic behavior to the potential between the colloidal metallic 
particle and the dispersion medium. It is well-known, too, that the 
electrolyte present markedly influences the potential of such a metal- 
liquid interface. 

In treating the electrical potential across this type of metal-liquid inter¬ 
face, investigators have considered two potentials. The first is the Nernst 
potential obtained by the usual potentiometric determination of the 
potential difference by the use of a standard half-cell. The second is the 
electrokinetic or “zeta” potential between the liquid adhering to the solid 
wall and the bulk of the mobile liquid. This is always estimated by a 
hypothetical consideration of the data from experiments on cataphoresis, 
electroosmosis, or streaming potentials. 

If the accepted theory of electrokinetic phenomena is correct there 
should be some relation between changes in the zeta potential and the 
Nernst potential. All experimental evidence points to the interface as the 
region in which these changes which affect the electrokinetic potential 
occur, and certainly the Nernst potential extends across this interface. 

The effect of mechanical and electrical forces acting on the potential at 
the metal-electrolyte interface should afford information that can be used 
in determining the nature of this potential. The results might also be 
applicable in the development of a satisfactory theory of electrokinetic 
phenomena and the zeta potential. The very imperfect status of our 
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knowledge of this topic has been adequately summarized by McBain 
(12,13). 

The work presented in this paper is an attempt to determine the effect 
of an electric field on the potential at the interface metal-electrolyte. The 
way in which this was accomplished is indicated by the following consider¬ 
ations. 

The potential of a cell under ordinary circumstances may be considered as 
made up of two parts: first, of the potential of metal, electrolyte (dissolved 
gas) (Em); and second, of the potential of electrol 3 d;e (dissolved gas), half¬ 
cell (= constant). The potential of the cell is 

E Em + Constant (1) 

If there exists in the electrolyte an impressed potential gradient, the 
potential of the cell will contain an additional term Fx, where F is the field 
strength in volts per centimeter, and x is the distance in centimeters be¬ 
tween the electrode and the tip of the half-cell bridge, measured paralld 
to the direction of the field. The potential of this ceil is 

E' “ E'„ + Fx + Constant (2) 

Then 

E -E' • Em-E'm-Fx (3) 

By adjusting the position of the electrode and bridge it is possible to make 
* = 0, whence 

Jpf mm. 1? TP^ 

^ — jQ, SB £dm 

EXPERIMENTAL 

The experimental set-up consisted of a small rectangular electrolysis 
vessel fitted at each end with electrodes, which, when differently charged, 
produced a potential gradient through the solution. The experimental 
electrode and half-cell bridge were placed in this field in a position such 
that a; == 0 (equation 3). The set-up is shown in figure 1. 

The electrolysis vessel (M) was a rectangular glass trough, 7.5 X 2.5 X 
2.5 cm., which was fitted at each end with a sheet of pUti Tnim (F) which 
served as a field electrode. The glass-glass and glass-platinum contacts 
were sealed with picein wax in some experiments and with de KT»nt.ina]fy 
cement in others. The electrolysis vessel was fixed with appropriate 
insulation in a small wooden box which was lined with metal foil dectri- 
cally grounded. 

The experimental electrodes (E) were very small, which reduced conduc¬ 
tion through the metal. It was thought that the factors involved mi gli t. 
better be differentiated by the use of differently shaped electrodes. Sin<» 
a flat surface might give different results than a curved surface, two types 
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of electrodes were used. Type A electrodes were made by covering the 
tip of the wire with a glass bead and then sealing the wire into a small thin 
glass tube, leaving a 1-mm. length of wire uncovered. Type B electrodes 
were made by sealing the wire in a small thin glass rod and then, by grind¬ 
ing and polishing, the metal and glass were smoothed. This gave a very 
small electrode surface which was exactly flush with the glass surrounding it. 

Electrodes were made of platinum and of gold wire, each as pure as was 
possible to obtain. These metals were used because there are experi¬ 
mental data in the literature on the cataphoresis of gold and platinum sols. 
The gold wire was 0.0193 cm. in diameter. Two sizes of platinum wire 
were used,—0.0315 cm. in diameter and 0.0193 cm. in diameter. 

The other half of the cell measured was a normal calomel electrode (C), 
connected through a bridge (L) which contained 0.1 ilf potassium chloride 



Fia, 1. Electrical Circuits (diagrammatic) 


in an agar gel. The end of the bridge (T) in the electrolysis vessel was 
drawn out to a very fine tip which turned at right angles to the bridge tube. 
The size of the opening of the bridge tip was found to make no difference 
when it was of the same order of magnitude as that of the electrode. This 
was carefully checked by the use of different bridge tips of widely varying 
diameter. 

The bridge was held in place by a clamp which was attached to a long 
lever arm. One end of the lever arm was fastened to a rigid upright rod 
about which the lever could turn; the other end was moved by means of a 
screw which could be set to 0.003 mm. The screw had a mechanical 
advantage of 4 over the tip of the bridge, which facilitated accurate setting 
of the bridge tip with respect to the experimental electrode. 
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The potential for the applied field was obtained from a lai^e size “B” 
battery (N), which was connected to the field electrodes at the ends of the 
electrolysis vessel through a commutator which reversed the field every 
1.8 seconds. The potential of the experimental electrode was affected in 
the same way by a field which was reversed every 50 seconds, but the 
shorter period proved most convenient. The field could not be reversed 
too rapidly, because the electrometer needle would not follow accurately 
the changes in the measured potential when z 7 ^ 0. This change in the 
direction of the field reduced polarization at the field electrodes, which in¬ 
creased the agreement between the calculated and actual values of the field 
strength. Both “B” battery and commutator were supported by sulfur 
blocks. 

The potential of the cell; 

metal, electrolyte (dissolved gas), 0.1 M KCl, 1 M KCl, HgCl, Hg 

was measured by means of a Leeds and Northrup potentiometer and a 
quadrant electrometer of the Compton type (Q) as shown in figure 1. It 
is necessary that the experimental electrode be connected to the electrom¬ 
eter, because otherwise circuit leakage may cause a current through the 
electrode. 

The sensitivity of the electrometer varied from day to day, but was 
always in the neighborhood of 700 cm. per volt on a scale 1 meter distant, 
but the scale actually used was placed at a distance of 3.4 m. and was 
illuminated. 

The first step in setting up the apparatus was to clamp the electrolytic 
vessel firmly in place. Then the leads from the commutator were con¬ 
nected to the field electrodes, and the glass rod holding the electrode was 
fixed in such a manner that the experimental electrode was held in the 
center of the electrolysis vessel. 

The electrodes were placed so that the smooth metal surface of the type 
B electrodes was parallel to the direction of the field and the axis of the 
cylinder of the type A electrodes was perpendicular to the direction of the 
field. Great care was necessary in the adjustment of the cylindrical 
electrodes, because if the angle was much less than 90® the electrode 
potential became very erratic. The flat electrodes were not so sensitive, 
but gave best results when carefully adjusted. 

When the experimental electrode was in place, the bridge was set so that 
the tip was within 2 mm. of the electrode. The smaller the distance be¬ 
tween them, the easier it was to adjust the bridge to the correct position. 

After filling the electrolysis vessel with the solution, the potential of the 
electrode was read at intervals until it had become fairly constant. In 
some cases this took a long time and in others only an hour or two. When 
the potential had become nearly steady the key to the electrometer was 
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clamped down so that the potential could be followed continuously. 
Next the commutator was started and the field turned on. The measured 
potential changed as the field was reversed, owing to the factor Fx (see 
equation 2). This could readily be observed as the electrometer needle 
swung back and forth, but when the bridge had been set carefully this 
factor was only about 20 millivolts. Next the position of the bridge was 
adjusted so that the electrometer needle became stationary, and the 


TABLE 1 

Change ta millivolts of the potential of gold electrodes caused by fields of value F volts 

per centimeter (Em — Em*) 


SLBCTROL.rTB 

MOLARITY 

RLSCTRODE DIAMETER 

0 0193 CM. 

Type A 

Type B 

F - 22 

F - 3.1 

F « 3 1 


10-® 

1 


0 


IQ-* 

0 


0 

H,BO,. 

10-< 

0 


0 


10 -» 

0 


0 


10-* 

0 


0 


10 


0 

0 


10”^ 


0 

0 

KH,P04. 

10-* 


0 

0 


lo-** 


0 

0 


lo-* 


-1 

0 


10“« 


0 

0 


10“‘ 


0 

0 

Na,HP04. ^ 

10-* 


0 

0 


10-» 


0 

0 


10'* 


-1 

1 


10'« 

1 

0 

0 


10-* 


0 

0 

Al,(80.),*.■ 

10“* 


0 i 

0 


10-» 


-1 

0 


10-* 


~1 

0 


* Contained hydrochloric acid at a concentration one-tenth that of the aluminum 
sulfate. 


potential of the cell was measured. When the needle was stationary, 
(x « 0, /. Fx « 0) Eo' — Em + Constant. The field was turned off and 
the potential of the electrode measured. The difference between these 
two potentials is the value Em — 

It was found that the length of time the field was on in one direction did 
not necessarily need to be the same as the length of time in the other 
direction. Various ratios of these two periods were tried and the results 
were the same in all except the extremes, where the ratio was 1:5. 


raa lOVSNAL or niTSXCAL CBaMfSTBT, VOL. XXXVllI, NO 2 
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It was thought that perhaps the position of the electrometer needle with 
Inspect to the quadrants might have an influence on the measurement of 
the potential. To check this the measurement was carried out in three 
different waye. First, the potentiometer was set so that when the needle 
was brought to rest by adjusting the position of the bridge, it was turned to 

TABLE 2 


Change in millivolts of the potential of platinum electrodes caused by fields of value F 
volts per centimeter (Em — Em*) 


BLXCTliOLTTB 

MOLAR¬ 

ITY 

ELBCTROOB DIAMBTBR 

0 0315 CM. 

BLBCTRODB 

DIAMBTBR 

0 0193 CM. 

Type A 

TypeB 

Type A 

Type B 

F « 25 

F « 2.1 

F « 3.1 

F - 6.2 

F - 3.1 

F - 3.1 


io-» 

1 


0 

0 

0 

0 



0 


0 

1 

0 

1 

H 3 BO,. 


2 


0 

3 

1 

0 

0 


io-» 

1 


0 

2 

2 

0 


10“* 

0 


0 

1 

2 

0 


10~« 


0 

0 

3 

0 

0 




0 

0 

1 

0 

0 


10-* 


0 

0 

2 

0 

0 

KH,PO«. 

lO-* 


0 

0 

0 

0 

0 






1 




10“* 


0 

0 

0 

0 

0 






-1 




10-« 


0 

0 

2 

1.6 

0 


10-* 


0 

2 

3 

-1 

0 

Na2HP04. 

10-* 


0 

1 

3 

0 

0 


10“» 


0 

1 

3 

2 

0 


10“* 


0 

1 

1.5 

0 

0 


10“® 


0 

1 

2 

0 

0 


10-* 


0 

‘ 1 

3 

0 

0 

Al,(80,),‘.- 

10-* 


2 

1 

0 

1 

0 

0 


10-3 


0 

1 2 

2 

0 

0 


10-* 


0 

t 

t 

0 

0 


* Contained hydrochloric acid at a concentration one-tenth that of the aluminum 
sulfate. 

t Potential too unstable to give results. 


the left of the zero point. This was repeated with the potentiometer set 
first so that the needle was at the zero point and then to the right of the zero 
point. The potential calculated from the deflection, the sensitivity, and 
the potentiometer reading was the same in each case, which showed that 
the position of the needle with respect to the quadrants was not a source of 
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error in the measurements. The quickest method of measurement was to 
bring the needle to the zero position by changing the potentiometer setting. 

No attempt was made to have pure gases over the solution since it is our 
experience (24) that air or oxygen gives a very sensitive potential with 
electrodes of this type. 

The materials used were well purified and the solutions were made up 
with a good grade of conductivity water which contained dissolved air. 
The experiments were carried out in a room which was held at 20 zb 1°C. 

The procedure described above was carried out for solutions of several 
compounds. The range of concentrations employed was from 10“® to 
10“* molar. The compounds used were those which previous work (24) 
had indicated would be most likely to produce the most favorable condi¬ 
tions for a change in potential of the electrode. The concentrations studied 
were chosen after a consideration of the effects of electrolytes on cata- 
phoresis and streaming potentials. More concentrated solutions could not 
be used because of the increased conductance of the electrolysis cell. 

Tables 1 and 2 give the values of — EJ for the several electrodes in 
the different solutions. 

For field strengths greater than those reported above, the change in 
potential was entirely different in character. The potential became so 
unsteady and unreproducible that it was evident that some new factor had 
been brought in. Furthermore, recovery by the electrode of its original 
potential was very slow. A second difficulty of the stronger fields was the 
fact that the bridge could not be set accurately enough to eliminate com¬ 
pletely the oscillations of the electrometer needle. 

DISCUSSION 

The data presented above show that the potential of gold or platinum 
against a solution is only slightly affected by an electric field of moderate 
strength. The changes in potential which do occur may be due to any one 
of several factors. 


a. Conduction through the electrode 

If an appreciable current flowed through the metal there might be some 
hydrogen or oxygen liberated which would change the potential. This 
explanation of the change does not seem probable when we consider that 
the changes occur as frequently in the two most dilute solutions as in the 
two most concentrated solutions. 

The instability and change of the potential of electrodes of type A in 
strong fields was attributed to conduction, because any change in condi¬ 
tions which would increase conduction through the electrode always in¬ 
creased the instability of the potential. The rate at which the electrode 
recovered the original potential was very slow, which was probably due to 
the slow change in amount of gas at the surface of the electrode. 
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These results throw some doubt on the deductions of Coehn and Schaf- 
meister (2) and of Theissen and Heumann (27). These workers used a 
small metal wire suspended in electrol 3 rtes through which the field drop 
was 110 and 46 volts per centimeter, respectively. They measured the 
defiection of the wire caused by the field, then determined the potential of 
the metal in the same solution when there was no potential gradient through 
it. Our results indicate that the potentials measured by these workers 
were quite different from the potentials of the wires when the field was on. 
It is impossible to estimate what error appeared in their work, because the 
fields they used were from fourteen to thirty-five times as strong as those 
used in our experiments. 


b. Surface conduction 

McBain and his coworkers (14, 15) have shown that the electrical con¬ 
ductivity at a glass-solution interface is greater than in the bulk of the 
solution, and this same phenomenon may occur at a metal-solution inter¬ 
face. The movement of ions longitudinally through the diffuse double 
layer would somewhat change the distribution in the double layer and 
would, if the distribution were sufficiently disturbed, cause a change in 
the potential. 

It was foimd that the addition of a small amount of a substance which 
is known to be highly absorbed at the metal-liquid interface, such as tannic 
acid or gelatin, would reduce the change in potential of the small cylindrical 
platinum electrodes. A thin coating of collodion would accomplish the 
same result. This indicates that the change occurs at the interface. 

Whatever may be the true cause of the observed changes of potential 
brought about by the electric field, the results have a very significant 
value to the theory of electrokinetic phenomena. 

The experimental results reported show that the potentials of the 
smallest electrodes are affected least by the electric field. Going further 
one may say that the potential of an electrode the size of a colloidal particle 
would not be affected at all. That small platinum or gold wires in an 
electric field behave similarly to a platinum or gold sol has been shown by 
Kleeman and Fredricksen (7). 

The results further show that a greater change is observed when the field 
strength is increased. The field strengths used in the ordinary measure¬ 
ment of cataphoretic velocities of gold and of platinum sols (8,18) are less 
than those used in these experiments. Therefore we can conclude that in 
cataphoresis experiments of gold and platinum sols, the Nemst potential 
of the gold or platinum against the solution is unchanged by the field. 

If we consider one side of the “double layer” as diffuse, after Gouy (4), 
and develop the idea of the relation between the Nemst potential and the 
zeta potential as was done by Smoluchowski (3), we find that the Nemst 
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potential contains the zeta potential. It is evident that since the Nernst 
potential of gold or platinum colloidal particles is unaffected by the applied 
electrical field, we are certain that the zeta potential also is unchanged by 
the same conditions. 

The potential across the double layer depends upon the charge per unit 
area and also upon the charge distribution in the outer or diffuse layer. 
One would not expect an applied field to affect the charge per unit area. 
Furthermore, it is almost beyond the bounds of possibility that, if the 
charge per unit area were affected, the outer or diffuse layer would be 
affected an exactly equal amount in the opposite direction, which would 
be necessary in order for the potential to remain the same. Therefore, 
since the zeta potential of a colloidal particle remains constant, we must 
conclude that the charge distribution, or its physical symmetry, in the 
diffuse layer is unaffected by an electric field of the strength used in cata- 
phoresis experiments. 

This assumption is common to both the Helmholtz-Lamb and Debye- 
Hiickel theories of cataphoresis (17). Actual experimental tests of the 
other assumptions will be of great value in testing these theories, and in 
the ultimate explanation of the mechanism of cataphoresis. A more 
extensive knowledge of the interface is also necessary for a more complete 
explanation of the potential of the oxygen electrode. 

SUMMARY 

The effect of an electric field of moderate strength on the potentials of gold 
and platinum against several solutions has been determined. 

The results prove the validity of one fundamental assumption in the 
treatment of cataphoresis, namely, that the charge distribution in the 
double layer is unaffected by an applied field of the strength used in 
cataphoresis experiments. 
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I. INTRODUCTION 

Interest in the triiodide equilibrium 

+ (la) 

was renewed with the appearance of a paper by Bronsted and Pedersen 
(1922) (1). These authors determined the solubility of iodine in an aqueous 
solution of 1.65 molar potassium chloride with sufficient hydrochloric acid 
to produce an acidity of pH 5, thereby preventing hydrolysis^ (2). By 
measuring the increase in the solubility of iodine produced by the addition 
of relatively small amounts of potassium iodide at 15® and 18.5®C., they 
gave an extrapolated value for the mass action function, 

L = ^ 

namely, 0.00611 for 25®C. In calculating L they considered this increase 
in the solubility of iodine as triiodide and the concentration of free iodine 
equal to the solubility of iodine in the potassium chloride solvent. 

Their purpose in employing 1.65 molar potassium chloride as solvent was 
to minimize the changes in ionic environment (3) produced by varying the 
concentration of added potassium iodide. 

Carter and Hoskins (1928) (4) pointed out that Bronsted and Pedersen 
failed to recognize the possibility of a salting-out effect of the chloride ion 
on the neutral molecule, iodine, and the formation of a chloride-iodine 
complex: 

ciir^:^is + ci- (lb) 

^ This paper was constructed from a dissertation submitted by M. Helene Lewin- 
sohn in partial fulfillment of the requirements for the degree of Doctor of Philosophy 
in the Faculty of Pure Science, Columbia University, 1933. 

* The reactions are: 

I, + H20;=±H+-f I~-f HID 
31* -f 3 H 2 O 6H+ + 51- + lOr 

Iodine on dissolving in water may be interpreted as undergoing internal oxidation 
and reduction. 
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Carter and Hoskins also asserted that “when suitable corrections are made 
for the disturbing effect of polyhalide formation, it is found that the result¬ 
ing value of £ is approximately the same as when the solvent is water.” 
However, they submitted no experimental proof for this statement. This 
important conclusion was also tacitly assumed by Kiss and Urmanczy 
(1931) (5). It may be interpreted as a reiteration of part of the well-estab¬ 
lished principle enunciated by Bronsted (6); namely, “that the simple gas 
laws hold good for ions or salts when other salt solutions are employed as 
solvents, the concentration being large in comparison with the dissolved 
ion or ions,” i.e., in a constant ionic environment. This principle involves 
two fundamental ideas; namely, that the concentration of the salt serving 
as solvent is large in comparison with the dissolved ion and that the solvent 
salt gives no evidence of interacting chemically with the dissolved molecule 
or ion. 

These two conflicting opinions and the fact that the triiodide constant 
frequently enters into the interpretation of the equilibria involving iodine 
occasioned this investigation, the purpose being to determine this constant, 
in solvents of constant thermodynamic environment in a manner 
which would be free from the objections raised by Carter and Hoskins. 

In order to test the applicability of Bronsted’s principle to the afore¬ 
mentioned equilibria it was necessary to establish the following: 

(1) The solubility of iodine in water at pH 5 with a greater precision 

than had been heretofore obtained. 

(2) The values for the mass action functions for the three equilibria 

Ciirpil2 + a- (lb) 

Brlr^I. + Br- (Ic) 

I»~ Ij + 1“ (la) 

in high concentration (2 molar) of a salt, such as potassium 
nitrate, which gives no evidence of interacting chemically with 
iodine. 

(3) The constancy of the mass action function for the triiodide 

equihbrium. 


Is” Is + 1“ (la) 

in a high concentration of potassium chloride, which salt, how¬ 
ever, gives evidence of combining chemically with iodine. 

In each of the above equilibria, the excess iodine dissolved in a hal id e 
salt solvent shall be designated as halide-iodine complex, and by measuring 
this increase in solubility the values for the mass action function will be 
calculated. 
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II. EXPERIMENTAL 

The following are the source, preparation, and purification of chemicals 
required in the course of solubility measurements. 

Potassium nitrate and potassium chloride were recrystallized twice from 
distilled water, dried in an oven at 120®C., ground in an agate mortar, and 
dried again at 120®C. for twenty-four hours. The salts were kept in a 
desiccator over calcium chloride until cool, then the samples were weighed. 

Potassium bromide, Kahlbaum^s '^Zur Analyse,’’ was dried in an oven at 
120®C. and was kept in a desiccator over calcium chloride. 

Potassium iodide, Mallinckrodt ‘^Reagent Quality,” was kept in a desic¬ 
cator over phosphorus pentoxide. Samples gave no color with starch in 
neutral solution after twenty-four hours in the dark and no color with 
starch after acidification. 

Iodine was resublimed once from a mixture of potassium iodide and 
iodine and twice without potassium iodide. The iodine was kept over 
calcium chloride in a desiccator, the cover of which had not been greased 
(7). Solutions of iodine containing 4 per cent potassium iodide (8) were 
used as primary standards. 

Solutions of arsenious oxide, standardized against iodine solutions, were 
used as secondary standards. All titrations were made in bicarbonate 
buffers according to the directions of Washburn (8), using weight-burets (9). 

The concentration of iodine necessary to produce a detectable color with 
the sterilized starch paste was of the order of 5 X 10“® normal, and appro¬ 
priate corrections were made. 

Nitrogen, commercial, was purified by passing it through a solution of 
potassium pyrogallate (10), over heated copper gauze in a quartz tube, 
through dilute sulfuric acid, thence through a tube filled with soda lime. 
Finally, nitrogen was bubbled through the solvent solution so as to insure 
the same aqueous tension. 

All salt solutions in which the solubility of iodine w^as to be determined 
were maintained at a pH of 5 to prevent hydrolysis of the iodine (see foot¬ 
note 2) (2). This pH was adjusted by indicators. 

All solubility measurements are reported as moles per liter of solution and 
were performed at 25 db0.005®C. 

Procedure in determining solubilities 

The apparatus used is shown in figure 1, and is similar in principle to 
that used by Bronsted and Pedersen (1). 

The solubility tube B was filled with a mixture of iodine and glass beads, 
and was plugged at the lower end with silica fiber and at the upper end with 
glass wool*, since silica fiber proved to be too brittle to serve as a plug. 

* This experimental work was considerably delayed by the inability to obtain 
reproducible values for the solubility of iodine. This difficulty was traced to ther 
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Flasks D, E, and F contained iodine crystals to maintain a constant vapor 
pressure of iodine. Flasks E and F contained in addition to the iodine 
crystals about 50 cc. of the solvent to serve as an extra precaution to 
saturate the nitrogen entering at 5 and 7 with respect to iodine and water 
vapor. Nitrogen was passed through stopcocks 4,5, and 6 for 3 hours and 
through the solution in flask A in the ratio of one hour for each 50 cc. of 
solution to displace oxygen. 

To flush the contents of the solubility tube B and to insure complete 
removal of the previous solution of different concentration, one portion of 



25 cc. and two portions of 50 cc. each of solution were placed in flask A. 
The solution passed at the rate of 50 cc. of solution in 25 minutes, over the 
iodine into flask D, and remained there for 20 minutes. Pressure of nitro¬ 
gen then forced the solution into flask F, gentle suction being applied at K. 
However, some of the solution remained in tube B, and was removed to 


alkaline reaction produced by the dissolving of the glass wool used as filter. Ten 
different samples of glass wool were tested as follows; 10 g. of glass wool were left in 
contact with 260 cc. of distilled water. After 4 hours these samples of glass wool 
yielded pH values ranging from 7.8 to 10.6, which did not change on standing. Alkali- 
free glass wool was essential to obtain concordant values for the solubility of 
iodine, for any other glass wool rendered the solutions basic and formed hypoiodites 
by the hydrolysis of iodine. The firm of Friedrich and Dimmock of Millville, New 
Jersey, spun especially some alkali-free glass wool which yielded an equilibrium pH 
of6.8. 



HALIDE-IODINE EQUILIBRIA IN NEUTRAL SALT SOLVENTS 176 


flask A by suction applied at G. This procedure was repeated four times 
to assure complete removal of the previous solution. 

One hundred and fifty cubic centimeters of the solvent were placed in 
flask A, and the air was replaced by nitrogen. The solvent was passed 
through the iodine crystals into flask D, and thence back to flask A. A 
150-cc. sample was taken so that each run could be separated into two 
parts, the second half passing through the solute at least four times. In 
each case there were at least two samples of 150 cc. each, thereby giving 
four weight-buretfuls and a minimum of ten titrations for the iodine con¬ 
centration for each solubility measurement. 

The sample in which the concentration of iodine was to be determined 
was transferred as follows: Flask F was removed. The saturated iodine 
solution flowed from the solubility tube B directly into a weight-buret, 
suspended under M, containing 5 cc. of a concentrated potassium iodide 
solution to prevent loss of iodine during transfer and subsequent titrations. 

TABLE 1 


Solubility of iodine 

2 M KNO, -f 0 0025 M KI 1.65 3/ KCl 4* 0 1 Af KI 


TIMES SOLUTION OVER 
IODINE 

SOLUBILITY VALUE 

X 10* 

TIME SOLUTION IN 
contact WITH IODINE 

SOLUBILITY VALUE 

X 10* 

4 

2137 d=2 

Overnight 

4421 ±l 4 

6 

2138 d:2 

2.5 days 

4418 ±2 5 

2 

2139 =bl 6 

Overnight 

4420 :fc2 2 

5 

2140 d:1.4 

7 5 days 

4425 


2138.5 (average) 


4421 0 (average) 


Kolthoff (11) states that in a solution less concentrated than 0.01 molar, 
the color appears somewhat too late in titrations of sodium thiosulfate with 
iodine, using starch as an indicator. This was found not to be true when 
arsenious oxide was used as the reductant. Solutions faintly colored blue 
with starch iodine were left for about seventeen hours and there was no 
perceptible color change. This indicates that there was no retardation in 
the appearance of the end point, and that the resultant solution had the 
correct pH according to Washburn (8). All titrations were made by day¬ 
light. 

After six different determinations had been made, it was found neces¬ 
sary to refill the solubility tube B. This probably was due to the contami¬ 
nation of the iodine in tube B with traces of stopcock grease (7). 

The proofs that solubility equilibrium was obtained are as follows: (1) 
A solution saturated with iodine at 30**C. was passed over the iodine at 
25®C.; a solution saturated with iodine at 25®C, was passed over the iodine 
at 25®C, The solubility values in the two cases were within limits of 
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experimental error. By the former method the solubility of iodine in a 
1.65 molar potassium chloride solvent was found to be 0.003534 =b 4 X 10~®; 
by the latter, 0.0035336 =1= 5 X io~’. (2) Less than 0.15 per cent change in 
the solubility value was found by passing the solution over the solid phase 
as many as six times, or by allowing the solution to remain in contact with 
iodine for a maximum time of seven days (see table 1). 

III. PRESENTATION AND DISCUSSION OF EXPERIMENTAL DATA 

Solubility of iodine in water 

As a mean of six experiments the solubility of iodine in water at pH 5 
was found to have been 0.001321 moles per liter of solution, thus substan¬ 
tiating the value of Carter (12) and of Bray (2), the latter to within 0.1 

TABLE 2 


Solubility of iodine in water 


0OLUBIUTT OF lODINS 

pH VALUE 

DATE 

INVERTIOATOK 

0.001337 


1894 

Jakowkin (13) 

0.001341 ±4 X 10 


1898 

Noyes and Seidensticker (14) 

0.001333 


1908 

Campbell and Hartley (15) 

0.001320 calculated 

Acid solution 

1910 

Bray (2) 

0.001310 


1920 

Oliveri, Mandala, and Angencia 
(16) 

0.001329 

Conductivity 

water 

1924 

Pearce and Eversole (17) 

0.001321 ±2 X 10-® 

5 

1925 

Carter (12) 

0.001321 ±2 X 10 

5 

1930 

Present investigation 

0 001332 =fc3 X 10 “» 


1931 

Kiss and Urmanczy (5) 


per cent. Table 2 cites the values for this solubility appearing in the 
literature. 


Theoretical 

It is a well-known fact that the addition of a neutral salt to a system in 
equilibrium with the solid phase changes the solubility of the non-elec¬ 
trolyte, i.e., salting out the neutral molecule. The amount salted out 
depends upon the specific properties of the non-electrolyte, or neutral 
molecule, and the added salt,—the dielectric constant of the medium, the 
radius of the ion, and the distance of closest approach of ion to non¬ 
electrolyte. The total decrease in the concentration of the non-electrolyte 
or that salted out by a single ion has been recently calculated by Butler 
(18) and is equivalent to that calculated by Debye and McAulay (19), 
except for the fact that the latter equation requires the dielectric constant 
of the pure solvent and the former that of the solution. Experimental 
data have been examined from the point of view of the Debye-McAulay 
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equation by Randall and Failey (20) who conclude that, ‘^there seems to be 
a qualitative agreement with the demands (of the equation) in most cases, 
but not a quantitative one/^ Unfortunately, at the present time, there is 
not sufficient independent data to make the equations of Butler or of 
Debye and McAulay feasible for this problem. Consequently, in this 
report the values for the salting-out constants are those given by Kiss and 
Urmanczy (5). 

These authors^ calculate the salting-out constant in the Setschenow 
equation (21), 

log 8 ** log — kC (2) 

where so is the measured solubility of iodine in water at pH 5, 
s is the calculated concentration of the iodine molecule, 

C is the measured concentration of the solvent salt, and 
k is the salting-out constant. 

The average of these values for k is used as the salting-out constant and the 
concentration of free iodine is determined by means of the same equation. 
This direct method is used for salts like potassium nitrate, sodium sulfate, 
etc., which salts give no evidence of combining with iodine. Values for k 
for these salts using either acetylene or nitrous oxide or both as solutes are 
calculated. From these values the following average ratios are observed: 


fci, 


1.15 


and 


^NtO 

fcli 


1.25 


Therefore, for salts like potassium chloride, magnesium chloride, potassium 
bromide, etc., which give evidence of combining chemically with iodine, 
the k for iodine has to be determined indirectly and the preceding approxi¬ 
mations are used. At best, the values for k and s so calculated are subject 
to error. 

The concentration of iodine, of chloride, bromide, and iodide, and of 
chloride-iodine, bromide-iodine, and triiodide ions and the mass action 
functions are calculated as follows. 5o, and C have the same significance 
as previously stated, and S is the measured (total) solubility of iodine as 
I 2 , Clla*”, etc. Then for the assumed equilibria, namely, 

ClIr;=iU-fCF (lb) 

Brlr^U + Br- (Ic) 

I 3 -—(la) 


• Whenever Kiss and Urmanczy transposed from natural logarithms to common 
logarithms, they multiplied the natural logarithm by the factor 2.303 instead of 
dividing as they should have done. Inasmuch as they were consistent in the use of 
this factor, their values for s and K agreed to within 0.1 per cent with those values 
fouhd by us when the factor 2.303 was used correctly in transposing from the natural 
to the common system of logarithms. 



178 


VICTOB X. LaMBR and M. HELENS LEWIN80HN 


the concentrations at equilibrium are: 

®caii-> *^Brir> or Cj^_ - 5 - « 
®a-> «Br-> ®'‘ ci- - C - (S - ») 
«i. “ « 

Then in terms of the mass action law, we have: 


K. 




^i, X <^ci- ^ (g) (C - 8 + ») 


(3b) 


and, similarly, for the two equilibria, Brlj~ (3c) and Ij~ (3a). 

The value for the activity coefficient, /, of a solute in a saturated solution 
is determined by the relationship (22): 


log - «= log ■ 


«0 


(4) 


where « and «o have the same significance as previously stated, and the char¬ 
acters with the subscript 0 refer to water at a pH of 5 as solvent, and those 
without the subscript refer to a solvent prepared by adding neutral salts 
to water and adjusting the pH to 5. There are two possible standard 
states of reference, namely, water and the solvent salt (23). In the first 
case, /o, the activity coefficient of the saturating solute, iodine, in water is 
set equal to unity. In the second case, /, the activity coefficient of the 
saturating solute, iodine, in the salt solvent is set equal to unity. 

Defining 


KcX Kf = K, (6) 

where Ke, Kf, and Ka represent the constants for the mass law expression 
in terms of concentrations, activity coefficients, and activities, respectively. 
In each case Ka is determined graphically by plotting the values of 
i^ccii,- or of Kc^^^. or of Kc^. against the concentration of added halide, 
and extrapolating to zero concentration of added salt. Za is a constant 
for any given temperature and pressure which is independent of the 
changes in concentration. Ka for any given equilibrium changes only as 
the solvent changes. Since in a solution saturated with iodine, 

^ A, ■■ Oj, (6) 

oi, is a constant, the change in the values for Ka with the total salt concen¬ 
trations is due largely to the variations in the ratios of /hdid» 4 odine ion to 
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/haudeion- This ratio of the activity coefficients of Cllj to Cl“ of Brl 2 to 
Br~, and of 17 to I~ may be calculated from 


^ctti ^‘ca; ^ -(l 
fci- 


(7b) 


similarly, for the ratio of /nri,- to /b,- (7c), and for the ratio of to fi- 
(7a). If these solubility measurements are made in concentrated salt solu¬ 
tions and if the ratio of the activity coefficients is determined solely by the 
electrical charge type, this ratio should be unity (24). Any deviations 
from unity must be due to specific individual properties of the halide ion 
as contrasted with the halide-iodine ion. That is, in solutions of high salt 
concentration, whereby the environment is held constant, a constant value 
for the mass action function, Kc, independent of the halide-iodine forma¬ 
tion is a sufficient explanation for the increased solubility of iodine. 

Discussion of the halide-iodine equilibria 

The solubility of iodine was determined in a 1.65 molar and in a 2.0 
molar potassium chloride solution. It is evident from column 5 of table 
3 and from curve 3 of figure 2 that the value for increases slightly 
with increasing concentration of added halide ion. Kiss and Urmanczy’s 
data substantiate this statement (figure 2, curve 1), but are not in quantita¬ 
tive agreement with these values. 

This increasing value for the mass action function, Kc, signifies that as 
the chloride ion concentration increases, relatively less of the chloride ion 
combines with the iodine to form the chloride-iodine complex. This drift 
indicates either (a) that a different method of calculating the concentration 
of free iodine should be derived, (b) that the formation of a complex other 
than C1I7 ion should be considered, or (c) that the environment is not 
strictly constant, i.e., the simple gas laws are not obeyed. 

This non-attainment of constant values for the expression is 

apparently in contradiction to data obtained experimentally by Carter and 
coworkers (25). The latter determined the solubility of iodine in different 
chlorides (potassium chloride, sodium chloride, barium chloride, etc.) of 
varying concentration and calculated the values for the function. 

Curve 4 of figure 2 records these values for sodium chloride as given by 
Dawson and Carter (25) and shows that practically constant values for 
Kcf^j- are obtained. However, their method of calculating the salting- 
out constant for the chloride ion on iodine is such that the concentrations 
of iodine, chloride ion, and chloride-iodine ion complex are idealized, i.e., 
these values used are really activities and not concentrations. 

This may be shown as follows: Carter and his associates did not consider 
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TABLE 3 

Soluhihiy of iodine in water to which two concentrationa of potassium chloride were 

added 


A; » 0.162; Koqh^- ■* 0.629; all solubilities are multiplied by IQ* 







BEPXBKNCX STATE 

KCl ADDED 

8 

* 




•^Cl“ 

molar 

1 65 

1.321 

3.533 

1.012 

2.521 

0.658 

1.31 

1 37 

2,0 

3.829 

0.956 


0.664 

1.38 

1.46 


0.960 

0.920 
0880 
0.810 , 
0.800 
0.760 
0.740 
0.700 
0.640 


1.0 2.0 3.0 4.0 5.0 

Holarlt^ Cl‘ 

Fig. 2 

O Potassium chloride (Kiss and Urmanczy); ordinates on the left. 

• Sodium chloride (Dawson and Carter, reci9klculated}; ordinates on the right. 

A Potassium chloride (present investigation); ordinates on the left. 

O Sodium chloride (Dawson and Carter, original); ordinates on the left. 

the salting-out effect,—^they therefore assumed that the concentration of 
iodine was equal to its concentration in water, and that the increase in 
tiie solubility of iodine on the addition of potassium chloride was due 
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entirely to the formation of CII 2 ion and they calculated the values for the 
mass action expression according to equation 3b. These values were then 
plotted against the concentration of added chloride ion and were extrapo¬ 
lated to C = 0 to obtain ffocu,- value, termed by these workers 
Mathematically this may be expressed as 

c* X 

lim Kc - lim — -— 

which has a definite value corresponding to an extrapolation of the con¬ 
stant to infinite dilution. This limit, which Carter calls -K'ociii ^ desig¬ 
nated in the present notation as Carter and coworkers (25) 

combined the two subjoined equations to eliminate s, 

^ («) (C - S + b ) 


and 

” /rt\ 

fi = So6 (2) 

and assuming that {S — s) is small as compared with C, and equal 

to obtained the following approximation: 

k 1/C logeso (1 4- C/K)/S 

Thus they obtained the value for k (salting-out constant), and the value for 
$ (concentration of free iodine) could then be calculated by the Setschenow 
equation (2). 

Inasmuch as they set i^o = A'c in calculating the value for k (equation 
2), and as this value was used to determine s, the concentration of free 
iodine—the most important factor, for at equilibrium the concentration of 
each substance is determined in part by this value—^the values for fc, I 2 , 
CII 2 ion and Cl~ ion approximate ideally perfect ones, and the values 
reported for the mass law expression lose the significance intended for them. 

The justification of the present reasoning and criticism is now presented 
and is independent of a statement made by Kiss and Urmanczy (5). 
Setting 

a; « = s' So 

fi' is used rather than «to avoid confusion, but it will be seen subsequently 
that s' — s (Carter) 9 ^ s (Kiss and Urmanczy). Carter and his associates 
stated that 


ix) (C -- S^x) 
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whereas it is really Ka. For this value for Kc was found by plotting the 
concentration of added halide against the values obtained for the mass 
action expression, assuming A: = 0 and extrapolating to C = 0 (previously 
described). Since x is the only unknown, the equation takes the quadratic 
form yielding, 

+ * (C - -h Kc) - KrS = 0; X - <f>iCS). 

For each concentration of added halide the value of x, the concentration 
of free iodine, is calculated and substituted in the Setschenow equation (2) 
to find the value for k. The value for k so derived is identical with that of 
Carter and coworkers as was expected. Thus the values for I 2 , CUI 2 ion, 
and Cl“ ion approximate activities rather than the desired concentration 
values. 


TABLE 4 

Solubility of iodine in 2.0 7riolar potassium nitrate to which three different concentrations 
oj potassium chloride were added 


k — 0 162; all solubilities an* multiplied by 10*^ 







1 STATES 0^ BErKKENCF 

KCl ADDKi) 

s 

S 

^CIl2 


HsO 

1 A'u « 0 629 

2 M KNOi 

Ka “ 0.62H 









molar 

1 039 




1 27 

0 787 


0 05 

1 112 

1 031 

0 0815 

0 631 

1 28 

0 780 

0 784 

0 5 

1 725 

0.9583 

0.7667 

0 624 

1.38 

0.725 

0 720 

1 0 

2 285 

0 8839 

1.4011 

0 630 

1 ' 

1 49 

0 669 

0 671 


Curt^e 4 of figure 2 gives the values for function for sodium chlo¬ 
ride as calculated by Dawson and Carter (25). The values for this func¬ 
tion have been recalculated (using the salting-out constant as given by Kiss 
and Urmanezy) and have been plotted in figure 2, curve 2. 

Since it is probable that changes in ionic environment are responsible for 
the deviations in these values for the mass law expression, the values 
for the function have been determined in the neutral salt solvent, 2 

molar potassium nitrate. Table 4, column 5, show^s that these values are 
practically invariant. Consequently, the assumptions that the only 
complex w^hich need be considered is the ClI^ ion and that if the environ¬ 
ment is stabilized then constant values for the function are ob- 

tained, are valid. 

It will l)C noted (table 5, column 5, and figure 3), that in replacing a 
solution of potassium chloride by one of potassium bromide the values for 
the mass action function, 
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K, 


"BrU 


% ^ ^Br- 
^Brlj 


(3c) 


decrease with increasing concentration of added halide, though in each case 
the environment has been stabilized with 2 M potassium nitrate. How¬ 
ever, this drift in the value for the could have been predicted, for 


TABLE 5 

Solubility of iodine in 2.0 molar fxdassium nitrate to ivhich six different concentrations 
of potassium bromide U'ere added 

k *= 0.151; Ka ~ 0.0820 (water as standard state); Ka -0 0759 (2 0molar potassium 
nitrate as standard state); all solubility values are multiplied by 10^ 


KBr 

AD1>£I> 

s 

* i 

1 

i 

‘Bris 


.. 

BT \TES OF 

11:0 

i 

i 4^r- 

referenpf 

, 2 0 .V 

i ■'"b 
! 

KNOi 

4m: 

4ir- 

molar 

) 025 

1 039 

1 1 375 

) 

i 1 035 

0 340 i 

! 0 0752 

' 1 27 

i 1 17 

1 

1 0 783 I 

0 776 

) 05 ‘ 

1 717 

1 031 1 

0 096 1 

1 0 0741 

1 1 28 

1 1 16 

i 0 780 1 

0 762 

) 1079 1 

2 508 

1 022 i 

1 480 i 

1 0 0732 

1 1 29 

1 1 15 

I 0 774 

0 746 

) 2 

3 7(K) 

1 008 : 

2 752 : 

; 0 0722 

: 1 31 

1 10 

■ 0 7()3 . 

0 726 

) 5 S 

7 741 

i 0 9030 ' 

0 777 1 

1 0 0701 

1 37 

i ^ 

, 0 72<) , 

0 673 

0 

14 0(i 

1 0 8<138 

13 102 

0 0(>70 

i 1 48 

' 1 20 

1 0 077 

0 598 



the solubility of iodine is approximately 8.5 times as great in a i)otassium 
bromide solution as it is in a potassium chloride of the same molar con¬ 
centration (table 11, columns 2 and 3). That this variation in the mass 
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law expression is due to the formation of a complex other than Brio ion 
and is not in contradiction to the Bronsted principle may be concluded from 
the following statements: In both potassium chloride and potassium 
bromide solutions the solubility of iodine increases almost linearly with the 
increasing concentration of added halide ion. Up to 0.5 molar, for the 
molarity of the potassium bromide solution there is a decrease in the mass 
action function of approximately 1.5 per cent, while as the concentration 
of potassium bromide is doubled (0.5 M to 1.0 M) the decrease in the A”, 
value is 4.5 per cent. This indicates that as the concentration of added 
halide increases, the excess solubility of iodine in potassium bromide is due 
more and more to the formation of a complex other than BrIJ, probably 
Brl7. Table 5, columns 7 and 9, shows how far variations in the activity 
coefficient ratio, f^ru/lBr-y ^ire responsible for this decrease in the mass 
action function. 


0.00180 

^ 0 00160 
X 

O.OOHO 


0.00120 

2.0 4.0 6.0 80 100 120 140 16.0 18.0 20 0 22. 

f1 clarity I*x 10^ 

Fig 4 

O Sodium iodide (Carter (12)). 

# Potassium iodide (Bray andMaoKay (27)), Ka _ is 0 00153; (Lewis and Kandall 

Ij 

(28)), Ka . is 0,(X)143 from these measurements 
L 

The study of addition complexes, i.e , lirl o and CUV ions, resulted in 
part from that of the triiodide ion complex, which, without doubt, vas the 
first halide-iodine equilibrium to be studied. From an exhaustive study 
of all pertinent literature, Grinnell Jones (20) has concluded that iodine 
does dissolve in a solution of an iodide ion to form the triiodide ion, and the 
value for the mass action function for this ecjuilibrium decreases with 
increasing concentration of added halide ion. 

To substantiate this statement there has been included the data of l^.ray 
and MacKay (27) and of Carter (12) (figure 4, curves 1 and 2). Bray and 
MacKay gave a value of 0.00153 for the Ka representing the triiodide ecpii- 
librium. Jakowkin (13) from distribution measurements and Grinnell 
Jones (29) from solubility measurements gave 0.00140 as the value for this 
equilibrium. This value has been used throughout the present calcula¬ 
tions as Ka to e\^aluate the ratio of the activity coefficients of the triiodide 
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to the iodide ion when water is chosen as the reference state, according to 
equation 7. 

Although the triiodide equilibrium has been investigated in considerable 
detail, it has received little attention in neutral salt solvents. \"alues for 



Fig. 5 

O 1.698 M sodium sulfuto as solvent (Carter). 

O 2,0 M potassium nitrate as solvent. 

G 2.0 M {lotassiurn chloride as solvent. 

• 2.0 M potassium nitrate plus 1,0 M potassium chloride as solvent. 

the equilibrium function are often needed for such solvents, and should be 
in closer agreement, for (he environment is constant, than they are in 
water as solvent, though perhaps decreavsing slightly with increasing con¬ 
centration of the halide ion, as postulated by Bronsted. 
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Carter (12) used 1.698 molar sodium sulfate as the neutral salt solvent 
to which sixteen different concentrations of sodium iodide were added, and 
then through solubility measurements calculated the values for Kc^- 
expression. From this data there have been computed the values for the 



O 1.69S M sodium sulfate as solvent (Carter). 

O 2.0 M j)otassium nitrate as solvent. 

G 2.0 M i)otassium chloride as solvent. 

• 2.0 M potassium nitrate plus 1.0 il/ potassium chloride as solvent. 
Ordinates on the left are for curves 2, 3, and 4; ordinates on the right for curve 1. 


ratio of /i. //i-. These values (fiRures 5 and 5a, ciirv’c 1) show a decichid 
downward drift with increasing eoncentration of added iodide ion. 

A solution of 2.0 molar potassium nitrate was preferred to one of sodium 
sulfate, as the solvent maintaining constant ionic environment for the 
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nitrate ion is known to have a salting-out effect 2.2 times smaller than the 
sulfate ion has. In neither case was it necessary to calculate the concen¬ 
tration of free iodine considering the salting-out effect of the sulfate ion 
or of the nitrate ion on iodine, for here ihe concentration of free iodine 
would not change the numerical value of the more important ratio of ci- 
toci^. Therefore, the per cent drift in the value for should Ix^ the 
same, alt hough t he numerical value would be altered slightly. The salting- 
out effect of the iodide ion on iodine was ignored. 

It is evident from table 6 (columns 5, 7, and 9) and curve 2 of figures 5 
and 5a that the values for the function and those for the ratio ’ 
fi- decrease very slightly with increasing concentration of added iodide 
ion. However, it must be pointed out that the values for the equilibrium 
expression, when 2.0 molar potassium nitrate is used as solvent, are more 

TARLE G 

Solubilitij of iodine in 2.0 molar potaasium nitrate to which four different concentrations 
of potassium iodide were addfd 

Kn - 0 (X)135 (2 0 molar potassium nitrate as standard state); Ka - 0.00140 (\vat(*r as 
reference state); all solubility values are multiplied by 10^ 






i 1 


HT\TES OK 

UEFERENCE 


KI ADDED 

,v 


q, 

1 1 

H,() 

2 0 M KSlh 





1 1 

1 1 

1 


-'I- 

< 1 . 1 

Ts 

niolar 

1 039 



1 " r 

1 1 

1 1 

1 27 


0 787 j 


0 001 

1 475 

1 039 

0 43() 

1 0 00134 

1 27 

1 215 

0 787 i 

0 799 

0 0025 

2 139 

1 039 

1 1 

; 0 00132 ; 

1 27 

1 20 

0 787 

0 771 

0 (X)5 

3 25f» 

' 1 039 

2 217 

1 0 00130 j 

1 27 

1 IS 

0 787 1 

0 70 5 

0 02 

9 945 1 

1 1 039 

11 09 

0 00129 ; 

1 27 

1 1 17 

j 

i 0 787 ! 

1 1 

0 75G 


nearly constant on varying the concentration of added iodide ion, than are 
the values when either water or 1.698 molar sodium sulfate is used as 
solvent. 

In their recent publication Kiss and IJrmanczy (5) made the tacit as¬ 
sumption that the triiodide equilibrium is the only one involved to account 
for the increase in the solubility of iodine on the addition of dilute solutions 
of iodide ion to neutral salts used as solvents, whereby the environment is 
stabilized. These authors used only one concentration of potassium iodide 
(0.025 M) added to the solvent salt, and consequently ignored the possi¬ 
bility that there might be a drift in the values for the function. 
Their value for the function is 0.00180 in 2.0 molar potassium nitrate 
as solvent. However, it is evident from the values obtained in the course 
of this investigation for the mass law expression, which decrease from 
0.00134 to 0.00129 as the concentration of added iodide ion increases from 
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0.001 to 0.01 molar, that their unproven assumptions, i.e., that the tri¬ 
iodide is the only important polyiodide and that the salting-out effect of the 
iodide ion on the iodine molecule may be discounted, are valid for solvents, 
like potassium nitrate, sodium sulfate, etc., which salts give no evidence 
of combining chemically with the iodine. 

Several authors (30) have assumed that regardless of the salt used as 
solvent to stabilize the environment, the value for the mass action function 
Kcj~ shall be invariant. Therefore, two different concentrations of 
potassium chloride were used as solvent, namely, 1.65 and 2.0 molar, to 
which three different concentrations of potassium iodide were added in 
each of which the solubility of iodine was determined. 

For each, the chloride-iodine complex and only the salting-out effect 
on the chloride ion on the iodine were considered, as suggested by Carter 
(4), but calculated according to the method of Kiss and Urnianczy (5). It 



Fig. 0 

• Present investigation. 

O Spivey and Dawson. 

is evident from figures 6 and 5 (curves 1 and 3, respectively), and tables 7 
and 9 (column 5) that these data are in contradiction to the current idea. The 
work of Spivey and Dawson (30), which appeared after the completion of 
the experimental work for potassium chloride as solvent here reported, sul>- 
stantiates these values for the mass action expression representing the tri¬ 
iodide equilibrium. Curve 2 of figure 6 records the data of Spivey and 
Dawson. 

It was for this solvent, namely, 1.65 molar potassium chloride, that 
Bronsted and Pedersen (1) gave an extrapolated value for the at 
25°C., called as 0.00611. 'Ihis value, correcting for the chloride- 
iodine complex and the salting-out effect of chloride ion on iodine, has been 
recalculated and found to be 0.00175, which agrees with the mean value of 
Spivey and Dawson (30) and that obtained by the present investigators. 

Spivey and Dawson (30) in their calculations used the value for the salt- 
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ing-out constant k for the chloride ion on iodine as determined by Carter 
(4), to calculate the concentration of free iodine,—a procedure, which as 
previously pointed out, is questionable. In table 8, columns 3, 6, and 4, 7 
show that this error is unimportant in this particular case. The more 
important factor in calculating the value for the Kc^ relationship is that 
the ratio of to Ci, shall be constant, and not whether the salting-out 
effect of the chloride ion on iodine has been correctly considered. The 


TABLE 7 

Solubility of iodine in 1.65 molar potassium chloride to which three different concentra¬ 
tions of potassium iodide were added 
A* — 0 162; Ka = 0.00168 (aolvent as reference state) 


HI ADDED 

1 

j j 

iS 1 « i 

i 

1 i 

I 

i 

AV,- 

1 

[ STATES OP . 

H,0 j 

REFERENCE 

[ 1 65 M KCl 

i h, 

hilh' 

hr 

h-lh- 

molar 




1 

1 





3.533 

1 012 


1 

1 30 


0 766 


0 01 

7 335 

1 012 

3.802 

0 00165 

1 30 

1 54 

0 766 

0 757 

0 05 

23 32 

1 012 

19 78 

0 00155 

1.30 

1 45 

0 766 

1 0 707 

0 1 

44 203 

1 012 

40.67 

0 00148 

1 1 30 

t 

1 37 

0.766 

i 0 675 

1 


TABLE 8 


Comparison of the values for the expression in a 1.65 molar potassium chloride 
solution as solvent (obtained by Spivey and Dawson) with those in table 7 
k *= 0.172 (Spivey and Dawson); k = 0.162 (table 7) 


The forracr^s values were recalculated using k = 0.162 


KI ADDED 

(TAUI.E 7) 

1 A « 0 172 

1 ^ 

A » 0 162 j, 

a I, 

(taulk 7) 

i A-- 0 172 

i Aq- 

i = 0 162 

mdar j 



I* 




0 01 

1 012 

0 994 

1012 |; 

0 00165 

0 00165 

0 00168 

0 05 

1 012 

0 994 

1 012 i! 

0 00155 

1 


0 056 

1 012 

0 994 

1 012 i. 


0 00155 

0 00157 

0 08 

1 012 

1 0 994 

1 012 

i 

0 00152 

0 00154 

0 1 

1 012 

0 994 

1 012 |j 

0 00148 * 




latter merely changes the numerical value of Kc^. and does not here make 
for constancy of results. Therefore, this decided drift in the value of the 
constant for the mass law^ equilibrium probably is due to a factor other than 
the salting-out effect of the chloride ion on iodine. 

There are three other possible reasons for the non-attainment of invariant 
values for the mass law expression representing the triiodide equilibrium 
in a chloride ion solvent. 
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(1) Probable failure of the Bronsted principle: If 2.0 molar potassium 
nitrate is a sufficiently concentrated solution to stabilize the environment, 
then the same should be true for 2.0 molar potassium chloride. To show 
that this failure to obtain constant values for the expression does 
not represent a failure, but rather a misinterpretation of the Bronsted 
principle, 2.0 molar potassium nitrate plus 1.0 molar potassium chloride 

TABLE 9 

Solubility of iodine in 2.0 molar potassium chloride to which three different concentra¬ 
tions of potassium iodide were added 

k « 0.162; Ka « 0.00140 (water as refereiire state); ATo = 0.0034 (2.0 molar potassium 
chloride as reference state); all solubilities are multiplied by 10^ 


KI ADDED 

s 

« 

'I,- 


STATES OF 

H,0 j 

REFERENCE 

1 2 0 3/ KCl 


hi/h' 

ht 

hJh- 

mofar 










3.829 

0 956 



1 37 


0 725 


0 001 

4 090 

0.956 

0 261 

0 00271 

1 37 

2.67 

0 725 

0.576 

0.0025 

4 638 

0 956 

0 809 

0 00200 

1.37 

1 97 

0 725 

0.425 

0 005 

5 560 

0.956 

1 731 

0 00181 

1.37 

1.78 

0.725 

0.389 


TABLE 10 

Solubility of iodine in 2.0 molar potassiu7n nitrate plus 1.0 molar jmtassium chloride to 
which three different concentrations of potassium iodide were added 
k « 0.162; Ka ® 0.00184 (solvent as reference state); - 0.00140 (water as reference 
state); all solubilities arc multiplied by lO”* 


K1 ADDED 

& 

8 

‘'If 

A-.J- 

STATES OF 

1 

REFERENCE 

[ fSolvent 

hi 

hJh- 

hi 

hi/h- 

molar X 10» 










2 285 

0 882 



1.50 


0 668 


1 0 

2 632 

0 882 

0 3467 

0 00166 

1 50 

1.77 

0 668 

0.603 

2 5 

3.212 

0.882 

0 9274 

0 00150 

1 50 

1 (K) 

0.t)68 

0.545 

6 956 

4.963 

0.882 

2 678 

0,00141 ! 

1.50 

1 51 

0 668 

0.512 


was selected as solvent. In this solvent the values for the mass law expres¬ 
sion and the ratio of the activity coefficients of the triiodide ion to the iodide 
ion follow the same drift, but to a less extent than they did in 2.0 molar 
potassium chloride solvent (figures 5 and 5a, curves 4 and 3). Table 10 
cites the afore-mentioned values for this mixed solvent. Equivalent con¬ 
centrations of potassium iodide were added. This indicates that the 
Bronsted principle must be carefully interpreted, i.e., a salt employed 
as solvent must be chemically inert with respect to the other solutes. 
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(2) Formation of higher polyiodides. Heretofore this served as the 
answer. Similarly, Spivey and Dawson (30) ascribed this marked decrease 
in the values of the function to the forp^ation of small quantities of J g 
ion. The values for the function in solvents, potassium nitrate and 
sodium sulfate, show that the amount of 17 ion formed depended only 
upon the concentration of added iodide ion. Should one not then expect 
that the amount of Ig ion formed for a definite concentration of added 
iodide ion be independent of the salt used as solvent? But this is not true. 
From the summary of the concentrations of the triiodide ion formed on 
the addition of equivalent amounts of iodide ion in the three solvents, 

TABLE 11 


Comparison chart 

2 0 molar potassium nitrate as solvent 


nnKD HALIDE 






>^U 

molar 







0 05 

0 000083 



0 6321 



0 025 


0 00034 



0 0752 


0 001 



0 000430 



0 00134 

0 05 


0 000686 



0 0742 


0 5 

0 000769 



0 6244 



0 (X)25 



0.0011 



0 00132 

1 0 

0 001403 


j 

0 6299 

! I 

1 

j 

0 1079 


0 001480 



1 0 0732 ; 


0 (X)5 



0 002217 

1 

1 i 

1 1 

0 00130 

0 2 


0 002753 



0 0722 


0 5 


0 000775 1 


i 

j 0 0701 


0 02 


! 

0 008907 1 

1 

1 

1 1 
1 i 

0 00129 

1 0 


0 01310 ! 

i 

1 

1 0 0670 1 

1 1 


Ka Vflluc.s 



j 

0 028 1 

0 0759 1 

0 00135 


as presented in figure 7, it is evident: first, that the concentration of 
the triiodide ion formed decreases markedly with increasing molarity of 
added potassium chloride; secondly, that when potassium nitrate is pres¬ 
ent as solvent the values for the function are more nearly con¬ 
stant; and third, that whenever potassium chloride is present in the 
solvent the drift in the Key expression follows the same course (figure 5). 
Therefore, it is necessary to consider another hypothesis as an explanation 
for this drift in the 'S'alues of the mass law expression representing the 
triiodide equilibrium in the presence of potassium chloride. 

(3) Salting-out of ions on ions. It is evident from figure 7 that as the 
chloride ion concentration is increased, the amount of the triiodide ion 
formed on the addition of equivalent molarities of potassium iodide is 
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markedly decreased. The chloride ion or the chloride-iodine^ion complex 
must have exercised a salting-out effect on the iodide ion whereby the con¬ 
centration of the triiodide ion would be lessened. Unfortunately there is 
at the present time no adequate method (31) of calculating the salting- 
out effect of ions on ions. It must be sufficient to state that the salting- 
out effects of the chloride ion and the nitrate ion on the iodide ion are dif¬ 
ferent, the effect of the latter being small in comparison with the chlo¬ 
ride ion. 



x10^ 

Fig. 7 


• 2.0 M potassium chloride as solvent. 

A 2.0 M potassium nitrate jdus 1.0 M potassium chloride as solvent. 

O 2.0 M potassium nitrate as solvent. 

Therefore, the non-attainment of constant values for the Kc^- expres¬ 
sion in a soh'ent of constant but high chloride ion content appears to be 
due to a large salting-out effect of the chloride ion or of the chloride-iodine 
ion complex or of both on the iodide ion and not (a) to the changing envi¬ 
ronment produced by the addition of small concentrations of potassium 
iodide to the salt solvent, or (b) to the incorrect values for the salting-out 
constant for the chloride ion on the neutral molecule, iodine. Thus the 
concentration of the triiodide ion is small as compared with its value if the 
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chloride ion exercises no salting-out effect on the iodide ion, and therefore 
the values for the mass action function representing the triiodide equi¬ 
librium in a chloride ion solvent here reported are high. 

However, it is just possible that if one reads into the assertion made by 
C-arter and Hoskins (4), the thought that the mutual salting-out effect 
of ions on ions must be considered, then constant values for the mass law 
expression representing the triiodide equilibrium may be obtained, regard¬ 
less of the salt employed as solvent maintaining a constant ionic en¬ 
vironment. 


IV. SUMMARY 

1. The solubility of iodine at 25°C. in water at a pH of 5, to prevent hy¬ 
drolysis, has been established as 0.001321 ±2 X 10“® moles per liter of 
solution. 

2. The values for the mass action expressions for the three ecpiilibria: 


fuNbTVNTh KOH THE EQl HIURM IN 


Egt IITI'KTA 

H 2 O 

j > M KNOs 

cii, -fcr 

1 0 (i2!l 

1 0 (i2S 

nn..- -• I, + Hr- I 

0 0820-‘ 

0 0759 

ir .-I..+ i 1 

1 

1 0 0()140 

0 tK)135 


are more nearly constant with changing halide conceiiTration in the pres¬ 
ence of 2 M potassium nitrate than in water. Potassium nitrate gives no 
evidence of combining chemically with iodine and is used to maintain con¬ 
stant ionic environment. 

3. Values for the expression for deviate considerably from the 
/v„j value in a potassium chloride solution, a salt which maintains a 
constant ionic environment but reacts chemically with iodine. This indi¬ 
cates that the assertion made by Carter and Hoskins is neither correct nor 
complete. 

4. In a solvent containing potassium chloride, to which small amounts 
of potassium iodide were added, the values for the expression for are 
more nearly constant in the presence of potassium nitrate than in its 
absence. 

^ Bell and Buckley (32) determined the solubility of iodine in solutions of potas¬ 
sium and sodium bromides, but did not attempt a quantitative interpretation. The 
values for the mass action function have been calculated and the value for Ka for 
potassium bromide has been found by extrapolation. The latter value is incorpo¬ 
rated in the summary. 
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liquid wat or is recof^nized as being more or less polymerized (7), but very 
little use is made of this except to account for the t emperature of maximum 
density of water and for its not boiling at 80-193°K. as calculated by van't 
Hoff, Walden, Tamrnann, and Bidgwick. In many thermodynamical 
reasonings the assumption is made tacitly that the degree of polymerization 
does not change. Very few people are interested in the probabilitj^ of the 
different forms of liquid water having different properties. This is the 
more remarkable because we are quite used to marked changes with 
different rnetamers and polymers. 

We have red NO** and colorless soluble and insoluble sulfur; 

anthracene and dianthracene; red phosphorus and white phosphorus; 
diamond and graphite; cyanic acid, cyanuric acid, and cyarnelid; acetalde¬ 
hyde and f)araldehyde; oxygen and ozone; ordinary and nascent hydrogen, 
oxygen, and nitrogen. The end and keto forms can be distinguished. 
Polymerized alcohol peptizes pyroxylin while depolymerized alcohol does 
not. 'rhe two forms of chromic chloride and of benzjildoxime each lower 
the melting point of the other. I'he dielectric constant of solid nitroben¬ 
zene I is nearly four times that of solid nitrobenzene II. 

The lyotropic or Hofmeister series of chloride, bromide, and iodide is 
found to hold both for true solutions and for colloidal solutions. In the 
case of true solutions the series holds for reaction velocity experiments 
(neutral salt effect), electromotive forces, boiling points, and displace¬ 
ments of the temperature of maximum density. Sodium chloride increases 
the dissociation constant (18) of carbonic acid one thousandfold. Sodium 
chloride increases the apparent strength of boric acid (IG). The apparent 
molecular weights of sodium chloriile, bromide, and iodide vary in that 
order. The potential difference between hj’^drogen and hydrochloric acid 
differs from that between hydrogen and hydrobromic acid (2G). Richards 
and Rowe (19) found that the heats of neutralization of caustic soda and 
caustic potash decrease as the neutralizing acid changes from hydrochloric 
acid to hydrobromic acid and then to hydriodic acid. The solubility of 
gases in salt solutions, the heat capacity of w’ater, the displacement of the 
temperature of maximum tlensity of water, and the quenching of fluores¬ 
cence in certain solutions by salts show the same general phenomenon. 
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The Hofmeister series holds in colloidal solutions for the peptization 
and precipitation of proteins, cellulose, and many other colloids. We do 
not at present consider adsorption as occurring in true solutions, though the 
conception of a water sheath on ions is practically adsorption. So long as 
we adopt the ordinary point of view, adsorption is not a necessary cause of 
the Hofmeister series. The Hofmeister series cannot be due to electro¬ 
static effects because nitrates are very different from chlorides and bro¬ 
mides, though coming between them in molecular weights. It cannot be due 
to hydrated or hydrous ions because the boiling points are more abnormal 
than the freezing points and also because on that hypothesis hydrous or 
hydrated iodides should raise the setting points of gelatin jellies and should 
increase the rate of saponification of esters. The neutral salt effect cannot 
be due to an increased dissociation of the acid, because it is easy to get 
effects corresponding to many times 100 per cent dissociation. Many 
people have suggested an increased dissociation of water, but no one has 
maintained it seriously for any length of time. Sodium chloride alone does 
not invert sugar solution at an appreciable rate. Sodium chloride, bro¬ 
mide, and iodide decrease the rate of saponification of methyl acetate. 

The only thing that is left is that the Hofmeister series is due in part to 
a change in the degree of polymerization of water (1). For the cases in 
which one can eliminate adsorption, the neutral salt effect is due exclusively 
to a change in the water equilibrium. For other cases selective adsorption 
may play the important part. With gelatin the order of effectiveness of the 
anions is the same on both sides of the isoelectric point and the amounts of 
chloride or iodide adsorbed are so small that nobody has ever measured 
them in aqueous solutions. With gelatin the change in the water equilib¬ 
rium is the important one, and the effect due to adsorption of the anion 
is practically negligible for chlorides, bromides, and iodides, though it does 
exist. With albumin the order of the effectiveness of the anions reverses 
as one changes from acid to alkaline solutions. Here the adsorption is the 
important factor and the displacement of the water equilibrium is of much 
less importance. Gelatin and albumin may be taken as representing the 
two extremes. Hofmeister (11) deduced the Hofmeister series from ex¬ 
periments on proteins. 

Since adsorption is selective, the order of the anions will not necessarily 
be the same in all cases and colloid chemists know that the Hofmeister 
series varies somewhat with different adsorbents, nitrate jumping around 
in an especially disturbing way. It has not yet been shown that all these 
cases are due to differences in selective adsorption, but that will come in 
time. We have already proved it for the two cases that we have studied. 
The boiling point curve for sodium thiocyanate is more nearly normal than 
that for sodium iodide, whereas sodium thiocyanate peptizes gelatin more 
strongly than does sodium iodide. By using 80 per cent and 95 per cent 
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alcohol it was possible to show that sodium thiocyanate is adsorbed more 
strongly than sodium iodide. A similar explanation holds for sodium 
nitrate and sodium chloride. ''Fhe nitrate has the more normal boiling 
point curve, peptizes gelatin a little better, and is adsorbed by gelatin more 
strongly. 

I'hc usual order of the anions in the Hofmeister scries when adsorption 
is negligible is I~, SCN“, Br~, NO,r, Cl“, S() 4 '"“. When selective adsorp¬ 
tion occurs, a common order is SCN”, I~, Br , NOs", Cl“, SO 4 —. 

We have introduced a set of arbitrary assumptions for the effects of these 
six ions on water. This will make the discussion more definite and vshould 
be helpful. 

1 . Under ordinary conditions liquid water may be considered as essen¬ 
tially a mixture of trihydrol (or polyhydrols), dihydrol, and monohydrol 
coexisting in reversible equilibrium. 

2 . Chloride, bromide, thiocyanate, and iodide ions tend to change dihy¬ 
drol into monohydrol and have no especial effect on trihydrol beyond that 
which is a necessary consequence of the displacement of the equilibrium 
between dihydrol and monohydrol. The order of increasing effectiveness 
is chloride, bromide, thiocyanate, and iodide. 

3. The nitrate ion tends to convert trihydrol into dihydrol, and dihydrol 
into monohydrol. For equivalent concentrations the amount of mono¬ 
hydrol is less with nitrate ion than with chloride ion. 

4. The sulfate ion tends to convert trihydrol and monohydrol into 
dihydrol. 

5. The electrolytic solution pressure of hydrogen is greater in dihydrol 
than in monohydrol, and that of oxj^gen is less. 

Many years ago Kahlenberg (14) showed that potassium iodide gave a 
greater rise of boiling point than potassium bromide, and potassium brom¬ 
ide a greater rise than potassium chloride. He also showed that these 
results were distinctly more abnormal than those with potassium nitrate. 
We have confirmed and extended his results. The experiments were made 
at 760 mm. with the arrangement of the Davis-Brandt apparatus ( 8 ), 
which permits working at constant pressure irrespective of fluctuations in 
barometric pressure. The data obtained with this apparatus are given in 
table 1 . The concentration of the solutions is expressed in moles of the 
solute per kilogram of water. By plotting molal concentrations against 
rise of boiling points, we eliminate all question of the applicability of any 
particular formula. One reason why Kahlenberg's results were ignored 
was because he calculated molecular weights and people said that the 
formula did not hold for such concentrations. The solutions of sodium 
chloride, sodium bromide, sodium iodide, and sodium thiocyanate were 
titrated with standard silver nitrate solution, using potassium chromate 
as an indicator. The solutions of sodium nitrate were analyzed gas- 
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volumetrically with a Dennis nitrometer. The sodium sulfate solutions 
were determined by precipitating and weighing as barium sulfate. 

TABT.E 1 


Boiling point data at 760 7nm. 


SALT 

MOl E8 PEIl 
KILOOKAM Ol' 

WATEU 

niHE OP 
KOILINti POINT 

MOILING POINT 
JUSlfi PER MOLE 



dcyit’fs (J 

degrees C. 


4 404 

5 10 

1 17 


2 070 

2 04 

0 985 

NaCl. 

1 45fi 

1 38 

0 948 


0 m 

0 79 

0 888 


0 382 

0 34 

0 895 


3 896 

4 73 

1 21 

NaBr .... ^ 

1 932 

2 01 

1 04 


0 f)87 

0 03 

0 918 

1 

0 272 

0 28 

0 954 


3 875 

5 15 

1 33 


2 398 

2 73 

1 14 

Nal. . . 

2 043 

2 21 

1 08 

1 910 

2 04 

1 C7 


1 010 

1 01 

1 00 


0 588 

0 55 

0 935 


4 04 

3 65 

0 903 


3 01 

2 70 

0 897 

NaN03. 

1 81 

1 09 

0 935 


0 920 

0 85 

0 918 


0 547 

0 53 

0 970 

( 

4 28 

5 25 

1 22 

1 

3 01 

3 38 

1 12 

NaSCN. 

1 96 

2 07 

1.06 


0 93 

0 92 

0 980 


0 75 

0 73 

0 974 


2 70 

2 55 

0 945 


2 09 

1 99 

0 952 

Na2S04. . 1 

1 37 

1 34 

1 01 


0 892 

0 90 

1.01 


0 476 

0.50 

1 05 


0 232 

0.20 

1 12 


In dilute solutions the results for all salts fall practically on the same 
line, as they should. In more concentrated solutions the curves diverge. 
These results do not check those of Johnston (13) for the sodium bromide 
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solutions. His error is probably due to superheating-, giving; too high a 
boiling point. 

There is a very real difference between such similar salts as sodium 
chloride and sodium iodide. At about 4 molal the rise of boiling point 
for sodium chloride is about 85 per cent of that for sodium iodide. 4'his 
is a difference of about ().7°(\, which is far beyond the estimated experi¬ 
mental error of 0.()2)°C'. There cannot 1)6 any such difference in dissocia¬ 
tion. The difference cannot lie due to adsorption in the ordinary sense of 
the word, because the salts are in true solution. Kven at 8 normal the 
difference between sodium iodide and sodium nitrate is about I'^C. 

Sidgwdek and lOwbank (22) deduce from freezing point data that the 
lowering of the freezing point varies with the hydration of the ions. A 
similar conclusion has been drawn by Fajans and Karagunis (9). The 
difficulty w’ith this is that in general the boiling points are more abnormal 
than the freezing points, whereas the degree of h^Tlration must be greater 
at 0° than at 10(F(\, because the formation of hytlrates is an exothermal 
process. 

Arbitrary assumption Xo. 2 was based on the boiling point data. Io¬ 
dides have the highest boiling points and then cornc thiocyanates, bromides, 
and chlorides, ddie differences between sodium thiocyanate and sodium 
bromide are very small. If iodides are the most effective m converting 
dihydrol into rnonohydrol, they are more soluble in monohydrol than in 
dihydrol and are conse(]uently lowering the vapor pressure of the more 
volatile constituent. Therefore the rise of boiling point is almormally 
large. 

The temperature of maximum density of water is lowered by most salts. 
That means that these salts depolymerize water to some extent, thereby 
making it necessary to cool more before the expansion due to increased 
polymerization overbalances the contraction due to temperature contrac¬ 
tion. On this basis iodide shruild have more effect than l>romide and 
bromide more effect than chloride. This is the cast*. I'nfortunately 
nitrate is more effective than iodide anti sulfate more so than nitrate. 
Arbitrary assumptions Nos. 8 and 4 take care of the apparent exceptions. 

Arbitrary assumption Xo, 5 is made to account for the apparent increase 
in concentration of hydrogen ion on addition of sodium chloride, bromide, 
or iodide to a solution of an acid. Tliere can be no such change in concen¬ 
tration as there appears to be, and consetiuently the observed change in 
electromotive force must be due to a change in the so-called solution 
pressure. It would be much better if people would evaluate singly as 
many of the disturbing factors as possible instead of lumping them all under 
the purely formal term of activity. 

As has been stated, the boiling points for sodium iodide are more abnor¬ 
mal than those for sodium thiocyanate, and the boiling points for sodium 
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chloride are more abnormal than those for sodium nitrate. On the other 
hand, sodium thiocyanate is a better peptizing agent for gelatin than 
sodium iodide, and sodium nitrate than sodium chloride. It was there¬ 
fore necessary to show that gelatin adsorbs thiocyanate somewhat more 
strongly than sodium iodide, and sodium nitrate more strongly than 
sodium chloride. Previous experiments at Cornell and elsewhere had 
shown the practical impossibility of getting the necessary data with water 
as solvent. The experiments were therefore made in alcoholic solutions 
in which the peptization of gelatin and the adsorption of alcohol by gelatin 
are practically negligible. 


TABLE 2 


Adsorption hy gelatin 


SALT 1 

SOLVENT 

MOLES PEll LITEU 

IN SOLUTION 

MILLIMOLES 
AnSOKBEI) PEU 
GUAM OF GELATIN 

NaSCN 

95 per cent alcohol 

0 0592 

0 171 



0 040 

0 123 



0 0173 

0 059 



0 0059 

0 020 

Nal 

95 per cent alcohol 

0 0805 

0 193 



0 0504 

0 139 



0 0240 

0 063 



0 0086 

0 030 

NaCl 

80 pci cent alcohol 

0 0554 

0 291 



0 0410 

0 215 



0 0236 

0.115 



0 0060 

0 023 

NaNOs 

80 per cent alcohol 

0 0558 

0 303 



0.0385 

0.212 



0.0225 

0.121 



0 0058 

0 028 


Three grams of hlastman’s de-ashed gelatin was used as obtained, adding 
35 cc. of the alcoholic solutions. Sodium thiocyanate and sodium iodide 
were dissolved in 95 per cent alcohol; since sodium nitrate and sodium 
chloride are less soluble, 80 per cent alcohol was used for them. Trial 
runs showed that it was necessary to wait thirty-six hours in order to be 
sure of reaching equilibrium. At the end of that time 25 cc. of the super¬ 
natant liquid was titrated with a known silver nitrate solution, using 
potassium chromate as indicator. The data are given in table 2. 

The results show that sodium thiocyanate is adsorbed more strongly by 
gelatin than sodium iodide is, and that sodium nitrate is adsorbed more 
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strongly than sodium chloride. There is therefore no necessary reason 
why the order of peptization should be identical with the order of boiling 
points. 

Bowe (5) has used the theory of the water equilibrium to explain the 
neutral salt effect. If neutral salts cause a shift in the water equilibrium, 
we then have different solvents in which solubilities, reaction velocities, 
and degrees of ionization may be different from those in the original solvent. 
He showed that the equation for the electromotive forces postulates the 
constancy of the solution pressure of hydrogen. This is not true experi¬ 
mentally for hydrochloric acid, hydrobromic acid, and hydriodic acid. 

Bowe showed that the addition of sodium chloride, sodium bromide, 
and sodium iodide to 0.1 hydrochloric acid increased the apparent con¬ 
centration of hydrogen ion in each case, the increase being greatest for 
sodium iodide and least for sodium chloride. Making the solution 4 nor¬ 
mal with respect to sodium iodide increased the apparent concentration 
of hydrogen ion tenfold. To account for the facts w^e postulate that the 
solution pressure of hydrogen is less in rnonohydrol than in dihydrol. All 
determinations of hydrogen-ion concentration in halide solutions are there¬ 
fore in error to some extent. Since all determinations of pH in biological 
systems are made in the presence of chlorides, all these determinations are 
in error to some extent, unless some other unsuspected error counteracted 
the first one. 

These experiments suggested an even more striking one. The cell 
H 2 1 H(d 1 KCl Hg 2 Cl 2 1 Hg should have a higher electromotive force than 
the cell Ho | IIBr | KCl HgoCb 1 Hg, provided the molal concentrations of 
hydrochloric acid and hydrobromic acid are the same. The corresponding 
cell with hydriodic acid should have the lowest electromotive force of the 
three. 

The electromotive forces of these three cells were measured, using a 
saturated calomel half-cell. After the electromotive forces had been 
determined, the solutions were analyzed volumetrically by titration with 
silver nitrate, using potassium chromate as indicator. It was not possible 
to run up to high concentrations of hydriodic acid, because under ordinary 
conditions iodine is set free and poisons the electrode. The results are 
given in table 3. 

With strong acids of the same type, such as these, the percentage 
dissociation should not differ appreciably. The migration velocities are 
practically identical. At 8 normal concentration the difference between 
hydrochloric acid and hydrobromic acid is about 40 millivolts, which is far 
beyond the experimental error and which must therefore be due to a differ¬ 
ence in solution pressure. These results agree with those of Wilke and 
Schr&nkler (26), who measured the cell H 2 1 HCl | HX | H^. 
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From a consideration of the boiling points of salt solutions and from the 
displacement of the water equilibrium by salts, we deduced (arbitrary 
assumption No. 4) that the sulfate ion tends to convert trihydrol and mono- 
hydrol into dihydrol. In this reaction heat is evolved, which accounts 
for the fact that the solubility curve for anhydrous sodium sulfate shows a 
decreasing solubility with rising temperature along the first part of this 
curve. The heat of formation of sodium sulfate decahydrate is sufficient 
to change the sign of the heat of solution, and consequently this salt shows 
an increasing solubility with rising temperature. At higher temperatures 
the effect of sodium sulfate in displacing the water equilibrium will proba¬ 
bly become less, and therefore there may come a temperature at which this 
heat effect will just equal the algebraic sum of the heat of fusion plus the 
heat of dilution not due to displacement of the water equilibrium. At this 
temperature anhydrous sodium sulfate will have a minimum solubility. 
Experimentally the solubility curve for anhydrous sodium sulfate does 


TABLE 3 
Electromotive forces 
H, 1 HX I KCl, I Hg 


ACID 

NOR¬ 

MALITY 

£ M F 

ACID 

NOR¬ 

MALITY 

E M F 



1 148 

0 237 



1 09 

0 233 



2 900 

0 215 



2 06 

0 212 

HCl.j 


4 636 

0 197 



2 76 

0 202 



6 415 

0 181 

HBr. . i 


6 08 

0 153 

i 


8 136 

0 162 



6 66 

0 142 

HI. 1 

f 

0 800 

0 240 



6 91 

0 140 

1 

1 

1 430 

0 217 



8 72 

0 110 


have a minimum in it. With the exception of potassium and rubidium 
sulfates, most sulfates do show a minimum solubility at some temperature. 

For the present, we offer no explanation of the fact that calcium hydrox¬ 
ide shows a decreasing solubility with rising temperature. 

The data in the literature on the solubility of gases in aqueous salt solu¬ 
tions are incomplete for most gases, but sulfur dioxide will serve as an 
example. The solubility is given in table 4 in terms of the Bunsen absorp¬ 
tion coeflacient, which is the volume of gas at O^C. and 760 mm. that is 
dissolved in one volume of water when the partial pressure of the gas is 
760 mm. The temperature is 2.5°C. and the salt concentration is 0.5 molar. 

We see here the clearly defined series: S 04 “, NOs', 01“, Br~, SCN-, 
I“, sulfate ion decreasing and iodide ion increasing the solubility of the gas. 
With regard to the water equilibrium we can see that an increased solubility 
will result if the gas and the salt tend to shift the equilibrium in the same 
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direction, whereas the gas will be less soluble in water if the effects of the 
gas and the salt arc opposed. It is not claimed that the displacement of the 
water equilibrium is the sole factor determining the change of solubility of 
a gas on adding salt. The solubility or insolubility of the salt in the lique¬ 
fied gas and the solubility or insolubility of the gas in the liquefied salt are 
very real factors which are not being discussed in this article. 

Since potassium iodide depolymerizes water and increases the solubility 
of sulfur dioxide, we conclude that sulfur dioxide depolymerizes water to 
some extent, provided we are justified in ignoring all the other factors. 
Since potassium sulfate increases the polymerization of water, we should 
expect it to decrease the solubility of the gas in water and this actually 
happens. For the other gases the agreement is fairly good, although the 
solubility in nitrate solutions seems out of line occasionally. 

Bancroft and Butler (2) have shown that the solubility of succinic acid 
in binary mixtures of methyl, ethyl, and propyl alcohols is very nearly a 


TABLE 4 

Solubility of sulfur dioxide in salt solutiojis at 


fiOLVENT 

coEPririEXT 

SOLVEXT 

fOEPFICIENT 

Water . 

32 70 

KeSO. 

30 42 

NasSOi . .. 

29 28 

KN()3 

30 97 

NaCL. .1 

29 74 

KCl 

31 53 

NaBr . 

30 93 

KBr 

32 97 

NaSCN.1 

32 47 

K8CN 

34 42 



KI ... 

35 42 


straight line function of the composition of the alcohol mixture. This 
shows that any change in polymerization of the alcohols has little or no 
effect. In mixtures of water with any one of these alcohols there is a 
maximum solubility, which cannot be due entirely to compound formation, 
because the position of the maximum is displaced sideways with changing 
temperature. Assuming that the effect of the alcohol is additive, it is 
possible to calculate the apparent solvent action of water in any mixture. 
It was found that the water was more effective in dilute solutions. From 
this it seems to follow that succinic acid is much more soluble in depoly- 
merized water than in polymerized water. The only objection to this is 
that, if so, the rise of boiling point for succinic acid solutions should be 
abnormally large, just as it is for potassium iodide solutions. This proved 
not to be the case and no explanation of this discrepancy is forthcoming at 
present. 

In recent papers Barnes (4) describes experiments designed to measure 
the physiological effect of trihydrol in water. By freezing and melting, a 
water was obtained which increased the rate of growth and multiplication 
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of spirogyra to nine times the value observed in distilled water. The 
explanation offered is a displacement of the water equilibrium, with tri- 
hydrol promoting growth. We should of course like to believe this, but 
the evidence is unsatisfactory as yet. If this explanation is true, it means 
that equilibrium is reached slowly, in which case water would be a sub¬ 
stance with a variable freezing point like acetaldoxime and benzaldoxime. 
Until Barnes can show that this happens, his conclusion should not be 
accepted by chemists. A possible explanation would be an increase in 
the relative amount of ^‘heavy water.’' That might have a physiological 
effect, but in previous experiments the ^‘heavy water” has been unfavorable 
to growth. An unsuspected impurity in the melted ice or in the distilled 
water is the most probable explanation. 

Urban (25) has shown that the Hofmeister series holds for the variation 
of the heat capacity of water caused by the ions in a solution. All salts 
lower the heat capacity compared with the value for pure water. Iodides 
lower it least and tartrates most. Urban implies that the heat capacity 
will be lowered if a salt depolymerizes water, and he therefore concludes 
that tartrates depolymerize water the most and iodides the least, which is 
the reverse of what we postulate. A possible flaw in Urban’s reasoning is 
his assumption as to the relative heat capacities of polymerized and de- 
polymerized water. If a salt increases the relative concentration of tri- 
hydrol and if trihydrol has a lower specific heat than dihydrol, we might 
expect polymerization to lead to a lowering of the specific heat. 

Sutherland (21) was bold enough to calculate the specific heats of tri¬ 
hydrol and dihydrol. While his method is not perfect, the best guess that 
he could make for the specific heats at 0®C. was 0.6 calorie for trihydrol and 
0.8 calorie for dihydrol. Therefore polymerization does lead to a lower 
specific heat than depolymerization, and iodides depolymerize water more 
than tartrates do. 

It is worth noting that Urban places the thiocyanate ion between the 
bromide ion and the iodide ion, just as our boiling point experiments do. 

In a paper on the heats of neutralization of strong acids by strong bases, 
Richards and Rowe (20) point out that hydrobromic acid gives a higher 
heat of neutralization than hydriodic acid with lithium, sodium, or potas¬ 
sium hydroxide. Some data are given in table 5. The difference between 
hydrobromic acid and hydriodic acid with potassium hydroxide is 70 
calories as against an experimental error of only 10 calories, so the difference 
is a real one. With sodium hydroxide the order of acids in decreasing 
heats of neutralization is hydrochloric, hydrobromic, nitric, and hydriodic. 
With potassium hydroxide the order is nitric, hydrochloric, hydrobromic, 
and hydriodic acid. The results are consistent for chlorides, bromides, 
and iodides. We do not know why sodium nitrate is out of line. 

Everyone agrees that the polymerization of water increases with falling 
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temperature and that the reaction is therefore exothermal. The formation 
of water from hydrogen and hydroxyl ions is also exothermal. We can 
predict therefore that neutralization accompanied by polymerization will 
give an apparently high heat of neutralization, while the heat of neutraliza¬ 
tion will be smaller the less the polymerization. Thus we see that hydri- 
odic acid should have a smaller heat of neutralization than hydrobromic 
acid, and hydrobromic acid a smaller one than hydrochloric acid, which is 
what Richards and Rowe found. 

Another occurrence of the Hofmeister series for true solutions is the 
quenching of the fluorescence of various dyes by addition of salts. Jette 
and West (12) found that the fluorescence of aqueous solutions of quinine 
bisulfate, the sodium salt of fluorescein, and uranyl sulfate is extinguished 
by anions in the order: I~", SCN-, Br^, Cl"“, NOa”, the iodide ion being the 
most effective and the nitrate the least. They say that “the order in which 
ions suppress the fluorescence of the substances discussed in this report is 


TABLE 5 

Heats of neutralization at 20°C. 

HX IOOH 2 O + MOH lOOHsO MX-201H2O 



KOH 

NaOH 

DIFFSRSNCB 

HN 03 

14086 

13837 

249 

HCl 

14014 

13895 

119 

HBr . 

13988 

13843 

145 

HI • 

13915 

13780 

1 

135 


very similar to the well-known lyotropic series of ions [Hofmeister series] 
which appear in many diverse fields of physical chemistry. . . . The 
parallelism between the lyotropic series as usually found and that observed 
in fluorescence is, however, not exact. Thiocyanate in the lyotropic series 
usually comes beyond iodide, while we have consistently found its effect on 
fluorescence to be between that of bromide and iodide; and nitrate, which 
occurs in the lyotropic series between bromide and iodide, is in ours at the 
opposite end of the series from iodide. As we shall indicate, we believe 
these differences to be significant. 

“In 1913 Heydweiller (10) pointed out that the order of the optical 
dispersions of negative ions for visible light was parallel to that of their 
precipitating power in colloid chemistry, except that thiocyanate^ instead of 
being beyond iodidej was intermediate between bromide and iodide. 

Since thiocyanate ion belongs properly between bromide and iodide, 
and since it only comes beyond iodide when there is abnormal absorption, 
the objection raised by Jette and West is not sound. It seems to us that 
the quenching of the fluorescence may be due to the shift in the water 
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equilibrium produced by the ions. On this basis it would seem either that 
trihydrol was necessary for fluorescence in aqueous solution or that mono- 
hydrol acts against fluorescence. Iodide should therefore be most effective 
in extinguishing fluorescence, as it actually is. On the other hand, ethyl 
alcohol increases the trihydrol concentration, as is shown by the fact that 
in dilute solutions ethyl alcohol raises the temperature of maximum density 
of water (15) and therefore increases fluorescence. 

This can be shown so as to prove two points. A moderately concen¬ 
trated solution of fluorescein does not fluoresce, and some physicists have 
postulated that the high concentration of ions changed the absorption of 
the solution so that the fluorescent light is absorbed. No independent 
proof was ever given for this. If one takes a sufficiently concentrated 
solution of fluorescein and dilutes one half with a suitable volume of water 
and the other half with an equal volume of alcohol, the alcohol solution will 
fluoresce and the water solution will not. The concentration of ions has 
nothing necessarily to do with the phenomenon. The fluorescein concen¬ 
tration was 0.108 N in both cases and the alcohol concentration was 7 per 
cent. 

West and Jette ascribe the occurrence of the Hofmeister series to the 
deformability of the ions; Ranow (3) attributes it to hydration of ions; 
Perrin (17) accounts for the quenching of fluorescence on the basis of 
‘^collisions of the second kind^’; while Buchner, Voet, and Bruins (6) 
believe that the Hofmeister series is related in some way to the ionic radius. 

Tammann and Diekmann (23) consider that the effect of neutral salts on 
the electromotive force of the hydrogen electrode is due to a change in the 
chemical potential of the hydrogen ion and to a change in the internal 
pressure of the liquid. They show that a change in the salt concentration 
produces a change in the internal pressure. 

These different explanations are incomplete but not necessarily incom¬ 
patible. Tammann is ascribing the neutral salt effect in great part to a 
change in the solvent. A displacement of the w^ater equilibrium would 
necessarily change the internal pressure. Of course it is not claimed that 
the change in internal pressure is due exclusively to a displacement of the 
water equilibrium. Wliat is assumed to be the deformability of the ions 
or a hydration of the ions may perfectly well be in whole or in part a false 
interpretation of the phenomena accompanying the displacement of the 
water equilibrium. “Collisions of the second kind” is merely a phrase. 

There is a great deal of work to be done in correlating the change of 
different properties with the displacement of the water equilibrium. For 
instance, Tammann and Rabe (24) show that, for the change of viscosity 
of salt solutions with the pressure, we get the order: nitrate, chloride, 
bromide, and iodide, the nitrate solution having the highest viscosity and 
the iodide the least. This apparently means that depolymerized water 
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has a lower viscosity than polymerized water. This is in accord with the 
behavior of pure water. At 0°C. pressures up to about 1000 kjz;. per square 
centimeter cause a decrease in the viscosity, because the displacement to 
the form having the smaller volume and the lower viscosity overbalances 
the normal increase in viscosity due to the increased pressure. At higher 
pressures the second factor predominates and Ihe pressure-viscosity curve 
shows a minimum. At 75°C. the displacement of the water equilibrium is 
relatively so unimportant that no minimum shows on the curve as repro¬ 
duced by Tamrnann and Rabe. 


SI'MMARY 

1. The Hotmeisler series holds in one form or another both for true 
solutions and for colloidal solutions. It must be dependent at least in part 
on changes in the solvent. 

2. When adsorption can be excluded, the order of anions is usually sul¬ 
fate, nitrate, chloride, bromide, thiocyanate, and iodide. 

3. ^\^len selective adsorption comes in, the order of the anions may 
change. It is usual for thiocyanate and iodide to be transposed, while 
nitrate very often comes between chloride and bromide, and occasionally 
between bromide and iodide. 

4. The two factors determining the Hofmeister series are the displace¬ 
ment of the water ecjuilibriuj);! and selective adsorption. 

5. With gelatin the order df the anions is the same on both sides of the 
isoelectric point, and consecpiently displacement of the water equilibrium 
is the major factor and selective adsorption the minor factor. 

6. With albumin the order of the anions reverses as the system passes 
from one side to the other of the isoelectric point. Consequently, dis¬ 
placement ot the water equilibrium is the minor factor and selective 
adsorption the major factor. 

7. The order of boiling points for equimolal solutions is sodium nitrate, 
sodium chloride, sodium bromide, sodium thiocyanate, and sodium iodide, 
the iodide solutions having the highest boiling points. 

8. The order of boiling points cannot be due primarily to hydrated or 
hydrous ions, because the boiling point cuiY^es are more abnormal than the 
corresponding freezing points. Also, if we assume that the iodides are 
more hydrated or hydrous than the chlorides, they should peptize gelatin 
less readily, whereas the reverse is the case. 

9. The following arbitrary assumptions have been made in order to 
account for the behavior of certain anions. 

a. Under ordinary conditions liquid water may be considered as essen¬ 
tially a mixture of trihydrol, dihydrol, and monohydrol coexisting in 
reversible equilibrium. 

b. Chloride, bromide, thiocyanate, and iodide ions tend to change dihy- 
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drol into monohydrol and have no especial effect on trihydrol beyond that 
which is a necessary consequence of the displacement of the equilibrium 
between dihydrol and monohydrol. The order of increasing effectiveness 
is chloride, bromide, thiocyanate, and iodide. 

c. The nitrate ion tends to convert trihydrol into monohydrol. For 
equivalent concentrations the amount of monohydrol is less with nitrate 
ion than with chloride ion. 

d. The sulfate ion tends to convert trihydrol and monohydrol into 
dihydrol. 

e. The electrolytic solution pressure of hydrogen is greater in dihydrol 
than in monohydrol, and that of oxygen is less. 

10. The order of anions in lowering the temperature of maximum 
density of water is chloride, bromide, iodide, nitrate, and sulfate, the sul¬ 
fate being the most effective. 

11. Alcohol raises the temperature of maximum density of water and 
therefore increases the trihydrol concentration. 

12. Working in 80 to 95 per cent alcohol it was possible to show that 
thiocyanate is adsorbed more strongly by gelatin than iodide and nitrate 
than chloride. 

13. The neutral salt effect occurs both with strong and with weak acids 
when sodium chloride or sodium bromide is used as the neutral salt. The 
dissociation constant of carbonic acid has been increased one thousandfold 
and this is not the limiting value. 

14. The single potential difference H 2 | HCl is greater than that for 
H 2 1 HBr when the two acids are equimolal. 

15. The decreasing solubility of anhydrous sodium sulfate with rising 
temperature is due to displacement of the water equilibrium. 

16. On adding salts to a solution of sulfur dioxide in water, the solubiUty 
changes in the order: SO4 —, NO3"", Cl“, Br~ SCN“, and I“, sulfate ion 
causing a decrease in solubility and iodide ion an increase. From this we 
deduce that sulfur dioxide tends to depolymerize water. 

17. Succinic and adipic acids are apparently more soluble in depolymer- 
ized water than in polymerized water, but the boiling point curve for 
succinic acid in water is not as abnormal as it should be and some factor 
may have been overlooked. 

18. There is no satisfactory evidence as yet to show that spirogyra grows 
more rapidly in polymerized than in depolymerized water. 

19. The heat capacities of salt solutions and the heats of neutralization 
vary from chloride to bromide as they should, but the heat of neutralization 
of sodium hydroxide by nitric acid is apparently out of line. 

20. The fluorescence of aqueous solutions of quinine bisulfate, the sodium 
salt of fluorescein, and uranyl sulfate can be extinguished by addition of 
salts. The order of decreasing effectiveness of the anions is: I"“, SCN~ 
Br~, CI-, and NOs^. 
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21. A concentrated solution of fluorescein does not fluoresce. This is not 
due to an electrostatic effect changing the absorption, because it is possible 
to dilute to a certain extent with water without bringing back the fluores¬ 
cence, while diluting with the same volume of alcohol causes fluorescence. 
That seems to indicate that trihydrol promotes fluorescence and mono- 
hydrol checks it. 

22. The displacement of the water equilibrium changes the internal 
pressure, iodide raising it more than chloride. 

23. The phenomena now ascribed to deformability of ions and to hydra¬ 
tion of ions can probably be better ascribed, at least in part, to displace¬ 
ment of the water equilibrium. 

24. The changes in viscosity of water and of salt solutions with changing 
pressure fit in very well under the concept of displacement of the water 
equilibrium by pressure and by salts. 

25. Since the Debye-Hiickel theory postulates interaction of the ions as 
the only disturbing factor, this theory must break down for all concentra¬ 
tions at which the displacement of the water equilibrium is a disturbing 
factor. 
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In the streaming potential studies reported in an earlier paper (11), the 
isoelectric points of some of the wheat proteins were interpolated from the 
values for the f-potential of the protein-liquid interface. The latter were 
calculated from the streaming potential data by the formula for diaphragms 
developed by Briggs (2) 


AwriKtH 

Pf 


( 1 ) 


in which is the viscosity of the liquid, the electrical conductance across 
the diaphragm, H the streaming potential, P the hydrostatic pressure, and 
€ the dielectric constant of the liquid. 

At the isoelectric point the value for f is zero, and since the properties of 
the liquid represented by p, and €, and the hydrostatic pressure P have 
definite values, the streaming potential H-is also equal to zero. The iso¬ 
electric point is thus the hydrogen-ion concentration at which no electro¬ 
motive force is produced by streaming the solution through a diaphragm on 
which the protein is adsorbed. 

Inasmuch as it was desired to use the isoelectric point as a differentiating 
property in the study of proteins, an attempt was made in this investiga¬ 
tion to devise a convenient and rapid method for determining the electro¬ 
neutral point of a protein by adsorbing it on a fritted glass diaphragm and 
then varying the hydrogen-ion concentration of the solution until its 
streaming potential fell to zero. 

Preliminary experiments showed, however, that the hydrogen-ion cem- 
centration of the solution could not be experimentally adjusted to maintain 
the streaming potential at zero, but that a positive potential was gradually 

^ Presented before the Division of Physical and Inorganic Chemistry at the 
Eighty-fourth Meeting of the American Chemical Society at Denver, Colorado, 
August 24, 1932. 

* Paper No. 29, Journal Series, from Montana State College, Agricultural Experi¬ 
ment Station, Bozeman, Montana. 
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developed. It was evident from these experiments that either the adsorp¬ 
tion equilibrium, or the chemical equilibrium, of the proteins was dis¬ 
turbed by changes in the hydrogen-ion concentration of the streaming 
solutions. The adsorption equilibrium would, obviously, be influenced by 
the magnitude and sign of the charge of the protein micelles in relation to 
that of the adsorbent (glass particles in diaphragm), and in consequence 
this phase of the problem has been studied in the present work. 

EXPERIMENTAL 

Preparation of gliadin 

Two kilograms of patent flour, from which the fatty materials had been 
removed by extraction with anhydrous diethyl ether, was made into a 
pliable dough and allowed to stand under water for 1 hour. The starch 
was then washed from the gluten by kneading in a stream of tap water. 
It was then finely divided and added to sufficient pure ethyl alcohol to 
form a solution containing 60 per cent of alcohol and 40 per cent of water 
by volume. The mixture was then placed in a mechanical shaker for 10 
hours, after which it was centrifuged, filtered, and the filtrate reduced to a 
sirupy consistency by evaporating under reduced pressure. The gliadin 
was precipitated by pouring the cooled sol into a 1 per cent sodium chloride 
solution at 0°C., filtered, and thoroughly washed with distilled water. 
The precipitate was redissolved in a 60 per cent alcohol solution, its volume 
reduced by evaporating under reduced pressure, and again precipitated 
by pouring into cold 1 per cent sodium chloride solution. The re-solution 
and reprecipitation was repeated four times, the final precipitation being 
accomplished by pouring the concentrated sol into a mixture of 1 part of 
absolute alcohol and 1 part of anhydrous diethyl ether, after which the 
precipitate was washed with anhydrous ether and dried in a vacuum oven 
at SO^C. 


. Streaming potential measurements 

The apparatus shown diagrammatically in figures 1 and 2 was designed 
to measure, by the streaming potential method, the progressive change in 
the potential across a solid-liquid interface when proteins, acids, alkalis, or 
other reagents were added to the liquid phase. Inasmuch as slight traces 
of electrolytes, or surface-active substances dissolved in the liquid or 
adsorbed at the solid-liquid interface, were readily detected by a marked 
change in the streaming potential, it was necessary to eliminate every 
possible source of contamination. Atmospheric gases sudi as carbon 
dioxide, ammonia and acid fumes were excluded from the apparatus by a 
counter-current of air which had been purified by bubbling successively 
through sulfuric acid, sodium hydroxide, and distilled water. All parts of 



EliECTBOEINETIC PROPERTIES OF PROTEINS. II 


216 


the apparatus coming in contact with the liquid were cleaned with hot 
chromic acid and rinsed with conductivity water. 

The streaming cell 2 shown in figures 1 and 2 consists of a fritted glass 
filter crucible (Jena Glass Works No. lbG4) with sheet platinum electrodes 
1 cm. square on each side of the diaphragm. The crucible is attached at 
the top to an outlet receptacle bearing the upper electrode and closed at 
the bottom with a two-hole rubber stopper carrying the inlet tube and 
lower electrode. 

The liquid in reservoir 1, the hydrogen-ion concentration of which is 
adjusted experimentally by adding acid or alkali from burettes 11 and 12, 



is streamed through the diaphragm of cell 2 into flask 3 by suction. The 
air in flask 3 is exhausted through needle valve 6 into tank 5 which is 
evacuated by a water pump. The hydrostatic pressure under which the 
liquid streams through the diaphragm may be measured by either the 
mercury manometer 7 or the water manometer 8, or both, by adjusting the 
three-way stopcock 9, the pressure being maintained constant by the auto¬ 
matic regulator 10. Stopcock 4 is closed when it is desired to stop the 
streaming liquid without readjusting the hydrostatic pres.sure. 

The electromotive force produced by streaming the liquid through the frit¬ 
ted glass diaphragm in cell 2 is measured by connecting the electrodes in cir- 






216 


WILLUM MCK. MARTIN 


cuit with the potentiometer (28) and Compton electrometer (29). Switches 
40 and 42 are set in contact with 36 and 39, respectively, and the reversing 
switch 41 is set so that the positive electrode of the streaming cell is con¬ 
nected to the positive binding post of the potentiometer. The electro¬ 
motive force supplied to the potentiometer by the 2-volt lead storage cell 
(31) is balanced against that of the standard cad m ium cell (32), the null-point 
being indicated by the galvanometer (30). The electrometer, which is used 
to indicate the null-point in balancing the electromotive force from the 
potentiometer against the streaming potential, is operated on a charge of 
90 volts by connecting two radio “B” batteries (33) in series between the 
needle and one pair of quadrants. 

After adjusting the electrometer to its zero-point, switch 43 connecting 
the two pairs of quadrants is opened and the liquid caused to stream 



through the diaphragm by opening needle valve 6. The hydrostatic 
pressure gradually increases to that automatically maintained by regulator 
10, while at the same time the increasing potential across the diaphragm is 
balanced by adjusting the potentiometer experimentally. The applied 
hydrostatic pressure may be increased or decreased by changing the tension 
of the helical spring of the pressure regulator, after which it remains con¬ 
stant during the progress of the experiment. The effective hydrostatic 
pressure decreases slightly, however, owing to the lowering of the liquid in 
reservoir 1. This difference in level between the liquid in 1 and the end of 
the discharge tube in 3 is read directly from scale 13 in millimeters, divided 
by 13.6, and added to the pressure indicated by the manometers. 

, If the diaphragm or the streaming liquid have not been contaminated in 
any way, the system will come to equilibrium in one or two minutes, and 
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the streaming potential will remain constant except for a slight gradual 
decrease due to the lowering of the level of the liquid in the reservoir. 

The system being in equilibrium and the streaming potential constant, 
except for the slight change explained above, a measured volume of stand¬ 
ard gliadin solution containing 0.002 g. of gliadin for each liter of streaming 
liquid is added and the solution quickly homogenized by the mechanical 
stirrer 14, the speed of which is regulated by rheostat 15. The time of 
adding the gliadin is recorded and the change in streaming potential meas¬ 
ured at 2-minute intervals for 10 minutes, and at 5-minute intervals there¬ 
after. 


Electrical resistance across diaphragm 

With the liquid still flowing, switch 43 is closed and the streaming cell 
thrown in circuit with the conductivity apparatus by setting switches 40 
and 42 in contact with 36 and 38, respectively. The resistance across the 
diaphragm is then balanced against the adjustable resistances 35 by means 
of the Kohlrausch slide wire 34, a pair of ear-phones being used to detect 
the null-point. With solutions of high resistance in the streaming cell, 
the slide wire could not be accurately balanced by the telephone detector, 
and in consequence three or more determinations were made and the 
average of these used in the calculations. Bull and Gortner (6) overcame 
this difficulty by using an alternating current galvanometer instead of the 
telephone detector. 

After completing the streaming potential, hydrogen-ion concentration, 
and electrical resistance measurements, the cell constant was determined 
by replacing the liquid in the cell with a standard solution (10) composed 
of 0.7476 g. of potassium chloride and 1000 g. of redistilled water. The 
resistance of the cell was measured with the standard solution streaming 
through the diaphragm under the same hydrostatic pressure used in making 
streaming potential measurements. 

Hydrogen-ion concentreUion of streaming liquid 

Although the glass electrode might have been used advantageously in 
determining the hydrogen-ion concentration of the extremely dilute un¬ 
buffered solutions, it has not, perhaps, been investigated sufficiently to 
justify its use as a routine method. The better know n hydrogen electrode 
was therefore used in the apparatus showm in figures 1 and 2. 

The hydrogen electrode vessel (18) is filled by closing stopcock 23, 
opening 24 and 27 and tilting it so that it is filled with the liquid, thereby 
displacing the air upward and out through stopcock 27. Stopcock 24 is 
then closed, 23 opened and the vessel tilted down, after w Inch 27 is turned 
to permit hydrogen gas to displace the liquid from the vessel into drain 19. 
These operations are repeated several times to free the system from oxygen. 
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All stopcocks are finally closed with the vessel about one-quarter filled with 
liquid. Stopcock 27 is then turned so that the hydrogen pressure from 
reservoir 21, which is equal to about 15 cm. of water above that of the 
atmosphere, is maintained within the hydrogen electrode vessel. This not 
only saturates the platinum electrodes more quickly, but prevents the 
atmospheric gases from diffusing into the system. It also causes the films 
of liquid in the ground glass joints of stopcocks 23 and 24 to move outward 
instead of inward, thus reducing error from this source. 

The vessel is then gently shaken by the geared mechanism 17 by connect¬ 
ing shaft 16 to the motor 14 with a short piece of rubber tubing, the speed 
of the motor being regulated by the rheostat 15. The system is satu¬ 
rated with hydrogen within four minutes, after which the motor is stopped 
with the liquid in the electrode end of the vessel. With the system still 
under pressure from the hydrogen reservoir, stopcock 23 is turned to dis¬ 
charge from the bore of the stopcock plug, and from the tube between the 
stopcock and the vessel, the solution which has not been saturated with 
hy^gen. The pressure within the vessel is then released through 27, 
after which 23 is carefully turned to connect the vessel with the calomel 
electrode 20. Stopcock 25 is then carefully opened and saturated potas¬ 
sium chloride solution flows from reservoir 22 and rises slowly in the tube 
above the stopcock, forming a well defined and easily reproducible liquid 
junction. When the liquid junction has risen to a mark on the tube mid¬ 
way between stopcock 23 and the vessel, 27 is closed to prevent the potas¬ 
sium chloride from rising too high and mixing with the liquid. The plug in 
26 is greased only at the ends to facilitate electrical conductance when the 
stopcock is closed. The difference in potential between the hydrogen and 
the calomel electrodes is measured by throwing switches 40 and 42 in con¬ 
tact with 37 and 39, respectively. The electromotive force is then bal¬ 
anced with the potentiometer, using the quadrant electrometer as a null- 
point instrument. The potential of each of the twin hydrogen electrodes 
is measured and two complete determinations made on each solution. 

Calculaiion of the electric moment of the double layer 

From the streaming potential data may be calculated either the f- 
potential or the electric moment of the double layer. For the reasons set 
forth by Bull and Gortner (7) the electric moment is preferable, and 
accordingly the data obtained in the present work have been computed to 
this basis. The formula for the electric moment given by Bull and 
Ciortner is 



where g is the charge per unit area of the double layer in electrostatic units, 
d the thickness of the double layer in centimeters, r; the viscosity of the 
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streaming liquid in poises, k. the electrical conductance across the dia¬ 
phragm in reciprocal ohms, H the streaming potential in volts, and P the 
hydrostatic pressure in centimeters of mercury. The product qd (charge X 
distance) is the electric moment per square centimeter of the double layer 
and is represented by /t- Remembering, however, that one c.g.s. electro¬ 
static unit of potential is equal to 299.86 absolute volts, and that the 
C.G.S. electrostatic unit of conductance is equal to 1.112151 X 10~” 
ohm“‘ cm.“* (9); and that the density of mercury is 13.6, and the force of 
gravity 981 dynes, the different quantities in the above equation are con¬ 
verted to C.G.S. units by evaluating the constants to give the simplified 
expression: 

M - 224755.22 X ij X ^ (3) 

For convenience in comparing the data presented in this paper with the 
more familiar f-potential in the literature, the relation of the two may be 
expressed by substituting the f-potential formula developed by Briggs (2). 

f - 847,649,450 X j X (4) 

in equation 3, which gives 

r - (5) 


or 


M » 2.65 X 10-* X *r (6) 

where e is the value for the dielectric constant used in the original calcula¬ 
tions. Although the value for « generally used in calculating the T- 
potential from streaming potential data is probably incorrect, as explained 
by Bull and Gortner (7), expressions 5 and 6 may be used to convert the 
data of this and other papers to a comparable basis. 

DISCUSSION 

Fritted glass discs on filter crucibles are satisfactory diaphragms for 
streaming potential measurements, because they are composed of glass 
particles of uniform size and are of sufficient porosity to produce results 
not in error due to "back-pressure” effects. The importance of uniformity 
of size of particles in streaming potential diaphragms has been emphasized 
by Bull and Gortner (6), whose experiments showed that the streaming 
potential was a linear function of hydrostatic pressure only when the par¬ 
ticles in the diaphre^ms were homogeneous in size. The effect of size of 
pores on the streaming potential has also been investigated by Bull (4), 
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whose experimental data showed that an appreciable “back-pressure” was 
developed by electrodsmotic flow if the radius of the capillaries was 1 ju or 
smaller. 

The data in table 1 and the graphs in figures 3 and 4 show that the glass 
diaphragms were negatively charged in both acidic and basic solutions. 
The magnitude of the charge, however, was a function of the total ionic 
concentration rather than of the concentration of hydrogen ions. This is 
shown by the relation of the values for the electric moment to those for the 
specific electrical conductivity of the solution, a relationship similar to that 
observed by Bull and Gortner (5) for cellulose in aqueous solutions of 
inorganic salts. 


TABLE 1 


Electric moment of the double layer at the solid-liquid interface of a fritted glass 
diaphragm as influenced by hydrogen-ion concentration 


BTBBAMINO 

LIQUID 

pH 

A. X io-« 

1? 

TEMPSRA- 

TOR® 

HYDRO¬ 

STATIC 

PRB8SURB 

BTRBAMINM 

POTENTIAL 

ELBCTRIC 

kfOMXNT 

OK DOUHLB 
LAYBR 

HCl 

5 69 

1 76 

poifaen 

0 0089 

degrees C 

25 2 

mm fig 

124 

miUnolta 

-1230 

ca.u. X 10 

-3 49 

HCl 

6.22 

3 02 

0 0084 

27 9 

124 

-874 

-4 02 

HCl 

4 82 

5 96 

0 0085 

27 4 

125 

-643 

-5 86 

HCl 

4.43 

12 62 

0 0087 

26 2 

124 

-386 

-7 69 

HCl 

4.25 

17 48 

0 0087 

26 1 

125 

-320 

-8 75 

HCl 

3 20 

36 43 

0 0093 

23 5 

125 

-257 

-15 67 

NaOH 

7.76 

2 42 

0 0088 

25 0 

125 

-1315 

-5 04 

NaOH 

8 16 

3.82 

0 0086 

26 9 

125 

-1134 

-6.70 

NaOH 

9,06 

10 22 

0.0084 

27 7 

126 

-724 

-11.10 

NaOH 

9 44 

17 68 

0 0084 

27 8 

124 

-524 

i -14 12 

NaOH 

9,65 

23.71 

0 0087 

26 4 

123 

-434 

1 -16 37 

NaOH 

9.74 

43 81 

0 0089 

25 3 

124 

-237 

-16 76 

NaOH 

9.94 

48 19 

0 0085 

27 1 

126 

-244 

-17.99 


The results of the adsorption studies given in table 2 and presented 
graphically in figures 5 and 6 show that the electrostatic charge of the 
double layer at the glass-liquid interface is reversed upon adding protein 
to the streaming liquid if its hydrogen-ion concentration is on the acid 
side of the isoelectric point of the protein. The negatively charged glass 
surface apparently adsorbs a layer of positively charged protein and 
assumes its electrokinetic properties,. The behavior of the glass is thus 
similar to that of quartz particles used by Briggs (3), Freundlich and 
Abramson (8), and by Svedberg and Tiselius (12). Recently Abramson 
(1) has shown that the isoelectric point, the cataphoretic mobility, and the 
dissociation constant of serum albumin and egg albumin are very nearly 
the same when adsorbed on quartz as when dispersed in solution. The 
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Fig. 3. Electric Moment of Double Layer at Glass-Liquid Interface as 
Influenced by Hydrogen-ion Concentration 



Fig, 4. Electric Moment of Double Layer at Glass-Liquid Interface as 
Influenced by Total Ionic Concentration (Electrolytic Conductivity 

of Solution) 
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TABLE 2 

Influence of hydrogen^on concentration on the rate of adeorption of gliadin at a 
glase-Uquid interface as indicated by change in the electric moment of the 

double layer 


TiMa 

BTDRO> 

STATIC 

PlUGSSURli 

STBBAMXNG 

POTSNTIAL 

XLBCTRIC 

MOMBNT 

OF DOUBLB 
LAYER 

Distilled water; pH « 6.41; 

PC. « 1.59 

X 10-*; V - 0.0090; T - 24.9“C. 


mm. Hg 

m®. 

e.«.u X l0-< 

0 

127 

-1316 

-3.33 

5 

126 


-3.33 

10 

125 

-1297 

-3.34 

15 

124 


-3 35 

20 

124 

-1285 

-3.34 

0.002 g. gliadin per liter added 

22 


-920 

-2.41 

24 


-638 

-1.67 

26 


-390 

-1.03 

28 

122 

-195 

-0 51 

30 

121 

-38 

-0 10 

35 

120 

4-325 

+0.87 

40 

120 

+658 

+1.50 

45 

119 

+738 

+2.00 

50 

118 

+862 

+2.32 

55 

118 

+956 

+2.61 

60 

117 

+1007 

+2 77 

65 

116 

+1053 

+2 92 

70 

115 

+1084 

+3.03 

75 

115 

+1102 

+3.08 

HCl solution, pH * 5.69; k, 

« 1.76 

X 10 

n « 0,0089; T » 26.2°C. 

0 

126 

-1246 

-3.49 

5 

125 

-1237 

-3 49 

10 

124 

-1231 

-3.50 

15 

124 

-1222 

-3 48 

20 

123 

-1215 

-3 49 

0.002 g. gliadin per liter added 

22 

123 

-809 

-2 32 

24 

122 


-1.16 

26 

122 

-51 

-0 15 

28 

122 

+299 

+0.86 

30 

121 

+538 

+1.57 

35 

121 

+911 

+2.66 

40 


+1134 

+3.33 

45 

119 

+1269 

+3.76 


mtntUeB 

mm. Hg 

■BH 

e.i.tt. X 10-« 

50 

118 

bse^ 

+4.05 

55 

117 

bssb 

+4.25 

60 

117 

+1453 

+4.38 

66 

116 

+1494 

+4.54 


116 

+1617 

+4.65 

75 

114 

+1526 

+4.72 


113 

+1528 

+4.77 

1 86 

112 

+1525 

+4.80 


0 

126 

1 -884 1 

-4.01 

5 

125 


-4 02 

10 

124 


-4.03 

15 

123 

-869 

-4 04 

20 

123 

-863 

-4.01 


HYDRO- 


XLECTiUO 

STATIC 

STRBAMXNO 

MOMBIIT 

PRSSSURB 

POTBHTIAL 

OF DOUBLE 



LAYER 


0.002 g. gliadin per liter added—Conn’d 


HCl solution; pH « 5.22; ic, « 3.02 
X 10-*»; ri « 0.0084; T * 27.9‘^C. 


0.002 g. gliadin per liter added 


22 


-208 

-0.97 

24 


+154 

+0 72 

26 


+321 

+1.52 

28 

^K3B 

+401 

+1.89 

30 

121 

+459 

+2.17 

35 

120 

+530 

+2.52 

40 

119 

+563 

+2.70 

45 

118 

+593 

+2.87 

50 

118 

+616 

+2 98 

55 

117 

+631 

+3.08 

60 

116 

+644 

+3.17 

65 

115 

+657 

+3.26 

70 

115 

+663 

+3.29 

75 

113 

+669 

+3.38 

80 

111 

+666 

+3.43 

HCl solution; pH « 4,82; a, 

, « 6,96 

X 10- 

«; n - 0.0085; T - 27.4‘»C. 


0 

5 

10 

15 

20 


127 

-651 

-6.84 

126 

-648 

-5.86 

125 

-643 

-6.86 

124 

-639 

-6.87 

124 

-636 

-5.84 
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HYDRO- 


ELECTRIC 

TIME 

STATIC 

STREAMING 

MOMENT 


PBB8BUBS 

POTENTIAL 

OF DOUBLE 




LAYER 

0.002 g. gliadin per liter added 

minutM 

mm. Hg 

mv. 

e «.M. X 10 * 

22 

123 

-241 

-2.23 

24 

123 

+63 

+0.58 

26 

122 

+204 

+1.90 

28 

122 

+264 

+2.47 

30 

121 

+291 

+2.74 

35 

121 

+322 

+3.03 

40 

120 

+342 

+3 25 

45 

119 

+350 

+3 35 

50 

’ 118 

+356 

+3.44 

55 

117 

+360 

+3 51 

60 

117 

+364 

+3.55 

65 

116 

+362 

+3.56 

70 

115 

+367 1 

+3.64 

75 

114 

+366 

+3.66 

80 

113 

+363 

+3.66 


HCl solution; pH 4.43; k. 


0.0087; T « 




26.2®C. 


22 

24 


mm 

26 

122 

+128 

28 

122 

+169 

30 

122 

+195 

35 

121 

+204 

40 

121 

+207 

45 

120 

+210 

50 

119 

+211 

55 

119 

+215 

60 

118 

+218 

65 

117 

+217 

70 

117 

+222 

75 

116 

+225 


added 


-0.28 

+1.95 




0.002 g. gliadin per liter 


+3.95 
+4.16 
+4 22 
+4.32 
+4.38 
+4.46 
+4.56 
+4.58 
+4.69 
+4.79 


HCl solution; pH « 4.25; - 17.48 

X lO"*; rt - 0.0087; T » 26 .rC. 


0 127 -325 -8. 

5 126 -322 -8. 

10 125 -319 -8.73 



HYDRO- XLECTBIC 

static btreaminq moment 

PRESSURE POTENTIAL OF DOUBLE 
LAYER 


HCl solution; pH « 4.25; k» « 17.48 X 
10-«; 1? « 0.0087; T «= 26.1*^0.—Con^d 







0.002 g. gliadin per liter added 


-0 08 
+3.90 
+4 91 
+5.10 
+5 66 
+5 91 
+5.87 
+5 85 
+5.78 
+5 71 
+5 60 
+5 53 
+5.49 
I +5 53 


HCl solution; pH — 3.20; /e. « 36.43 X 
10“«; V « 0.0093; T = 23.5^C. 




0 

5 


1 1 
ii 

10 

125 

-256 

15 

125 

-255 

20 

124 

-253 



0.002 g. gliadin per liter added 

22 

124 

-100 

-6.15 

24 

123 

+46 

+2 85 

26 

123 

+95 

+5 89 

28 

122 

+106 

+6 62 

30 

122 

+112 

+7.00 

35 

121 

+113 

+7 12 

40 

120 

+115 

+7 30 

45 

120 

+115 

+7.30 

50 

119 

+114 

+7.30 

55 

118 

+117 

+7.56 

60 

118 

+113 

+7.30 

65 

117 

+115 

+7.49 

70 

117 

+116 

+7.56 

75 

116 

+115 

+7.56 

80 

115 

+117 

+7.75 

85 

114 

+115 1 

+7.60 
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TABLE 2 —Continued 



HYt>RO> 


ELECTRIC 

TIMS 

STATIC 

STRBAMINO 

MOMENT 


PR1»8I7BS 

POTENTIAL 

OF DOUBLE 




LAYER 


NaOH solution; pH « 7.63; k, « 2.84 
X 0.0089; T ^ 25.2^C. 


minuiea 

mm. Hg 

mt>. 

c.«.u X lO"-* 

0 

125 


-5 27 

6 

125 

-1158 

-5 27 

10 

124 


-5 27 

15 

123 

-1144 

-5 29 

20 

123 

-1137 

-5 26 

0-002 g. gliadin per liter added 

22 

122 

-1264 

-5 89 

24 

122 

-1375 

-6 41 

26 

122 

-1451 


28 

121 

-1519 

-7.14 

30 

121 


-7 28 

35 

120 

-1579 

-7 48 

40 

119 

-1593 

-7 61 

45 

118 

-1596 

-7.69 


118 

-1690 

-7.66 

55 

117 

-1581 

-7 68 


116 

-1561 

-7.65 

65 

115 

-1549 

-7 66 


114 

-1538 

-7 67 

75 

114 

-1531 

-7.64 


NaOH solution; pH *= 7.14; kb « 2.04 
X 10-^■ V ^ 0.0089; T « 25.4°C. 


0 

m 

-1215 

-4 00 

5 

Ml 

-1207 

-4 01 

10 

123 

-1198 

-3 98 

15 

122 

-1191 

-3 99 

20 

121 

-1186 

-4 00 

0.002 g. gliadin per liter added 

22 

121 

-1239 

-4.18 

24 

121 

-1272 

-4.29 

26 

120 

-1285 

-4 37 

28 

120 

-1296 

-4 41 

30 

120 

-1302 

-4 43 

35 

119 

-1304 

-4 47 

40 

118 

-1295 

-4 48 

45 

117 

-1288 

-4.50 

50 

117 

-1281 

-4.47 

55 

116 

-1277 

-4,60 

60 

115 

-1272 

-4.52 

65 

114 

-1267 

-4,54 

70 

113 

-1255 

-4.54 

75 

112 

-1242 

-4.53 



HYDRO- 


ELECTRIC 

TIME 

STATIC 

STREAMING 

MOMENT 


PRESSURE 

POTENTIAL 

OF DOUBLE 




LAYER 


NaOH solution; pH « 7.76; k, « 2.42 
X 10-«; 17 “ 0.0088; T « 25.0‘*C. 


minutes 

0 

5 

10 

15 

20 

mm Hg 
122 

126 

125 

124 

124 

mv, 

-1330 

-1323 

-1316 

-1307 

-1299 

esu.X 10-* 
-5 02 
-5 04 
-5.05 
-5 06 
-5 03 

0.002 g. gliadin jjer liter added 

22 

123 

-1697 

-6 23 

24 

122 

(exceeded range of 
potentiometer) 

NaOH solution; pH « 8.16; 

K, « 3.82 

X 10“ 

■«; 7, - 0.0086; T - 26.9‘’C. 

0 

126 

-1138 


5 

125 

-1135 


10 

125 

-1135 


15 

124 

-1132 


20 

124 

-1130 


0.002 g. gliadin per liter added 

22 

124 

-1294 

-7.70 

24 

123 

-1423 

-8 54 

26 

123 

-1520 

-9 12 

28 

123 

-1555 

-9.33 

30 

122 

-1573 

-9 52 

35 

121 

-1599 

-9.76 

40 

120 

-1604 

-9 87 

45 

119 

-1598 

-9.91 

50 

119 

-1589 

-9.86 

55 

118 

-1559 

-9.75 

60 

117 

-1525 

-9.62 

65 

117 

-1511 

-9.53 

70 

116 

-1499 

-9.64 

75 

114 

-1468 

-9.51 


NaOH solution; pH * 9.06; k. « 10.22 
X lO-*; 17 « 0.0084; T -* 27.7“C. 


0 

127 

-726 

-11.04 

5 

127 

-725 

-11.02 

10 

126 

-724 

-11.10 

15 

126 

-724 

-11.10 

20 

125 

-722 

-11.15 
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TABLE 2 —Continued 


TIMB 

HYDRO¬ 

STATIC 

PRBSSURB 

STRBAMING 

POTBNTIAL 

ELECTRIC 

MOMENT 

OF DOUBLE 
LAYER 

TIME 

HYDRO¬ 

STATIC 

PRESSURE 

STREAMING 

POTENTIAL 

ELECTRIC 

MOMENT 

OP DOUBLE 
LAYER 

0 002 g. gliadin per liter added 

NaOH solution; pH =* 9.65; k„ 

« 23.71 X 





l(r«; 77 » 0.0087; 7 

« 26.4"C. 

—ConVd 









22 

125 

-738 

-11.40 

mtn utes 

m m Hg 

mv 

« « u X 10'* 

24 

125 

-750 

-11 59 

10 

123 

-434 

-16 37 

26 

124 

-762 

-11 87 

15 

123 

-432 

-16 30 

28 

123 

-759 

-11 92 

20 

122 

-430 

-16 35 

30 

123 

-759 

-11 92 

1 0.002 g. gliadin per liter added 

35 

122 

-756 

-11 97 





40 

121 

-752 

-12 00 

22 

122 

-425 

-16 16 

45 

121 

-748 

-11 94 

24 

122 

-414 

-15 74 

50 

120 

-748 

-12 04 

26 

121 

-405 

-15 53 

55 

119 

-734 

-11 91 

28 

121 

-397 

-15 22 

60 

118 

-720 

-11 78 

30 

120 

-392 

-15 16 

65 

117 

-710 

-11 72 

35 

120 

-375 

-14 50 

70 

116 

-701 

-11 67 

40 

119 

-366 

-14 27 

75 

115 

-691 

-11 60 

45 

118 

-357 

-14 04 

80 

114 

-682 

-11 55 

50 

117 

-349 

-13 84 





55 

116 

-346 

-13 84 

NaOH solution; pH « 9.44; k« *» 17.68 

60 

116 

-340 

-13 60 

X 10- 

*; - 0.0084; T = 27.8‘'C. 

65 

115 

-335 

-13 52 

0 

126 

-532 

-14 10 

70 

114 

-330 

-13 43 

5 

125 

-527 

-14 08 

75 

112 

-324 

-13 42 

10 

124 

-523 

-14 09 

NaOH solution; pH « 9.74; 

c. » 43.81 

15 

123 

-521 

-14.15 

X 10- 

■*; u = 0.0089; T = 25.3°C. 

20 

122 

-519 

-14 21 

0 

126 

-241 

-16.78 

0.002 g. gliadin per liter added 

5 

125 

-239 

-16 77 






124 

-237 

-16.76 

22 

122 

-514 


15 

123 

-235 

-16 76 

24 

122 

-509 


20 

122 

-233 

-16 75 

26 

121 

-505 


1- 




28 

121 

-498 


I 0.002 g. gliadin per liter added 

30 

120 

-492 

-13 70 

22 

122 


-15.10 

35 

120 

-478 

-13 31 

24 

122 

-198 

-14 23 

40 

119 

-468 

-13.14 

26 

121 

-182 

-13 19 

45 

118 

-461 

-13 05 

28 

121 

-174 

-12 61 

50 

117 

-450 

-12.85 


121 

-167 

-12.11 

55 

117 

-443 

-12.65 

35 


-159 

-11 62 

60 

116 

-439 

-12.64 


119 

-152 

-11 20 

65 

115 

-434 

-12.61 

45 

118 

-144 


70 

114 

-429 

-12.57 


118 


-10 41 

75 

113 

-423 

-12.51 

55 

117 


BEEB 






117 

— 135 


NaOH solution; pH « 9.65; ■» 23.71 

1 65 

116 

-135 


X 10-*; 1J - 0.0087; T - 26.4'’C. 


115 

-131 

-9.99 

0 

124 

-437 

-16.35 

75 

114 

-131 

-10.08 

5 

124 

-436 

-16.32 

IHIIIglliiH 

113 

-129 
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TABLE i—Condvded 


TIMB 

htdbo* 

STATIC 

PBOaSUBB 

BTBBAMXNO 

POTBimAL 

BLBGTBZC 

MOlIBNT 

OF DOUBLB 
LATBB 

TIMB 

HTDBO> 

STATIC 

PBB8SUBB 

STBBAMINO 

POTBNTIAL 

BLBCTBIO 

MOMBMT 

OF DOUBliB 
LATBB 

NaOH solution; pH 9,94; 

•e.- 48.19 

0.002 g. gliadin per liter added.—Cont’d 

X 10 ~®: » » 0 . 0085 : T » 27 . 1 “^. 









minutes 

mm. Hg 

mv. 

e.a.u. X iO'* 

mintUet 

mm. Hg 

mv. 

e.B.u. X 

28 

121 

-180 

-13 71 

0 

127 

-249 

-18,07 

30 

121 

-177 

-13.48 

5 

126 

-246 

-17.99 

35 

120 

-166 

-12.75 

10 

126 

-244 

-17.99 

40 

119 

-160 

-12.39 

15 

124 

-242 

-17.98 

45 

118 

-156 

-12.18 

20 

123 

-240 

-17.98 

50 

118 

-152 

-11.87 





55 

117 

-146 

-11.50 

0.002 g. ghadin per liter added | 

60 

116 

-141 

-11.20 

22 

122 

-212 

-16.01 

65 

115 

-135 

-10.82 

24 

122 

-195 

-14.73 

70 

114 

-131 

-10.69 

26 

122 

-187 

-14.12 

76 

113 

-125 

-10.19 


reversal of the charge of the fritted glass diaphragm when protein was 
added to the streaming liquid, therefore represents the transition from a 
glass-liquid to a protein-liquid system; and the rate of change, as indicated 
by the electric moment of the double layer, is an index of the rate of 
adsorption of the protein. 

As shown by the slopes of the curves in figure 5 for the acid solution, the 
rate of adsorption was most rapid for the highest hydrogen-ion concentra¬ 
tions and slowest for the low. The adsorption rate appears to be depend¬ 
ent upon the difference in the charge on the glass particles composing the 
diaphragm and that of the protein micelles. For example, the charge at 
the glass-liquid interface is —3.34 X 10~^ E.s.tr. at pH 6.41 and —15.60 X 
10"^ B.s.u. at pH 3.20, while that at the protein-liquid interface is +3.08 X 
10~* and +7.66 X 10“* b.s.tt., respectively, for the same two solutions. 
The latter two values are those for the electric moment of the double layer 
55 minutes after adding the protein to the streaming liquid, or 75 minutes 
after beginning the experiment. Although the system had not attained 
equilibrium, as shown by the slope of the curves in figure 5, the above 
values are relative. The electrostatic charge of the protein-liquid inter¬ 
face with respect to that of the glass-liquid interface is thus 6.42 X 10"^ 
B.s.u. at pH 6.41 and 23.16 X 10"* b.b.u. at.pH 3.20. The rates of adsorp¬ 
tion were approximately in the proportion of 23 to 6, as indicated by the 
elopes of the curves, that for pH 3.20 approaching as nearly to a constant 
value in 16 minutes as did that for pH 6.41 in 55 minutes. The other 
curves for the acid solution show a similar relationship. 

In alkaline solutions the glass diaphragm and the protein micelles are 
both negatively diarged, and in consequence the electrical forces of repul- 
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uon tend to prevent adsorption. The effect of adding proteins to the 
alkaline solutions on the electric moment of the double layer at the glass- 
liquid interface must, therefore, be attributed to changes in the composition 



Fig. 6 . Rate op Adsobption or Quadin at a Glass-Liquid Interface from 
Aoidio Solutions as Indicated bt Change in the Electbic Moment of 

THE Double Lateb 

of the liquid phase due to the binding of some of the alkali by the protein. 
Obviously, the removal of the alkali ions from solution would reduce the 
total ionic concentration and increase the hydrogen-ion concentration. 
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As shown by the curves in figure 6 the addition of protein to solutions of 
pH 7.14, 7.53, 8.16, and 9.06 increased the electric moment of the double 
layer, whereas it decreased that in solutions more alkaline than pH 9.44, 



Time fn Minutes 

Fio. 6. Rate of Adsorption of Gliadin at a Glass-Liquid Interface from 
Alkaline Solutions as Indicated by Change in the Electric Moment 
OF THE Double Layer 

there apparently being a hydrogen-ion concentration between pH 9.04 and 
pH 9.44 at which no change would have occurred. That the protein was 
not adsorbed on the glass from alkaline solutions was also indicated by 
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adding increments of dilute acid to the system and observing the change in 
the streaming potential. At first the potential increased rapidly with suc¬ 
cessive additions of acid, then more slowly; and finally, when the isoelectric 
range of the protein was reached, it fell rapidly to zero and reversed in sign. 
The increase in the streaming potential with the addition of acid was 
undoubtedly due to an increase in total ionic concentration similar to that 
shown in figure 3, and the break and reversal of the potential in the iso¬ 
electric region apparently marked the beginning of adsorption. 

SUMMARY 

1. Streaming potential apparatus and methods for measuring the rate of 
adsorption of proteins or other substances at a glass-liquid interface are 
described. 

2. A fritted glass diaphragm used in the streaming cell was negatively 
charged in both acidic and basic solutions, the magnitude of the charge 
being a function of the total ionic concentration rather than of concentra¬ 
tion of hydrogen ions. 

3. The rate of adsorption of gliadin at the glass-liquid interface was 
determined by the sign and the magnitude of the difference in the charge of 
the glass and of the protein micelles. 

4. In the region of the isoelectric point of gliadin the adsorption equi¬ 
librium was disturbed by changes in the hydrogen-ion concentration, indi¬ 
cating either structural transformation of the adsorbed protein micelles, or 
displacement by micelles or fragments having different isoelectric points. 
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THE SURFACE TENSION OF MERCURY IN A VACUUM 
AND IN THE PRESENCE OF HYDROGEN 

R. STEVENSON BRADLEY 

Department of Inorganic ChemUtry^ The University of Leeds, Leeds, England 
Received September 18, 193S 

Recent determinations of the surface tension of mercury show consider¬ 
able discrepancy. Popesco (11) gave a value of approximately 400 dynes 
per centimeter at 15®C. (corrected by Burdon (4)), Cook (6) gave 515 dynes 
per centimeter at 31®C., Kernaghan (8) 436.1 dynes per centimeter at 20®C., 
Bircumshaw (2) 480 dynes per centimeter at 20®C. The most recent 
value, 488 dynes, with a maximum of 491 at 25®C., observ^ed by R. S. 
Burdon (4), appeared while this work was in progress. In the following 
paper a new modification of the flat drop method for measuring the surface 
tension of mercury is described. The top of the drop was located by the 
style of a Bourdon gauge. In addition, the variation in surface tension in 
the presence of hydrogen was determined. This is important in view of the 
recent work on activated adsorption (14). Various workers have disputed 
whether slow adsorption is due to the fact that only activated molecules 
are adsorbed, or whether solution in the bulk phase occurs through diffu¬ 
sion into the interior along microcapillaries. A clean mercury surface 
would seem, therefore, an ideal system with which to study slow adsorption, 
as the latter factor is absent. 


THE FLAT DROP METHOD 

A number of formulas have been given for deriving the surface tension 
a from measurements on a flat drop. If h is the height from the top to 
the plane of greatest section, p the density, and r the radius of the above 
plane, then Worthington (16) found for a flat drop 


a 


i 


1 

1 + 0.609 h/r 


Ferguson (7 and 1) found 


For mercury these differ under the conditions below by about 0.2 per cent, 
and as Worthington’s formula is easier to use (Ferguson’s formula requires 
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successive approximation), and as fc is uncertain to 0.06 per cent, Worthing- 
ton^s formula will be adopted. Porter (12) has shown that for mercury 
drops of radius greater than 2 cm. the above formulas agree well with the 
results obtained by graphical integration (Bashforth and Adams). No 

hi , 

correction need be applied for the curvature at the top of the drop, as ~ is 
only 0.01. 


THE APPARATUS 

The apparatus (figure 1) was made of Pyrex glass, and consists of a hemi¬ 
spherical cup A, 6.6 cm. in diameter, sealed into a vessel B with a window 
C. The cup was lipped on the inside and the edge was free from chippings. 




Fig. 1. Detail of the Appaeatus Used 

The window was tested before it was sealed in, and no difference, to 0.001 
mm., could be detected between the distance apart of two points viewed 
through the central portion of the window and through air. The Bourdon 
gauge D was arranged so that the fine tip comes just above the middle of 
the top surface of the cup. It would stand a pressure difference of 10 mm., 
and had a sensitivity of 2 mm. per millimeter change of pressure. A 
smooth adjustment could be made without agitating the mercury surface. 
Any overflow of mercury was caught in G, which could be cut off, and the 
mercury could easily be returned to the still. A tungsten wire could be 
sealed in at E. The mercury was admitted from the still at F, the spirals 
allowing adjustments to be made in the level of the apparatus without 
disconnecting. 

The complete apparatus is shown in figure 2, The mercury was washed 
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with sodium hydroxide, air was bubbled in under a layer of dilute nitric 
acid and mercurous nitrate, it was distilled twice in a current of air, and 
then in a vacuum. It was distilled over into the cup from B. The cut-off 
C and the McLeod gauge were constructed so that the mercury was not 
fouled by rubber. There was no tap between the cut-off and the measuring 
apparatus, and since liquid air was always placed round the trap D when 
C was open, no grease vapor should have entered the apparatus; as an 
extra precaution a fresh sample of Apiezon grease was used in the taps, 
which were not exposed to strong sunlight. The Bourdon gauge could be 
adjusted, C being closed, by filling the space between the taps F and G 
with air, which was then admitted to the gauge, while the compression of 
the gas in the gauge by lifting the column of mercury in E gave a very fine 



adjustment. To prevent the bursting of the gauge, taps F, G, J, also C 
were opened when gas was admitted. The tip of the style was adjusted to 
give an image the width of a very fine cross hair (a thin thread pulled out 
from rubber solution) below itself. Pressures from 1 to 15 mm. could be 
read on the Hamblin gauge H. With practice, readings on the mercury 
surface could be repeated to 0.001 mm. 

The whole apparatus was washed with a solution of potassium perman¬ 
ganate in concentrated sulfuric acid, then with distilled water, and allowed 
to drain. It was joined in a moist condition, using a liquid air trap, and 
then pumped out and degassed by playing over it the blowpipe flame. The 
mercury surface was illuminated by a flash-lamp bulb, and was observed 
throuj^ a microscope which read' to 0.001 mm. The latter was carefully 
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levelled and was adjusted so that the barrel racked horizontally (lyco¬ 
podium powder dusted on to a flat mercury surface was observed). A 
flash-lamp bulb illuminated a horizontal slit whidi gave an image in the 
mercury surface at the point of largest section in the usual manner, care 
being taken to ensure that the slit and its image were on the same level. 
The room, a cellar, was constant in temperature to a degree during the 
winter months. 

The surface tension was found to be constant over long periods of obser¬ 
vation lasting several weeks, but for fresh distillations of mercury differed 
by about 1 dyne from the mean, 500.3 dynes per centimeter at 16.6®C.; 
this value lies between those of Burdon and Cook. 



Fio. 3. Appabatus fob tub Pbepabation of Pdbe Htdbooen 


A tungsten wire fused in at E (figure 1) was earthed, as it was thought 
that in the process of distillation, during which the mercury ran over glass 
surfaces, a charge might have been acquired. This would be dissipated 
only very slowly in a glass apparatus. No difference, however, was 
observed. 


THE SURFACE TENSION OF MFRCUBY IN HTDBOOBN 

The author has experienced considerable diflSculty in preparing pure 
hydrogen for density work, using the ordinary type of electrolytic cell. A 
modification was therefore devised by which the electrolyte could be 
thoroughly degassed before the run was made; moreover no air came in 
contact with it during the preparation of the gas (figure 3). The electro¬ 
lyte was a solution of pure sodium hydroxide and recrystallized barium 
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hydroxide; the cylindrical electrodes were made from nickel sheet. The 
capillary tube dipped only 0.5 cm. under the surface of the mercury, so 
that the oxygen generated escaped at a pressure only slightly greater than 
atmospheric. Tap C was opened and the whole degassed with a Hyvac 
and mercury diffusion pump, the water finally boiling over into tubes con¬ 
taining sodium hydroxide. Tap C was then closed and the current passed, 
no difficulty being experienced in adjusting the levels of the electrolyte 
round A and A', since the hydrogen comes off twice as fast as the oxygen. 



Fio. 4. The Subpacb Tension or Mehcuhy in Hydrogen 


The hydrogen was passed over the glowing platinum wire D, joined to 
steel electrodes E E', the lower one of which hung in mercury; in this way 
no sag occurs when the wire is heated. On leaving D the gas passed over 
phosphorus pentoxide and then through a tube immersed in liquid air. 

Hydrogen was admitted to the drop at various pressures and the surface 
tension was measured as before. Between each run the whole apparatus 
was thoroughly degassed (heated as before), a fresh mercury surface was 
prepared, and the constancy of the surface tension of the latter was checked. 
It was found that a very slow decrease in surface tension occurred, the 
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experiments lasting several days. At low pressures the final value of the 
surface tension decreased with increasing pressure, but as the pressure of 
hydrogen was increased the rate of decrease fell off, and from 8 to 100 mm. 
no change was observed (figure 4). A number of runs were made at these 
higher pressures, and no fall in surface tension occurred during a week’s 
observation. 

THE THEORY OF THE FALL OF SURFACE TENSION IN HYDROGEN 

The simplest assumption is that the slow fall in surface tension is accom¬ 
panied by a slow adsorption, i.e., that not all the hydrogen molecules which 
strike the surface are adsorbed. We may speak therefore of an activation 
necessary for adsorption. Various possibilities may then be considered: 
a molecule may require activation before it is adsorbed, necessary to 
mount the energy hump on the intermolecular energy distance diagram (2); 
since mobility is possible on the surface, molecules may become adsorbed 
by striking those already on the surface, so that adsorption would be pos¬ 
sible on other than the free space of Langmuir’s theory; similarly, collisions 
between molecules on the surface may cause desorption, which may also 
result from collisions between molecules in the bulk and surface phases, if 
the pressure is sufficient. The bulk material of the adsorbent is usually 
looked upon as a perfect energy reservoir, but an important factor will be 
the rate of interchange of energy between the molecules of adsorbent and 
the adsorbed molecules. 

If we consider the most probable of these possibilities, we may suppose 
that a fraction $ of the surface is covered, and that there are n molecules 
per square centimeter when the gas pressure is p. The rate of adsorption 
in molecules per second is then 

(1 — 8)p(2irrrU(T)~^a -j- 9p[2mnkT)~^p 

where the first and second terms refer to the bare and covered surface, 
respectively, and where a and d are the fractions of the impinging mole¬ 
cules which are adsorbed. If the activation is thermal, a and d will be of 

—A?! —ka 

the form c , e ' , where kj and are constants. Similarly the rate of 

-t, 

desorption is y$, where y, for activated desorption, is of the form Be ^ , 
where B and kz are constants. 

If A is the area occupied by a molecule for a condensed film, then $=> 
nA, and 

dll' 

— » (1 ~ nA)otp(iSirmkT)^^ + nAfipiBirmkT)’^^ — ynA 
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where 


C - ap(2irmikI0-» 

D = apA(,2rmkT)~^ + yA — p(2imikT)~^A0 

Hence 

« - I (1 - e-^‘) 


since n = 0 when < = 0.1 

Let F be the lowering of the surface tension of the mercury. Then F = 
ffo — ff, i.e., F is the surface pressure of the hydrogen film (o-o and <r are 
the surface tensions of pure mercury and of mercury in the presence of 
hydrogen). We may suppose that the surface film of gas behaves as a two- 
dimensional gas, which, owing to the surface forces, is more imperfect than 
the bulk material. Thus we may write 

F - nkT -1- «»* -t-.2 

The first term in the expansion may be called the kinetic pressure, the 
second the cohesive pressure (actually a tension). For the analogous case 
of a three-dimensional gas we may write 

kT A 
^“v-b 

where V is the volume per molecule, and b and A are constants. Phillips 
(10) has shown that the last term retains the same form independently of 
the law of force assumed. Thus n in equation 2 will be the true surface 
concentration only when this is small; moreover 5 will be negative, and this 
is the result obtained below. It is interesting to note that for most pure 
liquids a is expressible in the form 


-o « nkT - in* 

where n is of the right order (10“), the decrease in surface tension as tem¬ 
perature is increased being due, on this view, to the increase in surface 
preraure and to a smaller extent to the change in cohesion. 

On inserting the value of n found in equation 1 in equation 2 we obtain 

F - ^kni - e-"') «-“')• 

The experimental results for low pressures can in fact be fitted to a curve of 
thetsrpe 


F - ffd - e-«) + J(l - 
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This gives 


dF 


di 


+ 2J(1 - «-“) 


Hence = 0 when i = «, F having then the value H + J, or when 


1 + 


// 

if 


When — 2J these two points coincide; in other cases there is a small 
hump in the curve, giving 

^max * * ^ 

4i/ 


Since this does not correspond to anything ph3rsical and is due to the omis¬ 
sion of higher terms in the equation for F, a better fit can be obtained by 
making H = —2J; this limitation is supported by the fact that on solving 
the curves without it a rough fit is obtained, except for the region of the 
hump, giving values of—H between 1.5 and 2. When H = —2J a good 
fit is secured throughout. 

Hence we shall take 

f - - 2/(1 - +J(.l-e 

- - /(I - 

This is easily solved by taking two points at times h and t«, such that 
h — 2ti. Then if 


F, - J{x - 1) Fj = /{x» - 1) 
or 

Fj - F. , F,* 

X — - J - 

F, Fj - 2F, 


The smooth curves in figure 4 were obtained in this way. The values of 
J, D, and n «, = —2J/kT are given in table 1. The trend of D is interest¬ 
ing; it shows that P> a. 

The free motion of hydrogen on mercury is very probable, especially in 
view of the other evidence which shows that adsorbed molecules have a 
lateral mobility (5, 15). Burdon states that “it is difficult to picture the 
mechanism by which anything much less than a contiguous layer of mole¬ 
cules could appreciably affect the surface tension.” This, however, 
neglects the motion of the adsorbed molecules in the surface. 



SURFACE TENSION OF MERCURY 


239 


At a pressure of 6 mm. a curve was obtained below that at a pressure of 
0.39 mm., and above 8 mrn. no change in surface tension was observed. 
This unexpected result can perhaps be interpreted in terms of deactivation 
by collision, and bears an apparent analogy to explosion limits. It would 
seem that no hypothesis other than some type of activation can account for 
the slow fall of surface tension in hydrogen. For even if slow solution 
occurred, and the surface film were rapidly established, there would be no 
reason why the composition of the surface should not remain the same, and 
presumably the surface tension w'ould be constant. There is the possi¬ 
bility that a film is held by weak tulsorption, and that this then forms a 
stronger union with the mercury, when equations similar to the above 
would be obtained, the weakly adsorbed film replacing the bulk gas as a 
reservoir of molecules. Mercury and hydrogen combine only when the 
molecules are excited, but when once formed the molecule HgH is fairly 


TABLE 1 


V 

! J 

! « i 

u X 10-M 

m in 

0 97 1 -fi 94 

1 

0 1623 

3.56 

0 39 

! -4 41 

0 2458 

2 26 

0 12 

j -2 39 

0 4380 1 

1.23 


stable, with an energy of dissociation of 8500 calories per gram-molecule 
(9). It is possible that the activ^ation is due to external radiation. 

A study was also mjide of desorption from the surface. According to 
the above, if adsorption is stopped at the point fi, 


Fr, « - 27(1 - -h 7(1 - 


» HtikT "f- 


If now t is measured from this point as a new zero, 


(in 

dl 


— (?7l 


w^here G = yA. Hence 

where /lo is the value of n at the point t = 0, the point at which desorption 
began. As before, equation 2 gives 
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Since no for the desorption is the same as for the adsorption curve, the 
equation for desorption will therefore be 

F - 


where 


H ' = - 2/(1 - e -"'0 


and 


/' - /(I - €-"'•)* 

it is asymptotic to the axis of time. 

The desorption curve contains therefore only one unknown constant, G, 
as the others can be calculated from the adsorption curve. G is easily 
found by taking one point on the desorption curve at tt, and solving for 

e""'* = X 

as the admissible root of the equation 

F,, = H'x + /V 


TABLE 2 


p 

w 

J' 

G 

mm. 




0.97 

10 09 

3 67 

0 4311 

0.39 

8.82 

4.41 

4 

0.3575 


In this way the curves for 0.97 and 0.39 mm. were obtained, dc8t)rption 
starting at the points A and B, when the apparatus was pumped down to a 
hard vacuum, and it is noteworthy that in these curves H' and J' were 
calculated from the curves for adsorption. Moreover it will be seen from 
table 2 that the G’s are nearly the same, as they should be, and that they 
are greater than the corresponding Z)’s, as they should be if d > a. 

THE EFFECT OF ILLUMINATION 

Mercury vapor excited by light of wave length 2536 A.U. can dissociate 
hydrogen to atoms by a mechanism which is probably represented by 

Hg' + H, - HgH' + H 

the dashes indicating excited molecules. The HgH' reverts to the normal 
state with the emission of a band spectrum, and may then dissociate. A 
tube was fitted on the apparatus at right angles to the mercury surface and 
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the end was blown out very thin. This thin spherical end was surrounded 
by a tube which could be evacuated, and to the end of this tube was waxed 
a quartz plate. By adjusting the pressure on the outside of the thin end, 
collapse was avoided. Light was shone on to the mercury surface from a 
Pyrex mercury vapor lamp with a thin window (13). The lamp was cooled 
by a strong air blast, as the cold mercury vapor absorbs only the center of 
the line, and the waxed quartz plate was also cooled. No immediate effect 
was observed, but the rate of decay after illumination was greater than 
normally; thus with a pressure of 1 mm. the surface tension fell 7 dynes in 
three days instead of 4.5 dynes, after 10 minutes illumination; after an 
hour^s illumination it fell 7 dynes in one day. It seems probable that this 
effect is due to HgH molecules which have reverted to the normal state. 
These would be easily adsorbed as one end would be soluble'’ in mercury. 

SUMMARY 

The surface tension of mercury was determined by measurements on a 
flat drop, using a method of defining the top surface of the drop which was 
free from error. The mean value of 500.3 dynes per centimeter at 16.5®C. 
was obtained. The fall of the surface tension in hydrogen at pressures 
from 0 to 100 mm. was studied and interpreted theoretically. The surface 
was illuminated with light from a mercury vapor lamp. No immediate 
effect was noticed, but the surface tension fell more rapidly than normally. 

My thanks are due to Professor Whytlaw Gray, F.R.S., for encourage¬ 
ment and to Imperial Chemical Industries Ltd. for a grant which defrayed 
part of the cost of the apparatus. 
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COMMUNICATION TO THE EDITOR 


EFFECT OF SULFATED FATTY ALCOHOLS IN THE COLORIMETRIC 
DETERMINATION OF pH 

In This Journal (J. Phys. Chem. 37, 1001 (1933)) Neville and Jeanson 
state that they used standard indicators to determine colorimetrically 
the pH of solutions containing Gardinol CA. Since no mention is made 
of the errors which may be encountered in utilizing this method, it appears 
advisable to point out certain limitations which exist. 

We have examined the effect of Gardinol CA (sodium salt of sulfated 
technical oleyl alcohol), and Gardinol WA (sodium salt of sulfated tech¬ 
nical lauryl alcohol), on a number of common indicators in buffered solu¬ 
tions and have found that the fat alcohol sulfates exert a specific effect on 
most indicators, which is frequently a source of appreciable error. Our 
method was as follows: 5 cc. of the buffer solution, prepared by the speci¬ 
fications of Clark and Lubs (W. M. Clark: The Determination of Hy¬ 
drogen Ions, pp. 192-202. Williams & Wilkins Co., Baltimore (1928)), 
was diluted with 5 cc. of water and 0.5 cc. of the indicator solution (La 
Motte) and the pH observed in the La Motte comparator. For compari¬ 
son, 5 cc. of the buffer solution was diluted with 5 cc. of a fat alcohol sulfate 
solution and 0.5 cc. of the indicator and the apparent pH determined as 
above. Measurements were made at three or more values in the range 
covered by each indicator. 

The observed errors in all of the determinations made in the presence of 
fat alcohol sulfates were on the acid side of the values obtained for the 
corresponding buffer solutions free of the fat alcohol sulfates. The com¬ 
parisons show that in 0.5 per cent sodium lauryl sulfate solutions the error 
in the observed pH value, using cresol red (acid), methyl red, bromthymol 
blue, and thymol blue, is greater than 1.0; using meta cresol purple, brom- 
cresol green, and bromcresol purple, Js greater than 0.5; using La Motte 
yellow, and chlorphenol red, is greater than 0.2; using cresol red (alkaline), 
is less than 0.2; and using phenol red and La Motte purple, is negligible. 
At a 5.0 per cent concentration of this fatty alcohol sulfate, all of the 
indicators are in error. With 0.5 per cent sodium oleyl sulfate solutions, 
the error in the observed pH value, using bromthymol blue, is greater than 
1.0; using cresol red, methyl red, and thymol blue, is greater than 0.5; using 
meta cresol purple, bromcresol green, bromcresol purple, and chlorphenol 
red, is greater than 0.2; using phenol red and cresol red, is less than 0.2; 
and using La Motte yellow and La Motte purple, is negligible. Electro- 
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metric measurements have shown that no change in pH occurs when a 
fatty alcohol sulfate solution is added to a buffer solution in the manner 
used in obtaining these results. The technical sodium lauryl sulfate used 
in these experiments was of 75 per cent and the technical sodium oleyl 
sulfate was of 50 per cent strength. Both products were slightly alkaline 
to phenol red, but the amount of alkali present was negligible when com¬ 
pared with the concentration of the buffers. 

J. Edward Smith. 

Harold L. Jones. 

Technical Laboratory, 

Oi^anic Chemicals Department, 

E. I. du Pont de Nemours & Co., Inc., 

Wilmington, Delaware. 



NEW BOOKS 


Les fondemenU de la Morie de la relativiU gin^rale. Theorie unitaire de la gravitation 
et de Velectricity. Sur la structure cosmologique de Vespace. By A. Einstein. 
Translated from the German by Maurice Solovine. Ill pp. Paris: Hermann et 
Cie, 1933, Price: 35 francs. 

The first two sections of this small volume dealing with general relativity and with 
the unitary theory of electricity and gravitation are translations of two papers 
published, the first one in 1916, the second one in 1931. As far as these two articles 
are concerned, the present volume will be of use mainly to those who prefer French to 
German or to whom this translation is more easily accessible than the original 
publications. 

The third section on the cosmological structure of space is translated from a manu¬ 
script prepared in September, 1932. Einstein concludes that in a dynamic theory of 
the universe, the existence of an average density of matter different from zero must 
not be related theoretically to a curvature of space but to a spatial expansion. In 
the light of our present knowledge, there is no sure indication of spatial curvature, 
positive or negative. 

F. H. MacDougall. 

Die physikalische Chemie der Kesselstein Bxldung und ihrer Verhutung. Second 
revised and enlarged edition. By R. Stumper. 74 pp.; 18 illustrations. Stutt¬ 
gart: Ferdinand Enke, 1933. Price: paper, 5.30 R.M.; as part of collection, 
4.80 R.M. 

It is only three years since the first edition of this pamphlet appeared, which is an 
indication of how well it has been received. In it the author has collected the most 
plausible theories of boiler seale formation and methods of combatting it. It is a 
clear exposition of the physico-chemical equilibria of scale formation, the formation 
of solid and crystalline phases in supersaturated solutions, and an explanation of the 
effect of evaporation and colloids on scale formation. This edition discusses silicate 
scales, the solubility of scale constituents at operating boiler temperatures and 
pressures, and the dynamics of carbonate seale formation. 

Old and new methods of scale prevention by shifting of chemical equilibria, by 
means of colloids, mechanically, and electrically are critically considered. 

Throughout this pamphlet are given excellent tables of data, graphs, illustrations, 
some calculations, and many literature references. The subject matter i.s very well 
treated from the theoretical standpoint. Practical calculations and applications 
w'ould make the pamphlet more useful to the practicing engineer. 

Charles A. Mann, 

7'hc Conductivity of Solutions. Second edition. By Cecil W. Davies, viii -f- 281 
pp.; 32 figs. New York: John Wiley and Sons, Inc., 1933. Price: $4.00. 

This book may be recommended as an interesting, easily readable, but hardly 
adequate presentation of modern theories of the electrical conductance of solutions. 
The standpoint of the author seems to be that chemists need not understand the 
equations of Debye or of Onsager but should only be concerned wdth their success in 
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predicting experimental results. In harmony with this is the fact that the author 
evidently does not require his readers to possess mathematical knowledge beyond 
algebra and analytic geometry. In spite of the importance of the subject in connec¬ 
tion with the measurement of conductivity, the book does not contain anything 
approaching an adequate treatment of inductance, capacity, and polarization effects. 

Nevertheless there is much in this text book that deserves high praise and that can 
be read with profit by both beginners and advanced students. We refer to the many 
applications of Onsager’s equation, the discussion of the solvent correction, the 
evaluation of the equivalent conductance at zero concentration and finally the use of 
conductance methods in solving analytical problems in pure and technical chemical 
research. 

F. H. MacDougall. 

Bearing Metals and Bearings. American Chemical Society Monograph Series, No. 

63. By W. M. Corse. 6x9 in.; 383 pp. New York: The Chemical Catalog 

Company, Inc., 1930. Price: cloth, $7.00. 

The author has surveyed the literature on bearing metals and bearings and has 
collected into one volume bibliographic references to the widely scattered publica¬ 
tions in different languages and in many journals, the more important articles being 
abstracted. Part I (25 pages) presents a brief but interesting history of the develop¬ 
ment of bearing metals and bearings. This part serves to acquaint those not familiar 
with this field of work with some of the important subjects. 

Part II (106 pages) contains more than a thousand bibliographic references to 
articles on bearing metals, sliding-contact bearings, friction, and lubrication. The 
metals included are the white metals, the bronzes, and the graphite bearing metals. 
The bibliographic references are arranged under appropriate main and subheadings 
and cover the literature through 1928. 

Part III (108 pages) contains two hundred thirty-four abstracts of selected papers, 
'i’hese abstracts were specially prepared and give quite completely the important 
information in the original articles. Part IV contains sixteen tables showing the 
properties of bearing metals. 

This volume is a valuable contribution to workers and students in this field. In 
looking up the published information on this whole field or on any special phase of it, 
much time can be saved by making use of the material which Corse has collected and 
put into convenient and usable form. The author index contains about seven hun¬ 
dred names, and the subject index provides an easy means of finding the information 
on some two hundred subjects. 

Oscar E. Harder. 

Grundlagen der Photochemie. By K. F. Bonhoeffer and P. Hartbck. 295 pages; 

73 figures; 30 tables. Dresden and Leipzig: Theodore Steinkopff, 1933. Price: 

bound, 25 R.M.; unbound, 24 H.M. 

In the three or four decades during which the study of chemical kinetics has been 
intensively pursued, it has become increasingly evident that there is no golden road 
to knowledge along which progress takes an easy course. This is equally or more 
true of photochemical kinetics. The technique is difficult; the theory, involving 
several domains of physics and chemistry, is complicated and incomplete. The 
Einstein law of photochemical equivalence and its experimental verification marked 
a milestone of substantial achievement; the application of the principles of modern 
spectroscopy to photochemical phenomena ushers in the newest phases of photo¬ 
chemistry. 

It is these principles and their detailed application to various photochemical 
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reactions that are admirably introduced and treated in the present work. Experi¬ 
mental procedure is wholly omitted nor is any attempt made to give a complete 
citation of all photochemical reactions that have been investigated, though the most 
important ones, naturally, are discussed in applying theoretical considerations to 
them. 

The first chapter contains a list of gaseous and liquid reactions of which the 
quantum yields have been determined both in direct and in sensitized photochemical 
reactions. The second chapter, entitled ‘The Photochemical Primary Process,” is 
introduced by a splendidly condensed general treatment of atomic and molecular 
light absorption, continuous and discrete spectra, dissociation and predissociation, 
followed by the application of these principles to many photochemically important 
substances for which tables of absorption spectra and diagrams of energy levels are 
given. The third chapter deals wdth the photochemical secondary or thermal re¬ 
actions that follow the primary act. The final chapter treats rather fully the com¬ 
plete kinetics of about a dozen of the most fully investigated photochemical re¬ 
actions. 

After examining this excellent treatment of photochemistry from the modern 
standpoint, one cannot fail to be impressed by the fact that in spite of its greater 
experimental difliculties photochemistry has not only repaid thermal kinetics for all 
that was borrowed, but has enriched it wdth a knowledge of atomic chemistry that 
wdll enable both to advance with enhanced certainty and rapidity, arduous though 
the w'ay may be. 

S. C. Lind. 

Liquid Crystals ond Anisotropic Melts, A General Discussion held by the Faraday 

Society, 25 x 16 cm.; iv -f 204 pp. London: Gurney and Jackson, 1933. Price: 
12/6d. 

The present volume, reprinted from the Transactions of the Faraday Society, 
contains twenty-four papers and a general discussion. Two papers, that on the 
connection betw een the x-ray patterns of gases and true liquids, and the contribution 
of Bernal and Fowler on water, are particularly interesting. Water is, we presume, 
nearly as good a liquid as ever was, and our feeling is that the subject matter of the 
volume should have been extended to include the most interesting question of struc¬ 
ture in so-called isotropic liquids. The book would then have possessed a uniformity 
which its contents at present belie. 

There is no question about the value of the book as a whole. The subject has 
previously received attention from Continental scientists alone, as reference to a 
recent volume of the Zeiischrift fur Kristallographie show s. The names of Vorlander, 
Kast, Ornstein, Rinne, Zocher, and Ostwald are sufficient guarantee to the authorita¬ 
tive nature of the volume under review. In addition there are the English contrib¬ 
utors, Bernal, W, H. Bragg, Crow'foot, Fowler, Malkin, and LawTence. 

Ornstein and Zocher discuss rival theories of liquid crystals; Rinne emphasizes 
their biological importance. Lawrence makes a valuable contribution to the study 
of the lyotropic mesomorphs. Until these discussions, little or no study of the true 
crystalline phases of liquid-crystal forming substances had been made. Bernal and 
Crowfoot have performed a valuable service in remedying this state of affairs. It is 
only by comparison of the densities in the solid and liquid phases that one may 
obtain clues as to the modifications of grouping w'hich take place on melting. If the 
arrangements in the true solid are unknowm, speculations about arrangements in true 
liquids or the mesophases of liquid crystals become mere guess w'ork. 

The work of Bernal and Fowler is of far-reaching importance. Lack of space 
prevents anything like an adequate summary of their paper; briefly, how^ever, their 
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achievements are these. The accepted crystalline structure of ice has been modified. 
The unit cell is very much bigger than that found by Barnes and the structure is 
molecular: four molecules are arranged in rough tetrahedral fashion round a central 
hfth. This arrangement and various developments of it in space, is, in conjunction 
with Prins^s theory, the basis of their explanation of the x-ray diffraction patterns 
of water and their variation with temperature. Water changes from something 
roughly ice-like at low temperatures to a quartz-like structure at ordinary tempera¬ 
tures. Further heating tends to produce close packing. 

The whole volume is of great value to those interested in structural physics and 
chemistry, particularly from the point of view of the transition from solid to liquid. 
Need the binding of the Discussions be quite so flimsy? 

J. T. Randall. 



I. THE ADSORPTION OF ALKALI HYDROXIDES BY SILICA 
GEL IN THE PRESENCE OF AMMONIA AND 
AMMONIUM SALTS^ 

I. M. KOLTHOFF and V. A. STENGER* 

School of Chemistryy University of Minnesota, Minneapolis, Minnesota 

Received July 

In a preliminary communication (4) various factors affecting the ad¬ 
sorption of cations from ammoniacal solution by silica gel have been men¬ 
tioned. It has been pointed out that equilibrium may not be reached even 
after a long time of shaking, and that during the experiment the external 
and internal surface of the gel may change, owing to the dissolving effect 
of the alkali. Since the alkali hydroxides form soluble silicates, it might be 
expected that with these bases adsorption equilibrium is attained more 
quickly than in cases where the cations form slightly soluble silicates. In 
this paper the adsorption of sodium and potassium hydroxides, also in the 
presence of ammonia and ammonium salts, and of ammonia by silica gel 
is described. 


SILICA GEL USED 

The same gel was used as in the previous work (4). It was purchased 
from the Silica Gel Corporation and had originally been prepared by a 
modification of McGavack and Patrick's method (5). It was purified in 
this laboratory with nitric acid and finally by electrodialysis as described 
before (4), After drying at 350®C. it contained 3 per cent of water. In 
agreement with results of Bartell and Almy (1) it w’as found that on heating 
the gel to 900®C. its activity decreased considerably (40 to 50 per cent). 
In addition, its speed of solution in alkaline liquids had decreased markedly. 
In agreement with van Bemmelen's work (7) no indication was obtained that 
adsorbed water is chemically bound, but rather that it covers the surface of 
capillary walls as a result of capillary action and then fills the capillaries 
themselves. Figure 1 gives the results of experiments in which the gel 
was kept at various water vapor tensions for different times. The typical 
S shaped curves are found only at or close to equilibrium conditions; with 

1 From a thesis submitted by Vernon A. Stenger to the Graduate School of the 
University of Minnesota in partial fulfillment of the requirements for the degree of 
Doctor of Philosophy, 1933. 

* J. T. Baker Fellow in Analytical Chemistry, 1932-1933. 
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insufficient time of standing the curves representing the amount of water 
adsorbed at various vapor tensions have a different shape. The ordinate 
in figure 1 indicates the number of moles of water adsorbed per mole of 
silica gel; the abscissa gives the relative vapor tension. 



Fig. 1. Adsobftion op Water 


PBOCEDUBB AND ANALYSIS 

The experiments were carried out as described before (4), the samples 
being shaken at room temperature (around 26®C.) on an eccentric rotary 
shaker revolving at 160 r.p.m. 

The amount adsorbed was determined by analysis of the supernatant 
liquid or by extraction of the quickly washed gel with a known volume of 
standard acid; usually both procedures were followed. The total amount 
of base adsorbed was found by standard volumetric procedures, whereas 
ammonia in the presence of other bases was determined by oxidation with 
a new stable standard reagent, calcium hypochlorite. The details of this 
method will be described elsewhere. 

Former workers who have studied the adsorption of bases by silica gel 
have not considered the amount of adsorbent going into solution during 
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the experiments. In all our work the amount dissolved has been deter¬ 
mined by transferring the sample of gel, after extraction with acid and rins¬ 
ing, to a porcelain crucible and igniting for hours at 900®C. The water 
content of the original sample was determined in a similar way. 

EXPERIMENTAL 

In order to get comparable results the same speed of shaking, the same 
size of the gel, and the same temperature should be maintained during the 
work. The speed of adsorption and of solution appeared to increase with 
increasing speed of shaking and decreasing size of the particles of the gel. 
The adsorption of ammonia and the solubility in dilute ammonia solutions 
were determined at 5®, 25°, and 45°C., respectively. The adsorption of 
the base decreases, but the speed of solution increases much more markedly 
with increasing temperature. 

Adsorption of sodium hydroxide and potassium hydroxide 

Some results on the relation between the time of shaking and the amount 
of base adsorbed and amount of gel gone into solution are given in table 1. 
The number of milliequivalents of base adsorbed per 1 g. of original gel 
have been corrected for the amount of gel dissolved during the experiment. 

With the 0,0057 N sodium hydroxide solution, adsorption equilibrium 
seems to be reached after one hour of shaking, although more gel is going 
into solution on prolonged time of contact. With the stronger solution 
equilibrium has not been attained even after four hours of shaking, whereas 
more than 50 per cent of the gel had gone into solution after that time. 
With potassium hydroxide similar results were obtained. 

In the final experiments the adsorption isotherm was determined after 
four hours of shaking. The results plotted in figure 2 show^ the abnormal 
shape of the curve, if the data are not corrected for the amount of gel dis¬ 
solved. In figure 3 the amounts of sodium and potassium hydroxides, 
ammonia, and calcium hydroxide adsorbed after four hours of shaking and 
corrected for the dissolved gel are plotted. 

Adsorption of ammonium hydroxide 

The adsorption of ammonium hydroxide was studied in considerable de¬ 
tail, since in later experiments the adsorption of cations from ammoniacal 
solution was investigated. Preliminary experiments showed that ad¬ 
sorption equilibrium is virtually established within two hours, although 
on longer leaking more gel is going into solution. 

Table 2 gives the percentage of gel going into solution and the amount of 
ammonia adsorbed after two hours of shaking. The reported adsorption 
data have been corrected for the dissolved amount of gel. 
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The desorption of the ammonia was studied by washing the gels con¬ 
tinuously with water for various periods of time. Even after sixty days 
all the gels contained some ammonia, but only of the order of 3 to 4 per 


TABLE 1 

Adsorption of sodium hydroxide and solubility of gel in the alkaline solution 
0.6 g. of gel; 100 cc. of solution 


TIME SHAKEN 

FINAL CON¬ 
CENTRATION 

OF NaOH 

OEL 

DISSOLVED 

NaOH ADSORBED (not 
CORRECTED FOR SOLUBILITY | 
OF GEL) 

MILLIEQUIVALENTS PER 
ORAM OF GEL 

NaOH AMORBBD 
(corrected for solubility) 

ICILUBQUIYALBNTS PER 
ORAII OF GEL 




From 
analysis of 
solution 

From 
extraction 
of gel 

From 
analysis of 
solution 

From 
extraction 
of gel 


Original concentration ofNaOH = 0.00566 N 


hour» 

0.5 

N 

0.0033 

per cent 

1.8 

0.48 

0.47 

0 49 

0.48 

1 

0.0030 

2.85 

0 54 

0.54 

0.55 

0.56 

2 

0.0030 

4 8 

0.54 

0.54 

0.57 

0 56 

4 

0.0032 

6 5 

0.50 

0.50 

0.53 

0 53 

6 

0.0031 

6.75 

0.51 

0.50 

0 55 

0 54 

12 

0.0031 

7.3 

0.51 

0.61 

0 55 

0.55 


Original concentration of NaOH ~ 0.0566 N 


0.5 

0.0513 

7 0 

1.07 

1 00 

1 15 

1 08 

1 

0 0509 

18 9 

1.14 

1 09 

1 41 

1 34 

2 

0.0511 

32.7 

1.10 

1 04 

1 64 

1 55 

4 

0 0525 

56.4 

0 82 

0 77 

1 89 

1.77 


TABLE 2 

Adsorption of ammonia 


0.5 g. of gel per 100 cc. of solution; 2 hours of shaking 


FINAL concentration 

OF NHt 

GEL DISSOLVED 

NHa ADSORBED IN MILLIEQUXVALENTS PER ORAM 

(corrected for solubility) 

From aimlysis of 
solution 

From extraction of 

N 

per cent 



0.00680 

4.1 

0 52 

0.51 

0.0119 

5.0 

0 68 

0.67 

0.0207 

4.4 

0.85 

_ 

0.0443 

5.7 

1 12 

— 

0 0696 

7.2 

1 29 

1.28 

0 0923 

7 4 

1 56 

1.48 

0.1625 

9 2 

1.74 

1.74 

0.24 

10.0 

2 05 

1.96 

0.49 

12 3 

2.14 

2.31 

0.99 

14.4 


2.80 

1.98 

17.9 

— 

3.48 
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cent of the original amount adsorbed. It is interesting that especially in 
the first periods of the desorption the gels lost fairly much in weight, thus 
showing that the adsorbed ammonia is given off in the form of ammonium 
silicate. 



Fio. 2. Adsorption of Sodium Hydroxide 



Fig. 3. Adsorption of Various Bases 


Experiments have been made in which the adsorption of ammonia at 
various concentrations was determined in the presence of varying amounts 
of ammonium chloride. The adsorption of ammonia (no chloride is re¬ 
moved from the solution) appeared to be entirely independent of the am- 
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monium salt concentration in the solution, although, as might be expected, 
the solubiUty of the gel is markedly decreased in the presence of an excess 
of ammonium ions. 

The adsorption of potassium hydroxide in the presence of potassium and 

ammonium salts 

Potassium salts favor the adsorption of potassium hydroxide, as is shown 
by some figures given in table 3. 

Ammonia and potassium chloride. On shaking an aqueous solution of po¬ 
tassium chloride with silica gel a slight hydrolytic adsorption of the base 
takes place, no chloride being removed from the solution. This result is 
in agreement with the findings of Bartell and Fu (2). In the presence of 
ammonium hydroxide a strong adsorption of potassium hydroxide is found, 
whereas the ammonia adsorption decreases markedly. Experiments have 

TABLE 3 

Adsorption of potassium hydroxide in the presence of potassium chloride 

(4 hours) 


CONCENTRATION OF KOH 

CONCENTRATION 
OF KCl 

GEL 

DISSOLVED 

KOII ADSORBED IN MILLI> 
EQUIVALENTS FER GRAM (COR¬ 
RECTED FOR SOLUBILITY) 

Original 

Final 

From analysis 
of solution 

From extraction 
of gel 

N 

N 

N 

per cent 



0 005 

0 0025 

0 

5 8 

0 55 

0 55 

0 005 

0 0010 

0 1 

4 4 

0 85 

0 85 

0.005 

0.00067 

0 5 

3 6 

0.91 

0 94 

0 05 

0 0466 

0 

55 7 

1.78 

1.65 

0 05 

0.0468 

0.1 

58 4 

1.76 

1 69 

0.05 

0 0464 

0.5 

61 8 

2.12 

2 03 


been carried out in various mixtures of ammonia and potassium chloride 
over periods of time up to twelve hours. Adsorption equilibrium was 
attained after four hours of shaking. The results of 4-hour experiments 
are given in table 4 and plotted in figure 4. 

It is evident that the potassium and ammonium ions compete for posi¬ 
tions at the surface of the gel. If the concentration of the ammonium ions 
is increased, the adsorption of potassium hydroxide is strongly reduced. 
Comparison of the results given in tables 4 and 5 brings this fact out very 
clearly. 

If, on the other hand, the concentration of the ammonium ions is strongly 
decreased by working with mixtures of potassium hydroxide and n.mmnniq, 
the adsorption of the latter is reduced markedly. The adsorption of am¬ 
monia from a 0.05 N solution, for example, was 1.12 milUequivalents per 
gram; in tibe presence of 0.025 N potassium hydroxide it amounted to 0.35. 
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The adsorption of the potassium hydroxide increased from 1.32 milliequiva- 
lents in the absence of ammonia to 1.43 milliequivalents in the presence of 
0.05 N ammonia. 


DISCUSSION OF THE RESULTS 

It is evident that in the adsorption of potassium and sodium hydroxides a 
primary adsorption of hydroxyl ions takes place, the latter ionize the sur¬ 
face of the gel, and a secondary adsorption of the alkali ions takes place. 
If the concentration of the alkali ions is increased by adding them in the 
form of a neutral salt to the alkaline solution, an increased adsorption of 
the base is noticed (see table 3), since less energy is required to withdraw 
the alkali ions from the solution. The adsorption curves as determined 
by Patrick and Barclay (6) and by Bartell and Fu (2) have no exact signifi- 



Fig. 4. Adsorption from Ammonium Hydroxide-Potassium Chloride Mixtures 


cance, since their data have not been corrected for the loss in solubility of 
the gel. It should be mentioned that this correction is smaller under their 
experimental conditions than in our work, however. In solutions of the 
bases more concentrated than about 0.03 N, the solubility is so pronounced 
that no adsorption equilibrium can be attained. The surface of the gel is 
changing constantly and new layers of the gel are exposed continuously to 
the solution. In addition, it should be realized that the dissolved silicate 
is hydrolyzed, resulting in a decrease of the hydroxyl ion concentration of 
the alkali hydroxide in the solution. From our results one may infer that 
the adsorptions of sodium and potassium hydroxides by silica gel are of 
the same order, but no more exact conclusions can be drawn. 

The speed of adsorption of ammonia is greater than that of the strong 
alkali hydroxides. This might be caused by a more rapid diffusion of the 
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TABLE 4 

Adsorption from ammonia’-potassium chloride mixtures 


0.5 g. of gel; 100 cc. of solution; 4 hours of shaking 


ORIGINAL 
CONCEN¬ 
TRATION 
OF NHi 

KCl 

CONCEN¬ 

TRATION 

PINAL 
CONCEN¬ 
TRATION 
OF BASE 

GEL 

DISSOLVED 

BABB ADSORBED IN IflLUBQOiyALENTS 
PER ORAM (CORRECTED) 

MOLAR 

RATIO 

NHi:KOH 

ADSORBED 

Total base 

NHi 

i 

KOH 



From 

solution 

From 

extraction 

N 

0.099 

N 

0 

N 

0 0914 

per cent 

9 5 

1.66 

1.56 

1.56 

0 


0.099 

0.1 

0.0904 

9.8 

1.88 

1 84 

0.49 

1.35 

0.36 

0.099 

0.5 

0.0893 

11.2 

2 16 

2.18 

0.24 

1.94 

0.12 

0.099 

1.0 

0.0886 

11.4 

2 33 

2.32 

0 20 

2 12 

0.09 

0.60 

0 


17.5 


2 42 

2.42 



0.60 

0.1 


21 3 


2 67 

1.19 

1.48 

0.80 

0.50 

0.5 


26 3 


3 12 

0.67 

2.45 

0.27 

0.50 

1.0 


27.9 


3 42 

0.51 

2.91 

0.17 

1.0 

0 


23 2 


2 80 

2 80 



1 0 

0.1 


30 0 


3 08 

1.61 

1.47 

1.1 

1 0 

0.5 


37.7 


3 80 

1.09 

2 71 

0 40 

1.0 

1.0 


41.9 


4.35 

0.79 

3.56 

0.22 


TABLE 5 

Adsorption from ammonia-ammonium chloride-potassium chloride mixtures 


0.5 g. of gel; 100 cc. of solution, 4 hours of shaking 


ORIGINAL 

CONCEN¬ 

TRATION 

OP NHa 

CONCEN¬ 

TRATION 

OF NHiCl 

CONCEN¬ 

TRATION 

OP KCl 

GEL 

DISSOLVED 

BASE ADSORBED IN MILLIEQDIVA- 
LENTS PER GRAM (CORRECTED 
FOR SOLUBILITY) 

MOLAR 

RATIO 

NHi:KOH 

ADSORBED 

Total base 

NHi 

KOH 

N 

N 

N 

per cent 





0.099 

0.1 

0 

3.4 

1 48 

1.48 



0.099 

0.1 

0 1 

4.0 

1.61 

1.10 

0.51 

2.15 

0.099 

0.1 

0,5 

4 4 

1.77 

0.64 

1.13 

0,57 

0.099 

0.5 

0 

2.3 

1.48 

1.48 

i 

1 


0 099 

0.5 

0.1 

3 1 

1.59 

1 49 

0.10 

14.9 

0 099 

0.5 

0.6 

3.3 

1.65 

1 18 

0.47 

2.5 

0 5 

0.1 

0 

3 6 

2.31 

2 31 



0 5 

0.1 

0.1 

7.9 

2 42 

1 88 

0.54 

3.5 

0 5 

0.5 

0 

2.9 

2 35 

2.35 


i 

0 5 

0.5 

0.1 

4.8 

2.41 

2.29 

0.12 

19.1 

0.5 

0.5 

0.6 

5.0 

2.52 

1.97 

0.55 

3.6 

0.5 

1.0 

0 

3.5 

2.32 

2.32 



0.5 

1.0 

0.6 

3.9 

2.50 

2.28 

0.22 

10.4 

1.0 

0.5 

0 

4.7 

2.80 

2.80 



1.0 

0,5 

0.1 

6.0 

3.03 

2.90 

0.13 

22.3 

• 1.0\ 

0 5 

0.6 

6.4 

3.04 

2.49 

0.65 

4.5 

i.o\ 

1.0 

0 

4.1 

2.80 

2.80 



-Lii- 

1.0 

0.6 

4.9 

2.98 

2 74 

0.24 

11.4 
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ammonia into the interior of the gel. Some experiments were made in 
which the dried gels (containing 3 per cent of water) and those previously 
saturated with water vapor (containing 42 per cent of water) were used. 
After short periods of shaking, more ammonia was adsorbed by the dry 
gels, indicating that the ammonia diffuses more rapidly into the gel than 
water does. After two hours of shaking the same amounts of ammonia 
were adsorbed by both kinds of gel. Whereas addition of potassium chlo¬ 
ride increases the adsorption of potassium hydroxide very markedly, no 
such effect was noticed upon adding an ammonium salt to the ammonia 
solution. The adsorption of the ammonia was found to be independent of 
the concentration of the ammonium salt. The adsorption is primarily a 
function of the hydroxyl ion concentration; by addition of an ammonium 
salt to the ammonia solution this concentration is strongly reduced. How¬ 
ever, the product of (OH'“)(NH 4 “^) remains practically constant. From 
the fact that the ammonia adsorption is not affected by the concentration 
of ammonium salt in the solution, one might infer that the adsorption of the 
base is primarily a molecular and not an ionic one. However, the results 
of various experiments point in the direction that the ammonia is held in the 
ionized state. In the desorption experiments, for example, the ammonia 
was washed out in the form of ammonium silicate. The data presented in 
tables 4 and 5 show a primary adsorption of hydroxyl ions to take place, 
whereas the ammonium and potassium ions compete in the secondary 
adsorption. After this work had been concluded M. Berthon (3) pub- 
hshed a note in w^hich he mentioned that sodium hydroxide was adsorbed 
by silica gel from a mixture containing ammonia and sodium chloride. 
However, he did not consider the effect of the salt upon the adsorption of 
ammonia. It is seen from the figures in table 4 that the adsorption of the 
weak base is strongly reduced in the presence of potassium chloride. This 
does not necessarily mean that the potassium ions are more strongly ad¬ 
sorbed than the ammonium ions, because the latter are greatly outnum¬ 
bered by the former. For example, in the experiment with 0.1 N ammonia 
and 0.1 JV potassium chloride the ratio of NH 4 '^ to is approximately 
1:75. If the ammonium ion concentration is increased by addition of 
ammonium chloride (see table 5), about two to three times more ammo¬ 
nium than potassium hydroxide is adsorbed at the same ammonium and 
potassium ion concentration in the solution. This indicates that ammo¬ 
nium ions actually are more strongly held by the ionized silica surface than 
potassium ions. 

It is interesting to notice that at a given ammonia concentration the 
ratio of ammonia to potassium hydroxide adsorbed is nearly a linear func¬ 
tion of the ratio of ammonium to potassium ions in the solution (table 5), 
hence the total effect is mainly determined by the competition between the 
ammonium and potassium ions. However, table 5 also furnishes some evi- 
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dence that part of the ammonia is adsorbed in the molecular form. The 
molar ratio of ammonia to potassium hydroxide adsorbed with the same ratio 
of ammonia to potassium ions in the solution increases slightly but regu¬ 
larly with increasing ammonia concentration in the solution. The changes, 
however, are small, indicating that the ratio in which the two bases are 
adsorbed at the same hydroxyl ion concentration is mainly determined by 
the ratio of the concentration of the ammonium and potassium ions in the 
solution. It is easily understood then that in mixtures of potassium and 
ammonium hydroxides the adsorption of the latter is so strongly reduced. 

SUMMARY 

1. It is impossible to determine the adsorption of strong alkali hydroxides 
by ffllica gel with any degree of exactness, owing to their dissolving effect 
upon the gel. Our results indicate that the adsorption of potassium hy¬ 
droxide is of the same order as that of sodium hydroxide. 

2. The adsorption of ammonia is primarily ionic. Owing to the fact 
that it is a weak base, its adsorbability is found to be less than that of so¬ 
dium or potassium hydroxide at the same analytical concentration in the 
solution. 

3. Potassium salts increase the adsorption of potassium hydroxide, 
whereas ammonium salts do not affect the adsorption of ammonia. 

4. The amount of total base adsorbed from a mixture containing am¬ 
monium and potassium ions is primarily a function of the hydroxyl ion 
concentration of the solution. The ratio in which ammonium and potas¬ 
sium hydroxides are adsorbed is mainly determined by the ratio of am¬ 
monium to potassium ions in the solution. 

5. The secondary adsorption of ammonium ions is stronger than that f)f 
potassium ions. 
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The investigations so far carried out on this subject (1) have shown that 
the germicidal power of a disinfectant is not determined by the magnitude 
of the partition coefficient, which measures the ratio of its solubilities in a 
protein sol and water. Thus, p-chlorophenol is five times as efficacious in 
disinfecting power as phenol, and yet the partition coefficients 

8oluV)ility in protein sols 
solubility in water 

are of much the same order of magnitude, e.g., 4 and 3, respectively. 

In the case of proteins in the precipitated or coagulated state, however, it 
has been found that there is a general parallelism between the germicidal 
powers of the phenols and their partition coefficients between proteins and 
water. This result was unexpected, as the normal physiological state of 
proteins in the cell is not a coagulum, but a sol or gel. Furthermore, the 
partition coefficients are much higher with protein coagulae than with 
colloidal solutions, such as egg albumin sols, or gels, e.g., ordinary gelatin; 
in the case of phenol the partition coefficient is 3 with sols and gels, and 12 
with albumin coagulated by heat or by phenol itself. Similar results were 
obtained with cresol and chlorophenols. 

The experimental work described in the present paper has been carried 
out with the object of discovering an explanation of these unexpected 
physico-chemical observations. 

I, DISTRIBUTION OF CHLORAL HYDRATE AND PICRIC ACID BETWEEN 
PROTEINS AND WATER 

In the first place, we have endeavored to ascertain whether such abnor¬ 
malities apply to disinfectants and physiologically active substances other 
than phenols and cresols, and their halogen derivatives. For this purpose 
chloral hydrate and the nitrophenols were selected. 

a. Chloral hydrate and gelatin 

Weighed amounts of gelatin (1 g.) were immersed in aqueous solutions of 
chloral hydrate varying from 5 to 20 per cent. The strengths of the solu- 
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tions were estimated at the beginning of the experiment and then after 
standing at IS^C. for three days, by adding a known volume of N sodium 
hydroxide to a measured portion of the solution and titrating the excess of 
unused alkali with N sulfuric acid. 

a,C-CH(OH), + NaOH - CHCl, + HCOONa + H,0 
The results are given in table 1. 

6. Chloral hydrate and egg albumin 

Similar experiments were carried out with colloidal solutions of egg 
albumin. Ten cc. of water, in which 1 g. of the protein had been dissolved, 
were introduced into a series of viscose dialyzers, and these were then 
respectively immersed in solutions of chloral hydrate, varying from 
10 per cent in strength (50 cc.). By this means it was possible to ana*.,. 


TABLE 1 

Chloral hydrate and gelatin 
1 g. of gelatin to 60 cc. of chloral hydrate solution 


WATER PHASE 

WEIGHT OF 
CHLORAL HYDRATE 
TAKEN UP MY 1 

0 OF PROTEIN 

B 

DISTRIBUTION 

RATIO 

BfA 

CONDITION or 
PROTEIN 

Initial oonoen- | 
tration per co. 

Final concentration 
per cc 

A 

gramt 

orama 

grama 



0.1920 

0.1853 

0.402 

2.1 

Precipitated 

0.1440 

0.1407 

0.198 

1.4] 


0.0960 

0.0960 

0 

0 

Unaffected 

0.0480 

0.0480 

0 

oj 



the water phase in the complete absence of the protein phase after equi¬ 
librium had been attained (three da 3 r 8 ). The results are set out in table 2. 

Parallel experiments were then set up with picric acid, the strengths of 
the aqueous solutions being estimated by titration with standard alkali 
(methyl red as indicator). Tables 3 and 4 give the results of these experi¬ 
ments. 

The following conclusions may be drawn from these results. (1) In 
the case of chloral hydrate with gelatin there is a slightly increased value of 
the distribution ratio at precipitation, but with egg albumin no increase at 
all is apparent. (2) With picric acid, the distribution ratio also increases 
slightly when the precipitation of the gelatin first commences, but as the 
concentration of the picric acid rises, the ratio again falls rapidly in magni¬ 
tude, although the protein remains permanently in the coagulated state. 

The results are thus quite different from those observed in the case of 
phenol and cresol, and it may be concluded that the marked increase in 
the magnitude of the partition coefficient at precipitation observed with 
tiiese substances is not general for all hydroxy compounds. 
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TABLE 2 

Chloral hydrate and egg albumin 
1 g. of albumin to 60 cc. of chloral hydrate solution 


WATER PRASE 

WEIGHT OP 
CHLORAL HYDRATE 
TAKEN UP BY J 0. 
OP PROTEIN 

B 

DISTRIBUTION 

RATIO 

B/A 

CONDITION OP 
PROTEIN 

Initial concen¬ 
tration per cc 

Final concentration 
pe^cc. 

gravia \ 

grama 

grama 



0.0834 1 

0.0810 

0.1380 1 

1.7 

Precipitated 

0 0331 

0.0314 

0.1020 

3.2 

Unaffected 

0.0081 

0.0079 

0.0120 

1 5 

Unaffected 

0 0041 

0.0039 

0 0120 

i 

3 0 

Unaffected 


TABLE 3 


Gelatin and picric acid 

0.5 g. of gelatin to 40 cc. of picric acid solution 


WATER PHASE 

WEIGHT OF 
PICRIC ACID TAKEN 
UP BY 1 O. OF 
PROTEIN 

B 

DISTRIBUTION 

RATIO 

B;A 

CONDITION OP 
PROTEIN 

Initial concen¬ 
tration per cc 

Final concentration 
per cc. 

.4 

grama 

grama 

grama 



0 0112 

0 0085 

0.2154 

25 3 

Precipitated 

0 0056 

0 0033 

0.1814 

55.0 

Precipitated 

0 0028 

0 0009 

0.1527 

158 5 

Precipitated 

0 0019 i 

0.0005 i 

0.1069 

214 0 1 

Precipitated 

0.0011 1 

0 0004 1 

0 0534 

133 5 i 

Unaffected 

0.0006 1 

0.0004 

0 0133 

33 2 

Unaffected 


TABLE 4 

Gelatin and edestin with phenol 



WATER 

PHASE 

amount OF i 

PHENOL 
DISSOLVED 
BY 1 O. OF 1 
PROTEIN ' 


CONDITION OF PROTEIN 

Initial con¬ 
centration 
of phenol 
per cc. 

Final con¬ 
centration 
of phenol 
per cc. 

.4 

PARTITION 

COEFFiaENT 

BA 


(a) Gelatin. 1 g. of gelatin to 40 cc. of phenol solution 


Precipitated by dialyzed iron. 

grama 

0.0023 

grama 
0.0020 1 
0.0021 

grama 

0 0124 

6 2 

.".. 

0 0023 

0.0090 

4.3 



(b) Edestin. 1 g. of edestin to 40 ccr. of phenol solution 



0.0032 

0.0031 

0.0040 1 

1.3 

. 

Insoluble edestin chloride. 

0 0032 

0.0031 

0.0040 1 

1,3 
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II. SOLVENT POWER OF COAGULATED PROTEINS FOR PHENOL 

Experimental work has also been carried out with the object of ascertain¬ 
ing whether the increased solvent power for phenol, which is observed when 
proteins are coagulated by heat, or by the action of phenol itself, also takes 
place when precipitation of the protein is effected by other means. 

In the first place, a comparison has been instituted between the solvent 
powers for phenol of a gelatin sol and gelatin precipitated by the addition 
of a colloid of opposite electric charge, e.g., dialyzed iron. And, in the 
second place a similar comparison has been made in the case of edestin dis¬ 
solved in salt solution and the insoluble edestin chloride formed by adding a 
drop of hydrochloric acid to edestin solution. 

a. Gelaiin sols 

Gelatin (1 g.) was introduced into viscose dialyzers, containing 15 cc. of 
a dilute phenol solution and immersed in 25 cc. of the same phenol solution. 
The experiment was carried out at 37®C., so that the gelatin dissolved and 
formed a ‘'sol.'' Into one of the dialyzers sufficient dialyzed iron was 
added to precipitate the “sol," and after three days for equilibrium to be 
attained the phenol concentration in the protein-free water phase (outside 
the dialyzers) was estimated by Lloyd's method (3), which depends on the 
formation of tribromophenol from the interaction of bromine and phenol. 

In the experiment with edestin 10 cc. of a 5 per cent salt solution in 
which 1 g. of the protein had been dissolved was introduced into dialyzers, 
which stood in 30 cc. of a phenol solution of known strength. To one of 
the dialyzers one drop of concentrated hydrochloric acid was added. After 
three days the phenol in the water phase was estimated as before. 

The results of these experiments are shown in table 4. The observations 
show that in the case of gelatin the partition coefficient is slightly raised by 
precipitation with dialyzed iron, but the increase is small compared with 
that caused by precipitation of the gelatin by phenol itself (Cooper, 1912). 
In this case the partition coefficient rises as high as 30. 

The results obtained in the edestin experiment indicate that the solvent 
power of an edestin “sol" for phenol is not increased at all by conversion 
into the precipitated chloride. 

The increased solvent power is thus only manifested under certain experi¬ 
mental conditions, and is restricted to the particular cases of coagulation 
by heat and the action of phenols, i.e., it is associated strictly with the 
specific change induced in proteins by the process of “denaturation." 

III. THE SIGNIFICANCE OF THE WATER FACTOR 

Early in these researches (Cooper, 1923) it was realized that in a col¬ 
loidal solution of a protein a portion of the water present is probably asso¬ 
ciated or imbibed with the protein phase, and this question was considered 
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in relation to the problems under investigation. Possibly the imbibed 
water might possess less marked solvent properties than normal water. 
Hence when the protein was dehydrated by coagulation, the associated 
water thrown out would dilute the water phase, and as a result the increased 
solvent power for phenol observed when a protein is coagulated might be 
merely apparent, and the calculations fictitious. Experiments carried out 
at the time, however, suggested that this was not the case, and the results 
supported the view that the calculated partition coefficients were real. 
Since then considerable progress has been made in the field of colloidal 
chemistry, and in view of the new data now available further experimental 
work has been carried out. 

a. Experiments with red cells 

According to Krevisky (2) the amount of free water in the red cell is 
equal to one-third of the cell volume, whilst an equal proportion of water is 
bound water, i.e., associated with the protein and hence forming part of the 
disperse phase. 

By carrying out distribution experiments with red cells and phenol on the 
lines of those already described in this paper, it has therefore been possible 
to calculate the partition coefficients by two different methods: (1) 
assuming that the water imbibed in the protein phase is normal water 
and thus for purposes of calculation may be regarded as part of the water 
phase; (2) assuming that the association with the proteins renders the 
bound water abnormal in solvent properties and such that it must be 
regarded as an intimate constituent of the protein phase and not to be 
calculated as an integral part of the water phase. 

Red cells were obtained by centrifuging ox and pig blood. Fifteen 
cubic centimeters were introduced into a series of viscose dialyzers, which 
were immersed in varying concentrations of phenol (25 cc.), and after 
three days for equilibrium the phenol solutions outside the dialyzers were 
again analyzed. The percentage of protein in red cells is 30 per cent. 

The results have been calculated by the two different methods already 
mentioned, the respective data being as follows: (1) Protein 4.5 g. (30 per 
cent of red cells); water phase 25 cc. + 10 cc. (two-thirds of red cells) = 
35 cc. (2) Protein 4.5 g.; water phase 25 cc. + 5 cc. (one-third of red 
cells) = 30 cc. (See tables 5A and 5B, respectively.) 

5. Experiments with egg white 

St. John (4) has shown that the amount of water bound with the proteins 
of egg white is equal to 20 per cent of the total water content. 

Similar experiments to those carried out with red cells have therefore 
been made with egg white and phenol, and the partition coefficients have 
been calculated as before in two ways, (1) assuming the whole water content 
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TABLE 6A 


Experiment with red cells 


WATER PBASE 



Initial phenol concen¬ 
tration per cc. 

Final phenol concen- 
tration^per cc. 

DISSOLVED BT 1 0. 

OF PBOTISNB 

B 

DISTBIBimON RATIO 

BfA 


Ox 


grams 

grams 

grams 


0.0043 

0.0031 

0.0093 

3 

0.0064 

0.0040 

0.0187 

4.7 

0.0071 

0.0044 

0.0209 

4.7 

0.0107 

0.0074 

0.0266 

3.4 

0.0160 

0 0097 

0.0412 

4.2 

0.0164 

0.0103 

0.0476 

4.6 

0.0236 

0.0169 

0 0699 

3,6 

0.0267 

0.0162 

0.0739 

4.6 


Pig 


0.0088 

0.0055 


4.6 

0.0267 

0.0178 


3.8 

0.0381 

0.0198 

0.1423 

7.2 


TABLE 5B 

Experiments with red cells 


WATBB PHASE 


Initial phenol concen- Final phenol concen¬ 
tration per cc. tration per cc. 


AMOUNT OF PHBNOL 

nzBsoLVBn bt 1 a. or 

PROTEINS 

B 


DISTRIBUTION RATIO 

BfA 


Ox 


grams 

grams 

1 grams 


0.0060 

0.0031 


4.1 

0.0076 

0.0040 


6.8 

0.0083 

0.0044 

0.0260 

6.9 

0.0126 

0.0074 

0.0340 

4.6 

0.0175 

0.0097 

0.0620 

6.4 

0.0192 

0.0103 

0.0593 

6.7 

0.0275 

0.0159 

0.0773 

4.8 

0.0300 

0.0162 

0.0920 

5.7 


Pig 



0.0066 


6.8 


0.0178 


6.0 

0.0446 

0.0198 

0.1646 

8.3 
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of egg white is normal water and thus counted as water phase, and (2) 
assuming the bound water to be abnormal and thus regarded as part of the 
protein phase. Calculated in the ordinary way, the partition coefficients 

amount of phenol dissolved in protein sol 
amount of phenol dissolvod in water 

were on the average 3.7. Calculated in the alternative way by regarding 
the proportion of bound water as a constituent of the disperse phase, the 
mean coefficient was 5.0. In the case of the coagulated protein, the parti¬ 
tion coefficient was, however, 12. 

From the experimental results with red cells and egg white it is seen that 
the particular method of calculation makes very little difference in the 
actual value of the distribution ratios. By introducing the correction for 
the amount of imbibed water, the distribution ratios only increase by 
about one-third. Yet the partition coefficient in the case of a coagulated 
protein is approximately four times as great as that for the protein in a 
state of colloidal solution. The increased solvent power for phenol 
noticed when a protein is coagulated is thus a reality, and is not due to 
fictitious calculations arising out of movements of water from one phase to 
the other. 

A comparison was next made of the uptake of phenol by the moist and 
dry clot of egg white. Water is imbibed to a certain degree in a moist clot 
obtained by boiling a solution of egg white, but not by the clot after it has 
been dried at 100°C. 

Thirty-five cubic centimeters of phenol solution were mixed with 10 cc. of 
half-strength egg white (i.e., egg white diluted with an equal volume of w^ater 
and containing 6.0 per cent protein) for the moist clot experiment, the egg 
white then being coagulated in situ in the bottle by heat. For the dry clot 
experiment, 35 cc. of solution was used w ith 10 cc. of water and the dried 
and powdered clot from 10 cc, of diluted egg w^hite w^as then added. 

This experiment thus afforded a further simple method of studying the 
significance of the water factor. 


WATKR PRASB 

AMOUNT OF PHENOL 

IN 1 O OF PROTEIN 

B 

B/A 

Initial concentration 
per cc. 

Final concentration 
per cc. 

A 

^m$ 

grama 

grama 


0.01027 

0 00729 

0.2233 

30.6 Moist clot 

0.01027 

1 0.00699 

0.2460 

35.2 Dry clot 


The dry clot of egg white absorbs slightly more phenol than the moist 
clot from solutions of the same strength. Thus, in the case of phenol, it 
makes very little difference whether the water in the system is entirely in 
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one phase or whether it is present in the protein phase as well. The man¬ 
ner of distribution of the water hence does not affect the value of the par¬ 
tition coefficients to any appreciable extent, and the results are confirma¬ 
tory of those already described in this section. 

Although the rise in the value of the partition coefficient at coagulation 
is not due to errors in calculation introduced by transfer of water from one 
phase to another, yet this water factor may be of real significance in 
another way. The solubility of phenol in proteins will probably be dimin¬ 
ished by the presence of bound or imbibed water, and the normal solvent 
power of proteins for phenol will hence not be manifested until the phenol 
replaces the associated water, which it will drive out through its dehyxlrat- 
ing action, thus causing coagulation. According to this view the partition 
coefficients obtained with coagulae measure the true solubility of phenols 
in proteins, and an explanation is offered for the abnormally low coeffi¬ 
cients observed with colloidal solutions. 

The interpretation of the observations that the germicidal powers of 
phenol, cresol, and chlorophenols run parallel with their partition coeffi¬ 
cients with protein coagulae, whilst the coefficients with protein sols are all 
of the same order of magnitude (about 3) is however not so clear. If the 
solubility of phenols in coagulae is regarded as their normal solubility in 
proteins, then germicidal power in the case of phenols is proportional to the 
true partition coefficients, and the formation of a solution of the disinfectant 
in the bacterial proteins may be considered the first stage in the process of 
disinfection. No explanation is then given, however, of the absence of 
proportionality between germicidal power and the partition coefficients 
measured with proteins in the natural state, in which they occur in the 
cell (sols and gels). At the present time it can only be suggested that the 
bound water diminishes the solubility of cresol and chlorophenol in pro¬ 
teins to a greater extent than it does that of phenol itself, thus tending to 
maintain the partition coefficients at approximately the same value in all 
cases. When, however, the protein becomes coagulated through the 
dehydrating effect of the phenols, the associated water is expelled and 
transferred to the continuous phase, and the trvie partition coefficient 
specific and characteristic of each individual phenol reveals itself. The 
first phase in the process of disinfection by phenols is thus the formation 
of a solution in the bacterial proteins followed by coagulation, and cresol 
and chlorophenol are superior to ordinary phenol in germicidal power, be¬ 
cause they induce coagulation, i.e., expulsion of hound water, at a lower 
concentration (Cooper, 1913, 1923). 

SUMMARY 

1. Coagulated proteins possess a much higher solvent power for phenols 
than proteins in a imtural condition, e.g., sols and gels. This is true also 
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of picric acid, but to a lesser degree. Chloral hydrate, however, is excep¬ 
tional, the uptake of which by proteins is not materially affected by the 
physical state of the protein. 

2. Proteins precipitated from colloidal solution by the addition of a 
colloid of opposite electric charge or by formation of an insoluble salt do 
not exhibit this increased solvent power for phenol. 

3. By means of experiments with red cells and egg white, in which due 
allowance has been made for the proportion of water bound to the protein 
phase, it has been found that the increased partition coefficients observed 
at coagulation are realities, and not due to calculation errors introduced by 
movement of water from one phase to another. The imbibed water may 
however diminish the solubility of phenol in proteins, thus accounting in 
the case of sols and gels for the low partition coefficients, which rise to the 
normal figure when the water is expelled at coagulation. 
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In a preliminary paper (16) the authors have treated the problem of the 
rate of solution of magnesium in acids from the point of view of the extended 
theory of acids and bases (5, 18). The present paper is a continuation of 
that study with an attempt to consider the problem from the point of view 
of the diffusion rate theory as well as from that of the Bronsted-Kilpatrick 
theory. It will be demonstrated that in either case it is necessary to con¬ 
sider the extended theory of acids as an important factor. 

Consider first the reactions which take place when magnesium reacts 
with a strong acid such as hydrogen chloride. When hydrogen chloride 
dissolves in water, we have 

HCl + H 2 O HaO-^ -h Gl¬ 
and the reaction goes practically to completion to the right. The reaction 
can, therefore, involve the water, the hydrogen ion (HsO^), or the chloride 
ion. The metal itself is composed of magnesium ions (Mg'^+) and free 
electrons (10). 

Equation 1 gives one possible primary reaction. 

+ e H 2 O -f H (1) 

This might be followed by the reactions 

Mg++ Mg++ (la) 

(solid) (dissolved) 

2H H, (lb) 

the hydrogen escaping in the gaseous state. It is also possible for the 
primary reaction (3) to be 

-f Cl- MgCl+ or MgCl* (2) 

(solid) 

which would be followed by reactions 1 and lb. 

^ Abstracted from the thesis of John Henry Rushton presented in partial fulfill¬ 
ment of the requirements for the degree of Doctor of Philosophy, April, 1933. 
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Centnerszwer (8) considers the reaction to be between the metal and the 
molecular acid, but his computations are based upon the application of the 
classical law of mass action to solutions of strong electrolytes and cannot be 
accepted (14). 

If equation 1 is accepted as more probable, then in accordance with the 
extended theory of acids, any proton carrier should react with the metal, 
and for weak acids there should be a reaction with the molecules, as well 
as with the hydrogen ions. For example, in the case of acetic acid, 

CH,COOH + H,0 ^ H,0+ + CH,COO- 

and since this reaction does not go to completion to the right, in addition 
to the water reaction, two reactions are possible 

H,0+ + e -► H,0 + H (1) 

CH,COOH + e -♦ CH,000- + H (3) 

In fact, in accordance with the formal definition of an acid. 

Acid *=► Base -f- Proton , . 

A ^ B + H- 

Where A represents an acid and B its conjugate base, we have the general 
double acid-base reaction (6), 

A + e -+ B + A (5) 

Acid 1 Base 2 Base 1 Acid 2 

where A can be H3O+, CH,COOH, CHjClCOOH, C,H5NH+, H2O, etc. 
The water reaction is readily detectable at higher temperature as will be 
shown later. 

The question of which is the rate-controlling process has been discussed 
recently by Hammett (11) in connection with the work of Bronsted and 
Kane on sodium amalgams. Hammett concludes that if it could be proved 
that diffusion was not a factor in the determination of the reaction velocity 
in the experiments of Bronsted and Kane and of Kilpatrick and Rushton, 
these experiments would be strong evidence for reaction 1 as the rate¬ 
determining step. King and Braverman (17) conclude that while the “old 
diffusion theory” is not satisfactory without modification, certain results 
are definitely contradictory to the Bronsted-Kilpatrick theory. King and 
Braverman are vague as to the modification. In explanation of the disso¬ 
lution of metals, Palmaer (20) accepts the theory of local elements of de la 
Rive (9), and definitely rejects the diffusion theory. The theory of local 
elements seems to be well founded for impure metals, but does not apply 
to pure magnesium. 

In the first experimental section the dissolving of magnesium in strong 
acids will be described. The temperature coefficient of the reaction, the 
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relation of the rate to the concentration and volume of the solution and to 
the surface of the metal, the effect of stirring, and the effect of viscosity will 
be discussed. 


EXPERIMENTAL PART 

Four separate methods were used to follow the reaction. The amount 
reacted was determined at definite intervals of time by first, weighing the 
metal, second, measuring the volume of hydrogen evolved, third, titrating 
the solution, or fourth, measuring the amount of acid required to maintain 
a definite hydrogen-ion concentration as shown by an indicator. The last 
method was used in the study of the water reaction. 

The apparatus used differed for the several methods mentioned above 
for following the reaction. The majority of the experiments were followed 
by measurement of the volume of hydrogen evolved. Samples of gas given 
off in reactions with hydrochloric, acetic, chloroacetic, and formic acids 
were analyzed for gases other than hydrogen. Hydrogen was found to 
be the only gas evolved. Two types of apparatus were employed, one for 
experiments at 0° and 25°C., and another for experiments at higher tem¬ 
peratures. Figure 1 illustrates the apparatus used in the 25®C. thermostat. 
Figure 2 shows the apparatus used for work at temperatures higher than 
25®C. 

The reaction chamber of these two pieces of apparatus differed both in 
size and shape. The 25°C. reaction flask was either a 300-cc. Florence 
flask or a special cylindrical flask as shown in the diagram. This special 
flask was used so that the level of the solution could be adjusted to various 
sizes of metal bars. The reaction vessel in the vapor thermostat was 
cylindrical and of very much smaller capacity. Several runs were made in 
the vapor thermostat by passing water at 25®C. through the vapor chamber 
of the thermostat. In this ^vay parallel experiments were made in the two 
distinctly different reaction vessels and the results checked with each 
other. In each of the two pieces of apparatus the gas given off during the 
reaction w'as led to a water-jacketed gas buret, w^here the volume could 
be read at atmospheric pressure. 

In the vapor thermostat the metal bar was first placed in the reaction 
vessel and allowed to come to temperature while a solution was placed in 
the delivery tube. Upon reaching thermal equilibrium, stopcock A was 
set so that when stopcocks B and C were opened the solution drained into 
the reaction vessel and the total volume of the system remained unchanged. 
Stopcock A w^as then turned so that the gas was delivered to the buret. 
As soon as the pressure in the gas buret could be made equal to atmos¬ 
pheric pressure, stopcock C was closed. By this method no gas was lost 
at any part of the reaction. Various liquids were used for work at the 
different temperatures. 
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Any part of the (^lindrical bar of magneaium above the solution, or 
where reaction was not desired, was covered with collodion. No special 



Fig. 1. Appabatos fob Expebimukts at 25'’C. and at 0°C. 


methods were used to make the metallic surface active. It was found 
unnecessary to do this in the case of magnesium. The surface of the 
metal exposed varied from 7 to 35 cm.’ The metal cylinder was held in 
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solution by a small steel rod threaded into one end of the bar. The steel 
rod was passed through a steel cap containing mercury, forming a seal 
(see detail in figure 1) (13). The end of the steel rod was attached directly 
to an electric motor whose speed could be controlled by a small resistance. 



The opposite end of the motor shaft was connected to an electric tacho¬ 
meter with a scale reading directly in revolutions per minute. 

To measure the rate of reaction by weight determinations, a set of stirrers 
was built. Six shafts were run simultaneously from a main shaft driven 
by an electric motor whose speed was controlled by a rheostat. Bars of 
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metal were threaded onto the Bakelite shafts coupled to the main shaft. 
Six experiments were run simultaneously, the bars washed, dried, and 
weighed. Other weight determinations were made using the apparatus 
shown in figure 1. 


TABLE 1 


Data for two hydrochloric acid experiments 


TIMS 

NUMBER 6* 

NUMBBR 221 

Hydrogen 

evolved 

Hi 

- Ht 

Ho 

Hydrogen 

evolved 

Hi 

Hi,- Ht 

Ho 

Ujg 

i.<og -- 

"o “ til 

minutes 

cc. 



cc. 



1 

6.0 

132.2 i 

0.0200 

4.35 

63.65 

0.0285 

2 

11.4 

126.8 

0.0380 

8.60 

59.50 

0.0570 

3 

16.8 

121.4 

0.0665 

12.20 

55.80 

0.0855 

4 

22.0 

116.2 

0.0755 

15.76 

52.25 

0 1140 

6 

26.6 1 

111.6 

0.9038 

19.05 

48.95 

0.1425 

6 

31.5 

106.7 

0.1130 

22.05 

45 95 

0.1710 

7 

36.0 

102.2 

0.1313 

25.10 

42.90 

0 1995 

8 

40.3 

97.9 

0.1500 

27.80 

40.20 

0.2280 

9 

44.4 

93.8 

0.1632 

30.35 

37.65 

0.2565 

10 

48.4 

89.8 

0.1875 

32.75 

35.26 

0.2850 

11 

52.2 

86.0 

0.2062 

36.00 

33.00 

0.3135 

12 

55.8 

82.4 

0.2250 

37.10 

30 90 

0.3320 

13 

59.2 

79.0 

0.2435 

39.05 

28.95 

0.3705 

14 

62.6 

75.6 

0.2622 

40.90 

27.1 

0.3990 

15 

65.7 

72.5 

0.2808 

42.60 

25.4 

0.4275 

16 

68.8 

69.4 

0.2995 

44.25 

23.75 

0.4570 

17 

71.7 

66.5 

0.3180 

45.75 

22.25 

0 4850 

18 

74.5 

63.7 

0.3370 

47.175 

20.825 

0.5125 

19 

77.2 

61.0 

0.3558 

48.48 

19.52 

0 542 

20 

79.8 

58.4 

0.3743 

49.70 

18 3 

0.570 


♦Experiment No. 5. Temperature « 25®C.; initial concentration of acid » 
0.050 M; volume of acid » 225 cc.; Hq 138.2 cc.; surface speed «■ 2150 cm. per 
minute; metal area ■« 7.01 cm.*; 67.8 per cent of reaction followed; no sodium chloride 
present; k at 2000 cm. per minute » 1.36. 

t Experiment No. 22. Temperature = 25°C.; initial concentration of acid — 
0.025 M; volume of acid * 226 cc.; Hq « 68.0 cc.; surface speed -» 2670 cm. per min¬ 
ute; metal area ** 10.39 cm.*; 65.3 per cent of reaction followed; 0.025 M sodium 
chloride present; k at 2000 cm. per minute » 1.34. 

Experiments in the various reaction vessels showed that the rate of reac¬ 
tion as measured by the volume of hydrogen evolved, by the weight of metal 
dissolved, and by the decrease in acid concentration were in agreement. 
The shape of the reaction vessel and the length and diameter of the metal 
cylinder had no effect. The magnesium* itself was for most experiments 

* For this magnesium, the authors wish to thank The Aluminum Company of 
America. 
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of very high purity. The analysis showed no copper, zinc, lead, or free 
iron, 0.18 per cent of magnesium oxide, 0.02 per cent of silicon, and 0.02 
per cent of iron and aluminum. A few experiments made with ordinary 
c.p. magnesium sticks gave no appreciable difference in rate. 

METHODS OF EXPRESSING RESULTS 

The kinetic equation, based on the hypothesis that the rate depends on 
the collisions of the acid with the metal and is consequently proportional 



Time - Klinutfa 

(a) Slope*016*75 cm.‘ 

ot ^1*50 Spfrd ••• 1000*%,;^ 

W CiifNoR Slope • * 01650 V'llSctr^ ,5«»0.ZA cm*- 

K-1440 o7l{.l0^;j;i„at speed or K* IIA ot Zooo 

Fig. 3. Relation Between log -- - and Time for Hydrochloric 

Ho — Hi 

Acid Experiments Nos. 5 and 22 


to the acid concentration and to the surface of the metal, yields for the 
velocity constant of the reaction 


k 



(6) 


where V is the volume of the solution, S the surface, t the time, Co the 
initial acid concentration, and Ct the concentration at time t. 

The same expression can be derived by assuming that the rate is con¬ 
trolled by a process of diffusion, and employing Pick's law. Consequently 
the fact that equation 6 fits the data does not distinguish between a chemi¬ 
cal process and a process controlled by diffusion. Throughout the paper 
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V is expressed in cm.*, S in cm.*, and t in minutes, so that k has the dimen* 
sion cm. X min.~*. 

Table 1 gives the necessary data for two typical experiments with hydro* 

Ho 

chloric acid. Figure 3, in which log 77 -jr is plotted as ordinate and 

rio — tit 


TABLE 2 

Experiments at $5°C, 

Stirring speed » 2000 cm. per minute. Volume of solution » 225 cc. 


SXPBBIMBNT MO. 

AREA OF MBTAL 8URFACB 

/S 

k\ 

1 

5 

7.01 

0.04235 

4 

7.38 

0.0403 

23 

10.38 

0.0604 

22 

10.39 

0.0618 

3 

7.71 

0.0456 

18 

13.64 

0.0807 

17 

13.65 

0.0813 

13 

13.81 

0.0786 

14 

13.78 

0.0815 

20 

10.42 

0.0635 

19 

10.43 

0.0635 

59 

25.38 

0.1530 

25 

32.42 

0.1917 

26 

32.35 

0.1925 

24 

32.40 

0.193 


TABLE 3 
Experiments at 


Stirring speed «■ 2000 cm. per minute. Unit surface area 


MUMBEB OF 
DUPLXCATB 
BXPBBtMBMTS 

VOLUME OF ACID 

V 

1 

V 

AVERAGE VALUE 

OP ki 

OBVIATION OF kt 


CC. 



per ccrd 

5 

37.5 

0.02665 

0.03575 

4.2 

3 

180.0 

0.05550 

0.00745 

1.9 

5 

215.0 

0.00465 

0.00624 

0.5 

5 

225.0 

0.00445 

0.00595 

2.1 

1 


time as abscissa, shows that the reaction follows the pseudo monomoleoular 

h 

law. The slope of the line is ^, where 


2.3, Ho 
t H„-H 


( 7 ) 
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ki may be calculated for a series of solutions, using different volumes of 
solution and different areas of surface. 

EFFECT OF SUBFACE 

Table 2 gives the ki values for a number of experiments in which the 
same volume of solution was used and the area of the surface of the metal 
was varied. The values of fci are shown in relation to the surface in figure 
4. Over a wide range of surface ki is inversely proportional to the surface. 

A constant k 2 may now be defined 

I I I /n\ 

= - or (8) 



Suf-facc cm‘ 

Volvim« ^^5 001 ? , Tern per afurt 25* C. 

Fig. 4. Relation Between ki and Surface 

The values of kz are given for varying volumes of solution in table 3 and 
show that 


I 1 TP 1 2.ZV Ho 

k.t.v « h.—iv 5^3^ m 

These relations have been determined for solutions having the same con¬ 
stant stirring. Table 4 gives the data used to relate k to the stirring of the 
solution. It was found that different amounts of stirring resulted with 
cylinders of metal of different diameters, and in order to measure stirring 
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TABLE 4 


Hydrochloric acid experimetUt at tS^C. 


BXPBBIMBKT 

NO. 

BPBBD OF 
MBTAL BAR 

SmiFACB 

BTXRRINQ 

BPBBD 

k AT 

BXPBRIICBNT 

BPBBD 

k AT 2000 CM. 
PBR MXNCTB 
STIRRINQ BPBBD 

PBR CBNT OP 
RSACTXON 
POt.LOWBD 

INITIAL 
CONCBNTRA' 
TIOH OP ACID 


r.p.w. 

cm. per min. 




molee per liter 

33 

0 

0 

0.235 


10.7 

0.050 

34 

0 

0 

0.232 


27.0 

0.050 

35 

0 

0 

0.231 


30.8 

0.050 

36 

0 

0 

0.225 


41.2 

0.050 

37 

0 

0 

0.229 


56.0 

0.050 

7 

600 

1550 

1.418 

1.51 

62.4 

0.050 

6 

600 

1590 

1.504 

1.61 

59.8 

0.025 

8 

800 

2000 

1.46 

1.46 

62.3 

0.051 

5 

800 

2150 

1.38 

1.36 

57.8 

0.050 

4 

800 

2170 

1.245 

1.23 

41.1 

0.075 

9 

900 

2200 

1.495 

1.46 

62.3 

0.050 

23 

800 

2650 

1.403 

1.31 

12.0 

0.1235 

22 

800 

2670 

1.442 

1.34 

65.3 

0.025 

21 

800 

2700 

1.31 I 

1.20 

12.5 

0.075 

3 

1000 

2730 

1.44 

1.33 

39.0 

0 1235 

1 

1000 

2940 

0.932 

0.83 

82 5 

0.012 

2 

1000 

2940 

0.932 1 

0.83 

82.5 

0.012 

18 

800 

3060 

1 485 

1.33 

66.5 

0.050 

17 

800 

3080 

1.502 

1.34 

66.7 

0 050 

10 

850 

3090 

1.268 

1.08 

61.2 

0.050 

13 

1200 

4700 

1.695 

1.28 

61.8 

0.050 

14 

1200 

4500 

1.690 

1.33 

64.4 

0 050 

38 

2210 

5570 

1.30 

0.97 

99.2 

0.010 

59 

2250 

5840 

1.68 i 

1.22 1 

99.5 

0 050 

53 

2550 

6240 

1.87 

1.34 

. 100. 

0.050 

51 

2550 

6270 

1.87 

1 35 

100. 

0 050 

52 

2550 

6240 

1.70 

1.22 

99 3 

0.025 

50 

2550 

6270 

1.78 

1.28 

98.0 

0 025 

49 

2550 

6300 

1.78 

1.34 

98.0 

0 025 

48 

2550 

6300 

1.94 

1.38 

98.5 

0.050 

47 

2550 

6300 

1.99 

1.42 

98.7 

0.050 

46 

2550 

6320 

1.78 

1.28 

100. 

0.050 

45 

2550 

6320 

2.00 

1.41 

98.7 

0.050 

11 

1850 

7330 

1.99 

1.37 

11.6 

0.050 

16 

1850 

7350 

1.98 

1.37 

11.4 

0.050 

20 

2800 

9520 

2.15 

1.37 

9.5 

0.050 

25 

2000 

9550 

2.080 

1.33 

100. 

0.050 

19 

2800 

9580 

2.162 

1.37 

1.0 

0.050 

26 

2000 

9670 

2.125 

1.34 

100. 

0.050 

24 

2000 

9740 

2.100 

1.34 

100. 

0.050 

15 

3100 

11800 

2.472 

1.47 

1.5 

0.050 

o.oaA 

12 

3100 

12200 

2.460 

1.46 

Av. - 1.33 

1.5 
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the surface velocity 22 was employed by multiplying the circumference of the 
cylinder by the revolutions per minute. 

When the logarithm of the surface speed was plotted against the corre¬ 
sponding logarithm of A, it was found that the following relation held over 
a wide range of surface speeds, 

k = aR^ (9) 

where a and n are constants, n being the slope of the line in figure 5 and a 



(a) HO K-aR" (b) H(CtH»Ow) K« a R" 

Fig. 5. Logarithmic Relation Between k and Stirring Speed 


TABLE 5 

Hydrochloric acid experiments at 


NUUBBR OF DUPUCATR 
BXPBRIMBNTS 

METHOD 

AVERAGE VALCE8 OF k 
AT 2000 CM PER MINUTE 
STIRRING 

AVERAGE DEVIATION 

8 

Weight 

1.309 

per cent 

8.5 

35 

Volume 

1.335 

6 0 

8 

Titration 

1.312 

7 2 


the value of k when 22 == 1. The values of a and n for magnesium and 
hydrochloric acid are 0.139 and 0.362, respectively. 

Acetic acid behaves in a similar way, the essential difference being the 
value of a in equation 9. Many experiments were performed at surface 
speeds in the neighborhood of 2000 cm. per minute. To make all experi- 
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ments comparable, the values of k have been calculated to 2000 cln. per 
minute by equation 9 and are given in table 5. The maximum deviation 

TABLE 6 

Values for hydrochloric acid experiments at $5°C, 


All rate data at stirring speed of 2000 cm. per minute 


NT7MBSB OF DirPUCATB ! 
BXPKISllBNTO 1 

i 

CONCBNTRATXON OF 
ACID 

AVBRAOB lOLUBQUIVA- 
LENT8 BBACTBD PBR 
LITER PBR QU.* PBR 
MINUTE OVER 1/10 
BBACnON 

AVBRAQB DEVIATION 


M 


per cent 

4 

0.010 

0.01062 

7.2 

2 

0.012 

0.00966 

9.4 

10 

0.025 

0.03246 

5.7 

25 

0.050 

0.06405 

6.5 

6 

0.075 

0.08605 

6.6 

4 

0.1235 

0.15440 

7.3 



Fig. 6. Reaction with the Acid HaO+ 

in k 2 ooo is 17.5 per cent, and the average deviation is 6.1 per cent. These 
values include the earlier experiments where the rate of stirring was not 
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determined accurately. Table 5 gives the values of k obtained by gas 
volume, by measurements of loss in weight of magnesium, and by titration 
of the solution. All the methods agree with the experimental erro.r. 

RELATION TO HYDROGEN-ION CONCENTRATION POR STRONG ACIDS 

In order to show the proportionality between the rate of reaction and 
the hydrogen-ion (HaO*^) concentration, the one-tenth time of reaction 
was calculated from k and the average milliequivalents of magnesium 
reacted per minute, per square centimeter of surface, per liter of solution, 
at a stirring speed of 2000 cm. per minute. Table 6 gives these results 
and figure 6 shows the proportionality of the rate to the hydrogen-ion 

TABLE 7 

Values for hydrochloric acid experiments at 25°C. 


numher of 

DDPUCATE 

EXPERIMENTS 

SALT ADDED 

RATIO OP 
SALT TO ACID 

VISCOSITY 
RELATIVE TO 
WATER 

/.2000 

DE\ lATION 
FROM THE 
AVERAGE /t'soOO 

8 

None 

0 

1.004 

1 30 

piT cent 

2 3 

11 

O.lMNaCl I 

1 to 1 

1 008 

1.32 

0.7 

19 

O.lMNaCl 

2 to 1 

1 009 

1.35 

1.5 

1 

0 1 M NaCl ! 

4 to 1 

1 020 

1.51 1 

13 5 

1 

0 6 Af NaCl 

12 to 1 

1 050 

1.46 

9 8 

2 

2.0 M NaCl 

20 to 1 

1.205 

1.49 

12 0 

2 

0.1 M KCl 

2 to 1 

0 999 

1.365 

2 6 

2 

2.0 M KCl 

20 to 1 

1.002 

1.47 

10 5 

1 

l.OM MgClo 

20 to 1 

1.468 

1.45 

9 0 

2 

2.0 M MgCL 

20 to 1 

2.233 

1.01 

24 0 

2 

O.lA/KNOa 

2 to 1 

0 995 

1.22 

8 3 


concentration. The intercept on the milliequivalent axis represents the 
water reaction, which will be discussed in a later section. 

EFFECT OF ADDED SALTS AND NON-ELECTROLYTES 

In table 7 data are presented showing the change in k upon the addition 
of salts. In the fourth column is given the viscosity relative to water and 
in the sixth column is given the percentage change from fcjooo for hydro¬ 
chloric acid alone. In the case of 2 M sodium chloride the viscosity is 
19.4 per cent higher than for 0.1 M sodium chloride, whereas k is 9.0 per 
cent higher. A 2 Jlf potassium chloride solution has the same viscosity as 
a 0.1 ilf sodium chloride solution, but I: is 9 per cent higher. Furthermore 
a 2 Af magnesium chloride solution has a viscosity 200 per cent higher than a 
0.1 Af sodium chloride solution, but k is 25.2 per cent lower. From this it 
would appear that for these salts there is no general relation between rate 
of solution and viscosity. 
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In the case of non-electrolytes there seems to be a qualitative relation¬ 
ship, as shown in table 8. 


TABLE 8 

Values for viscosity experiments 


JSrtTMBER OF 




RBLATtVS 

^2000 

DECREASE 


DUPUCATB 

SUOAR 

GLYCBRXNS 

VISCOftlTY 

VISCOSITY 

PROM 

VISCOSITY 

BXPERX- 




WATER TO 


AVERAGE 

INCREASE 

MSNT8 




SOLUTION 


ktm 



(a) Values for 0.05 M hydrochloric acid experiments with sugar at 25°C, 



molea per 

molea per 

mtllxpoiaea 



per cent 

per cent 


liter 

liter 






25 

0 


9 0 

0.993 

1 33 

0 

0 

4 

0.137 


9.5 

0 942 

0.988 

25.6 

5.6 

2 

0.257 


11.1 

0 805 

0.674 

1 49.6 

23.4 

4 

0 439 


1 14 3 

0 625 

0 205 

1 84.3 

59 0 


(b) Values for 0.05 M acetic acid experiments with sugar at 25®C. 


25 

0 


9 0 

0.993 

0 284 

0 

0 

4 

0 137 


9 5 

0.942 

0 260 

8.5 

5.6 

2 

0.257 


11 1 

0.805 

0 167 

41.2 

23.4 

2 

0.439 


14 3 

0 625 

0 0546 

80.6 

59 0 


(c) Values for 0.05 M acetic acid experiments with glycerine at 25®C. 


25 


0 

9.0 1 

0.993 

0.284 

0 

0 

2 


0.608 

10.9 

0.820 

0.234 

17.6 

21 1 

2 


1.087 

12 0 

0.745 

0.154 

45.8 

33 2 

3 


1.900 

15 0 

0.596 

0 049 

82.7 

66.6 


TABLE 9 


Summary of variations of k with temperature 


NUMBER OF 
DUPUCATB 
EXPERI¬ 
MENTS 

TEMPERATURE 

1 

—X 10* 

T 

AVERAGE 

A^sooo 

LOO 

kiwto 

HEAT or 

ACTIVATION 


degreea C. 






2 

0 

36.6 

0 444 

-0.3526 

kzb/ko 

7,120 

38 

25.0 

33.5 

1.338 

■f 0.1260 



2 

56.5 

30.3 

8.55 

0.9320 

kbt-i/kza 

11,500 

2 

76.0 

28.65 

22.20 

1.3464 

ku/kii 

11,380 

11 

! 80.2 

28.3 

21.25 

1.3274 

k^o/ku 

10,520 


EFFECT OF TEMPERATURE 

The results of the determinations at different temperatures are given in 
table 9, and for the dissolution of magnesium in hydrochloric acid the 
logarithm of k is plotted against l/T in figure 7. According to the Arrhe- 

nius equation, the slope of the line in figure 7 is — > which gives a heat 
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of activation of 10,200 calories. This corresponds to a temperature coeffi¬ 
cient kzf,/k 2 h = 1.75. A discussion of this value in relation to the diffusion 
theory will be given later. 

EXPERIMENTS WITH OTHER STRONG ACIDS 

Since in the case of strong acids H 3 O+ is the only acid present besides 
vrater, one would expect that all strong acids would give the same velocity 





Fig. 7. Relation Between Velocity Constant and Temperature 

constant except for changes due to primary salt effect if the rate is a chemi¬ 
cal one, or changes due to viscosity if the rate is controlled by a diffusion 
process. Table 10 gives the results for perchloric acid and benzene- 
sulfonic acid, and the proportionality to the hydrogen-ion concentration 
is shown in figure 6 . 

Perchloric acid gives lower values of k than benzenesulfonic or hydro¬ 
chloric acids. In the case of sulfuric acid the concentrations of the hydro- 
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gen ion and the HSOi" ion were calculated from known values of the 
classical dissociation constant at the proper ionic strengths, and k^* 

TABLE 10 


Data for perchloric acid and bemenesidfonic acid at 


CONCUNTRATION 
OF ACID 

SODX17M 

GRLOBXDB 

CONCBNTRATXON 

A;3ooo 

DEVIATION 
FROM AVBRAOB 

MXLLIBQUIVA- 
LBNTB PSB UTBB 
PBB CM.* PEB 
MINUTE 

FEB CENT OF 
REACTION 
FOLLOWED 

(a) Perchloric acid 

mdea per Itter 

melee per liter 


per cent 



mmm 

0 

0.919 

14.0 

0.00635 

63 

■EH 

0 

1.016 

6.1 

0.01355 

63 


0 

0.980 

8.4 

0.0272 

39 

0.0417 

0 

1.003 

6.2 


59 

0.0835 

0 

0.997 

6.8 


78 

0.0123 


1.215 

13.0 

0.0142 

95 


(b) Benzenesulfonic acid 


0.025 

0.10 

Bgi 

0.7 

0.0313 

56 

0.050 

0.10 


0.7 

0.0634 

46 


TABLE 11 


Summary of data for sulfuric acid and bisulfatc ion at 


CONCENTRATION 
OP ACID 

CONCENTRATION 
OP NaCl 

A;sooo 

DEVIATION 
FROM AVERAGE 

MILLIBQUIVA- 
LENTS PER LITER 
PER CM.9 per 
MINUTE 

PER CENT OP 
REACTION 
FOLLOWED 

(a) Sulfuric acid 

M 

M 



____ 


0.00926 

0.10 

1.407 

9.5 



0.00926 

0.10 

1.322 

2.9 



0.0184 

0.10 

1.182 

7.9 



0.0184 

0.10 

1.227 

4.5 




(b) Bisulfate ion (1 HS 04 ~ to 1 Na 2 S 04 ) 

0.00139 

0.0875 

0,534 

2.7 

0.00071 

82.6 

0.00139 

0.0875 

0.534 

2.7 

0.00071 

96 3 

0.0040 

0.075 

0.525 

1.1 

0.00195 

95.7 

0.0040 

0.075 

0.525 

1.1 

0.00195 

90.2 

0.00761 

0.0625 

0.494 

5.0 

0.00358 

89.5 

0.00761 

0.0625 

0.508 

2.2 

0.00367 

94.4 

0.0109 

0 

0.535 

3.0 

0.00555 

96.5 

0.0109 

0 

0.500 

3.8 

0.00518 

94.8 


and ksBOr calculated from the kinetic measurements. The results are 
given in table 11. It is seen that kajo* is the same as that from hydro¬ 
chloric and benzenesulfonic acids, while ^Hsor is decidedly less. The 
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results for sulfuric acid are presented in figure 6, while those for the HS 04 *’ 
ion are given graphically in figure 14. In reducing all experiments to 2000 
cm. per minute in surface speed, it has been assumed that the relation for 
all strong acids is the same as that found for aqueous hydrogen chloride. 

THE WATER REACTION 

Magnesium reacts readily with water at higher temperatures and, as will 
be shown, this reaction is independent of the hydrogen-ion concentration. 



Temperature 80*C. O E.\pcrimfnt«il voluc 

Stlrr\n^ 0 Co'c.{rom ov^.Malucsof K ot £5*C. 

Fig. 8. Milliequivalbnts Versus Concentration HaO+ 

As the concentration of the water is constant, the velocity can be ex¬ 
pressed by the equation 

» “ ^ + A?bw)^C'hiO+ (iO) 

when there are no other acids present. K represents the water reaction. 

That kto is independent of the hydrogen-ion concentration was demon¬ 
strated experimentally by using the fourth method. The method consisted 
in maintaining a constant hydrogen-ion concentration by adding small 
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amounts of strong acid from a microburet in the presence of an indi¬ 
cator. The amount of acid required was recorded at suitable intervals of 
time. It was found that acid was consumed at a constant rate. 

The apparatus shown in figure 2 was used, without the gas buret. 
Experiments were carried out at the boiling point of benzene and of acetone. 
In table 12 are presented the results with and without added salt. 

TABLE 12 

Data for the water reaction 
Stirring surface speed « 4880 cm. per minute 


(a) Water at 80° and 56.5°C. 


INDICATOR 

CONCENTRATION 

opHiO^ 

MILLI- 
BQTJIVA- 
LBNTS 
PER 
LITER 
PER CM.* 
PER 

MINUTE 

X 10“* AT 
80“C 

MILU- 
EQUIVA¬ 
LENTS : 
X 10^ AT 

56 S^C 1 

HEAT OF 
ACTIVA¬ 
TION 

A 

TEMPERA¬ 

TURE 

cosm- 

CTENT 
hit 1 
hu h 

Phenolphthalein. 

2 

X lO-io: 

1.088 

0 991 

c(dorie$ 

930 

1 04 

Thymol blue. 

1 3 X 

1 288 

0 688 

6130 

1.30 

Phenol red. 

1 6 X 10-» 

1 672 

0 799 

7250 

1.36 

Bromcresol purple . 

5 

X 10-^ 

1.782 

0 881 

7030 

1.34 

Methyl red. 

8 

X lo-® 

2 365 

1 232 

6420 

1.31 

Bromcresol green. 

3 

X lO-* j 

3.775 

1.859 

6990 

1.34 

Bromphenol blue. 

8 

X 10-® 

3.560 

1.628 

7670 

1.38 

Thymol blue. 

2 

X 10-* 

51 50 

26 8 

6550 

1 32 

I 


(b) Solutions of magnesium chloride at 80°C. 


CONCENTRATION OF 

H|0+ 

MILLIEQUIVALENTS 
PER UTBR PER 
CM.* PER MINUTE 

X 10~> FOR 0.1 M 
MgCl2 

MILLIEQUIVALENTS 
PER UTBR PER 

CM * PER MINUTE 

X 10-* FOR 0 05 

Af MgClz 

MILLIEQUIVALENTS 
PER LITER PER 

CM * PER MINUTE 

X 10 * FOR 0.05 

M KNOa 

MILUEQUIVALBNTS 
PER LITER PER 
CM.* PER MINUTE 

X 10”* FOR 0.10 

M KNOi 

2 X 10-“ 

3.74 

2 32 

2.30 


1.3 X lO-® 

3 24 




1,6 X lO"® 

3.63 




5 X 10“^ 

3.52 

2 22 

2.36 

3 64 

8 X 10'» 

4.64 




3 X 10‘» 

6.69 




8 X 10-® 

7.95 

5.54 

3.50 

7.82 


The results without added salt are presented graphically in figure 8. 
Included in this figure are points obtained by the second method for experi¬ 
ments at low concentrations of acid, the milliequivalents reacted per minute 
being corrected to the same surface speed. These points are in excellent 
agre^ent with those obtained by the fourth method. Figure 8 shows that 
bdow a hydrogen-ion concentration of 1 X 10~*Af the reaction due to the 
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hydrogen ion is negligible, and the rate is independent of the hydrogen-ion 
concentration. The curve of figure 8 is quite similar to certain cases 
observed in homogeneous catalysis (23). It is to be noted that the tem- 


6 

perature coefiicient 7 — is 1.34, which corresponds to a heat of activation 
Km.j 

of 7000 calories as against 10,000 for the H 3 O+ reaction. 

The effect of salts was also studied; these results are given in table 12 
and figure 9. In the experiments with added salt no allowance was made 
for the change in the dissociation constant of the indicator with change in 



o vdater at ao'C A .WM KNO, A OioMM<)Clt 

9 Water at 5b.S*C ■ OSM KNO, □ 0.0S M K1i)CU 

Fio. 9. Water Reaction 


electrolyte concentration, since this would not alter the general relationship 
appreciably. 

In earlier experiments on the water reaction the gas evolution method 
was employed. In these experiments the evolution of gas did not start 
immediately and its subsequent evolution was not uniform. The metal 
became covered with an adherent film, and an insoluble compound was 
dispersed through the solution. In the presence of magnesium chloride 
or magnesium acetate, constant evolution of gas was obtained over a short 
interval. TheresultsweresimilartothoseinfigureO. See also reference 12. 
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TABLE 13 


Acetic acid experiments at 
Acid base ratio » 1 to 1 
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EXPERIMENTS WITH WEAK ACIDS 

When a weak acid such as acetic acid is dissolved in water, there exists 
the usual double acid-base equilibrium. 

CHiCOOH -f- HjO ^ H,0+ + CH,COO- (11) 

Acid 1 Base 2 Acid 2 Base 1 


TABLE 14 


Summary of acetic acid experiments at and BOOO cm, per minute stirring speed 
Acid base ratio « 1 to 1. Total ionic strength kept constant at 0.1 M with 

sodium chloride 


NUMBER OF DUPLICATE 
EXPERIMENTS 

INITIAL ACETIC Aao 
CONCENTRATION 

CONCENTRATION OF 
ACETATE 

MILUEQmVALENTS PER 
LITER PER CM 2 PER 
MINUTE 


M 

M 


8 

0.0246 

0 0246 

0 0066 

1 

0.0472 

0 0472 

0.0132 

18 

0 0495 

0 0495 

0.0132 

2 

0.0705 

0.0705 

0 0188 

1 

0.0943 

0.0943 

0.0258 

8 

0.0985 

0.0985 

0 0262 

2 

0.200 

0.200 

0.0478 

1 

0.382 

0.382 

0 1000 


ti 

1 



S 



□ 

A 


atopt To^ai Hq SAtf \f\ each 


Chlofacct’ic f\cid. 
DicKtorcucctic f\cidL 
t)nc*f\c€tic f\cid 


fV^id » acchatc 

Reid » cWloracetate 

Rcid ■ dichtoracetat'c 

Reid - acetote ofttrinductionpenod 


Fig. 10. Reaction with Acetic Acid, Chloroacbtic Acid, Dichloroacbtic Acid 
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Since the reaction does not go completely to the right as in the case of a 
strong add, there are, besides water, two acids, £[> 0 + and CHiCOOH. 
The problem, quite apart from the consideration of whether the reaction 
rate is controlled by diffusion or a chemical process, is whether the proton 
is brought to the metal by the H3O+ ion or the CHsCOOH molecule, or 
both. If it were brought by the ion alone, then the rate would be 
given by equation 10 and the function of the acetic acid would be to 
supply more hydrogen ion. If both the H3O+ ion and the CH3COOH 
molecule bring protons, the velocity should be represented by the equation 

+ ^HjO+^HjO^ + *HAc^HAo 

Of course, there might exist a medium effect of acetic acid which would alter 
in equation 10. 

To test equation 12 it is necessary to carry out a series of experiments at 


TABLE 15 

Summary of experiments with acetic acid at elevated temperature 


NUMBBR OP 
DUPUCATB 
SXPBIU* 
MBNT8 

TBMPBBATURS 

1 

- X 10* 

T 

AVXRAGB 1 

^tooo 

LOO 

A;iooo 

HBAT Of ACTIVATION 

A 

2 

degrees C, 

0 

36.6 

0.0794 

-1.100 

kih/k^ 

8,250 

35 

25 

33.5 

0.284 

-0.546 



13 

27 

33.35 

0.366 

-0.436 

kn/ks 

9,760 

9 

35 

32.5 

0.506 

-0.296 

ku/kn 

10,700 

5 

56.5 

30.0 

0,611 

-0.214 

ku»t/kn 

5,000 

3 

76 

38.65 

0.698 

-0.156 

kjt/kn 

4,000 

5 

80.2 

28.3 

1.100 

+0.042 

kto»t/kn 

5,200 


constant hydrogen-ion concentration and varying acetic acid concentra¬ 
tion. Actually at 25°C. k„ is negligible, and at hydrogen-ion concentra¬ 
tions around 1 X lO'^JIf the term AhjO^^HiO* becomes almost negligible, 
so that V = Ajha. Cha. if our hypothesis is correct. To minimise the 
change in Kc, the classical dissociation constant of the acid, the experiments 
were carried out at constant ionic strength. In order to put the experi¬ 
ments on a comparable basis, the effect of stirring was determined (see 
table 13 and figure 5). 

Table 14 summarizes the results with acetate buffers, and figure 10 shows 
the proportionality between the ino^ase in the reaction rate and the con¬ 
centration of acetic add. Table 14 and figure 10 prove the validity of 
equation 12. The intercept in figure 10 represents the amount reacting 
by way of the hydrogen ion and the water. The effect of viscosity has 
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already been given in table 8. Table 15 gives the results at higher tem¬ 
peratures. 

In figure 7 the logarithm of k is plotted against 1/T; the slope of the line 
corresponds to a heat of activation of 9500 calories, or a temperature 

TABLE 16 


Data for hydrochloric acid-acetic add experiment 3 
Ha tor 0.025 M acetic acid «• 70.2 cc. 


TIMB 

RYDROGBN 

H, 

HTDROOBN 
DUB TO 0 01 

M HCl 

RYDROOBN 
DUB TO 

PRESENT 

Ha-H, 

\ 

Ho 

m- H, 

mtnuie§ 

CC 

cc 

CC. 



1 

8.0 

6 0 

2 0 

68.2 

0 oro 

2 

18 7 

10 8 

7 9 

62.3 

0 0520 

3 

25 0 

14.5 

10.5 

59 7 

0 0700 

4 

31.3 

17 5 

13 8 

56 4 

0 0950 

5 1 

36 9 

19.8 i 

17 1 

53.1 

1 0 1218 

6 ! 

41.0 

21 6 

19 4 

50 8 

0 1405 

7 i 

45.3 

23 0 

22 3 

47.9 

0.1660 

8 

49.0 

24 1 

24 9 

45 3 

0 1905 

9 

52 0 

24 9 

27.1 

43 1 

0 2120 

10 

55.6 

25 7 

29 9 

40 3 

0 2412 


TABLE 17 

Summary of mixed acid experitnente at i5°C. 


BXPBR- 

IMBMT 

NO. 

HYDRO- 

CHLORIC 

AaD 

CONCBN- 

TRATION 

ACBTXC 

ACID 

CONCBN- 

TRATION 

ktm 

FOR THB 
ACBTIC 
ACID 

MILLI- 
■QUIVA- 
LBNTS PBR 
UTBR PBR 
CM 3 PBR 
MXNUTB 
DUB TO 

0 01 M 
HtO* 

MILLI- 
BQUIVA- 
LENTS PBR 
UTBR PBR 
CM ’ PER 
MXNUTB 
DUB TO 

HCjHiO. 

MILU- 
BQUIVA- 
LBNTS PBR 
LITER PBR 
CM * PBR 
MXNUTB 
TOTAL 

PER CENT 
DBCRBASE 
OF 

HCtHsO* 
DUB TO 
HiO^ 

1 

PER CENT 
INCRBA8B 
OF H»0^ 
DUX TO 
HCiHiOj 

1 

M 

0 01 

M 

0 005 

0 276 

0 01263 

0.00131 

0.01394 

0 223 

1 6 

2 

0 01 

0.010 

0.281 

0 01263 

0 00267 

0 01530 

0 219 

1 0 

3 

0.01 

0.025 

0.274 

0 01263 

0 00651 

0.01914 

0 218 

0 5 

4 

0 01 

0.050 

0.285 

0,01263 

0 01353 

0.02616 

0 216 

0 2 

5 

0.01 

0.075 

0 280 

0.01263 

0 01998 

0 03261 

0.214 

0.1 


coefficient k»/kn of 1.69. It should be pointed out that a few experiments 
at 80®C. and 76®C. gave lower values. 

EXPERIMENTS WITH MIXTURES OF HYDROCHLORIC AND ACETIC ACIDS 

In order to test further the idea that the proton is brought to the metal 
by the molecular acid, a series of experiments were carried out in mixtures 
of hydrochloric and acetic acids, llie addition of acetic add increased the 
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Total ^cld Concentration- ftloles per Liter 
O .010 M HCI <S> .OIOIAHCI + .OtS*^ 

G) .Ot 0 M HCI .OOS M 0 .010 M HCI t .090 M HCCtHsOj 

0 .010 irl HCI 4‘.0l0KIH(PtH,0,) 0 .010 M HCI’h .07? Kt HCCtH«0^ 

Fig. 11. Reaction with Mixed Hydbochloric and Acetic Acids 



O rormic ^c\4 A dlycolUc^OMKlo^al NadftH* 

® rormic ^ aiOMTotca NA5«it i f\cia«f»r»n«t€ GitycoUa+c 

® Fbrffiic OAOM *10701 Ha dftit *) 5tt4«rorm«tc □ Phenol G^KfOH^C^HiONo 
® FVmlc <t'0 .$oMTo7oI NaQolf 'i fict4«4rorino4(. 

Fio. 12. Reaction with Formic Acid, Glycollic Acid, Phenol 
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hydrogen-ion concentration slightly. If equation 12 holds, ’there should 
be a noticeable increase in rate upon the addition of acetic acid; if the hydro- 

TABLE 18 

Experiments with chloroaeetic and dichloroacetic acids 


Acid base ratio 1 to L 0.1 Af total ionic strength 



A;sooo 

IfXIXIBQUnrALENTS PER 

PER CENT REACTION 

ACID COKCXMTaATION 

LITER PER CM.X PER 

FOLLOWED 



MINUTE 



(a) Experiments with chloroaeetic acid at 25°C. 


M 

0.0106 

0.384 

0.0037 

44.2 

0.0412 

0.363 

0.0142 

23.8 

0.0815 

0.352 

0 0271 

63.5 

0.1016 

0.320 

0.0309 

21 5 


(b) Experiments with dichloroacetic acid at 25°C. 


0.0125 

0.662 

0.00786 

45.6 

0.0250 

0.645 

0.0153 

80.8 

0.0252 

0.675 

0.0170 

63.4 

0 050 

0.658 

0.0312 ' 

91.8 

0.100 

0.622 

0.0591 

91.8 


TABLE 19 


Experimenta with formic acid at 25^C, 


ACID CON¬ 
CENTRATION 

ACID BASE 
RATIO 

IONIC STRENCTH 

Arjooo 

MILLIEQUIVA- 
LENTS PER 
UTER PER CM.3 
PER MINUTE 

PER CENT 
REACTION 
FOLLOWED 

M 

0.0103 

Acid alone 

M 

0.438 

0.00426 

27 

0.0205 

1 to 1 

0.2 

0.436 

0.00842 

42 

0.0214 

1 to 1 

0.1 

0 400 

0.00813 

28 

0.041 

1 to 1 

0.2 

0 465 

0.0181 

54 

0.041 

4 to 1 

0.05 

0.512 

0.0199 

34 

0 082 

1 to 1 

0.2 

0.455 I 

0.0352 

48 

0.082 

4 to 1 

0.05 

0.492 

0.0380 

44 

0.107 

1 to 1 

0.1 

0.398 

0.0402 

23 

0.164 

1 to 1 

0.2 

0.430 

0.0659 

63 

0.164 

4 to 1 

0.05 

0.482 

0.0750 

40 

0.205 

1 to 1 

0.2 

0.410 

0.0795 

58 

0.205 

4 to 1 

0.05 

0.402 

0.0785 

15 

2.068 

i Acid alone 

1 

— 

0.430 

0.8400 

9 


gen ion is the sole carrier, there should be very little change in rate. The 
method of calculation is indicated in table 16. Column 2 gives the total 
gas evolved, column 3 the gas evolved in 0.01 M hydrochloric acid solutions, 
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and column 4 the difference. A plot similar to figure 3 shows that the part 
of the reaction due to the acetic acid follows a fiirst order law. Table 17 
sumnaarizes these results and shows the change in the hydrc^nrion 
concentration in each experiment. The average value of kax, the 
experiments is 0.280, as compared with 0.284 from the results in solution 
buffered with respect to the hydrogen ion. This is good evidence that 
whether the rate is controlled by a chemical process or one of diffusion the 
metal reacts with the molecular acid. This result is represented graphi¬ 
cally in figure 11. The milliequivalents of magnesium reacted are plotted 
against the total acid concentration. 


TABLE 20 

Experiments vnih glycollic acid at 2S^C. 
Acid base ratio «• 1 


ACZD CONCBMTBATION 

Arsooo 

MILUSQUIVALSMTS PXB 
PBR LXTBB PUB CM.* 
PBB MINUTE 

PER CENT REACTION 
FOLLOWED 

M 

0.0175 

0.357 

0.00592 

41 

0,0298 

0.306 

0.00863 

43 

0.0595 

0.354 

0.0195 

44 

0.0993 

0.303 

0.0284 

46 


TABLE 21 

Experiments mth phenol 
1 CeHsOH to 1 CeHfiONa 


NUMBER OF DUPLICATE 
EXPERIMENTS 

PHENOL CONCENTRATION 

kzooi 

MILUBQUIVALBNTS PER 
UTER PER CM.* 

PER MINUTE 

2 

M 

0.200 

0,0778 

0 01488 

2 

0.100 


0.00775 

2 

0 050 

0.0764 

0.00415 


The slope of the first part of the line represents Ah^o* and corresponds to 
the slope in figure 6. The slope of the second part of the Une corresponds 
to that of the line for acetic acid in figure 10. It should be emphasized 
that the hydrogen-ion concentration has, been increased less than two per 
cent by the addition of acetic acid, yet the rate is increased twofold. 

Table 18 summarizes the experiments with monochloroaoetic and 
dichloroacetic adds. 

Figure 10 shows good proportionality between the increase in reaction 
rate and the acid concentration. The order is that of the acid strength. 
The Intercept for dichloroacetic acid is lower than would be expected. 















BATE OF SOLUTION OF MAGNESIUM IN ACIDS 


295 


Table 19 and figure 12 give the results for formic acid. All experiments 
are calculated to a surface speed of 2000 cm. per minute using equation 9, 
using the same values for a and n as for acetic acid. 

The results for glycoUic acid are also represented in figure 12, the data 
being given in table 20. Again there is good proportionality between the 
increase in rate and the concentration of the molecular acid. 

TABLE 22 


Experiments with pyridinium ion 


CONCENTRATION OF PTRlOlNyiM 

^2000 

MILLISQUIVALENTS PER LITER 
PER CM.* PER MINUTE 

M 



0.05 

0.586 

0.0278 

0.05 

1 0.581 

0.0275 

0.0375 

0.559 

0.01988 

0.025 

0 522 

0.01238 

0 025 

0.516 

0.01222 

0.0125 

0.432 

0 00512 

0 0125 

0.438 

0 0052 

0 01 

0 424 

0.00402 



M .02 .03 .04 .0$ 

Ac\d Concentration - Moles per Liter 

ICsH.N U IC,H,NHCI 


Fig. 13. Reaction with Pyridinium Ion 

In order to show that in general molecular acids react with magnesium, 
a few experiments were carried out in phenol-phenylate buffers. Table 21 
and figure 12 summarise the results. 

Table 22 and figure 13 give the results with pyridinium-pyridine buffers. 
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In both cases equation 12 applies and the velocity constants are in accord 
with the lower strength of the acids. 

TABLE 23 


Experiments with citric and tartaric adds 


NDMBBR 
OP DU¬ 
PLICATE 
BXPBBX- 

Mxvnn 

ACID CONCENTRATION 

A;aooo 

MXLUBQUIVALSNT8 
PBR UTBR PBR CM.* 
PBR MINUTB 

PBR CENT AVBRAUB 

OP REACTION 
FOLLOWED 

(a) Experiments with citric acid 

2 

HI 

1.13 


52.4 

2 


1.08 


72.5 

1 


1.07 

0.0240 

31.4 

1 

0.0118 

1.16 

0.0130 

66.5 

2 

0.0104 

1.14 

0.0113 

41.4 

2 

0.0081 

1.13 

0.0087 

60.6 

2 

0.0039 

1.10 

0.0041 

62.9 

(b) Experiments with dihydrogen citrate ion 

2 

■SHI 

0.494 

mSBM 

74.0 

1 


0.498 


57.8 

1 


0.492 

0.0058 

82.0 

2 

0.0059 


0.0028 

30.0 


(c) Experiments with monohydrogen citrate ion 


2 

0.05 

0.182 

0 00866 

82 0 

1 

0.025 

0.185 

0.00440 

34.0 

2 

0.0125 

0.187 

0.00222 

45.0 


(d) Experiments with tartaric acid 


2 

0.0243 

0.730 

0.0169 

93.6 

2 

0.0180 


0.0121 

96.9 

2 

0.01205 


0.0080 

94.6 

2 

0.00578 


0.0039 

95.6 


(e) Experiments with bitartrate ion 


2 

0.0502 

0.220 

0.0105 

82.3 

2 

0.0442 

0.216 

0.0091 

84.5 

2 

0.0380 

0.230 

0.0083 

84.5 

1 

0.0250 

0.225 

0.0054 

87.5 

2 

0.0067 

0.218 

0.0014 

84.5 


In the case of dibasic and tribasic acids such as tartaric and citric acidsi 
it was necessary to determine the velocity constants for the several adds 
present. In order to do this it was necessary to obtain the ftlftiMiflii.1 disso* 
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elation constants at suitable ionic strengths and to calculate the concen¬ 
trations of the various acids present. The necessary values for tartaric 
and citric acid were obtained from the literature (2, and especially 21). 
The method of calculating the velocity constants was similar to that used 
for the mixtures of acetic and hydrochloric acids. The results are sum¬ 
marized in table 23, and the proportionality of the increase in rate due to 
each acid is shown in figure 14. 



■ Tartaric acid # Citric acid ® 

□ O KiCCcH,©,)' KSO." 


Fia. 14. Reaction with Tartaric Acid, Citric Acid, H(C4H40e)“, HjCCiHjOj)”, 

H(C,H 40 ,)—, AND HSO 4 - 


EXFEBIMENTS WITH ZINC 

Experiments on the dissolution of zinc in hydrochloric acid and in acetic 
acid were carried out under the same experimental conditions as those pre¬ 
vailing in the experiments with magnesium. With zinc an induction 
period of twenty to twenty-five minutes was noticed, after which the 
evolution of hyikogen followed the same law as in the case of magnesium. 
Beginning at ^e end of the induction period, £2000 and the milliequivalents 
reacted were calculated in the same way as in the experiments with 
magnesium. 

Table 24 gives the data for hydrochloric acid and figure 6 shows the 
proportionality between the rate and the hydrogen-ion concentration, 
after the induction period. 
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TABLE 24 

Experiments with zinc and hydrochloric acid at 


Weight detenninations 


ACID COKCBNTRATIOK 

CONCBNTIUTION OF 
ADDBD BALT 

kiow 

MXLUBQVrVALSNTB PBB 
UTBR PBB CM.* PBR 
MIMUTB 

M 

M 



0.1063 

0.10 NaCl 

0.375 

0.03776 

0.0530 

0.10 NaCl 

0.359 

0.01805 

0.0530 

0.10 NaCl 

0.361 

0.01815 

0.0265 

0.10 NaCl 

0.375 

0.00944 

0.0265 

0.10 NaCl 

0.365 

0.00919 

0.0133 

0.10 NaCl 

0.359 

0.00454 

0.050 

0.10 NaCl 

0.375 

0.00178 

0.050 

0,10 KNO, 

5.18 

0.0245 

0.050 

0.10 KNO, 

5.23 

0.0248 

0.100 

0.10 KNO, 

6.63 

0.0628 


TABLE 25 

Experiments with zinc and buffered acetic acid solutions at 


Weight determinations 


ACID 

CONCBNTRATXON 

COMCBNTRATION 

OP ADDBD BALT 

CONCENTRATION 

OF AOOIUM 1 

ACBTATB 

kwo 

IfILUBQUIVALBNTB 
PBR LITBR PER CM.* 
PER MINUTE 

M 

M 

M 



0.0980 


0.100 

0.107 

0.00997 

0.0980 


0.100 

0.097 

0.00902 

0.0490 

0.050 NaCl 

0.050 

0.124 

0.00577 

0.0490 

0.050 NaCl 

0.050 

0.130 

0.00605 

0.0245 

0.026 NaCl 

0.025 

0.114 

0.00265 

0.0245 

0.025 NaCl 

0.025 

0.118 

0.00275 

0.100 

0.100 NaCl 


0.105 

0.00991 

0.100 

0.100 KNO, 


4.10 

0.389 

0.100 

0.100 KNO, 


4.20 

0.399 


TABLE 26 

Comparison of reaction rates of magnesium and zinc at 




Aisooe FOR HCl 

kim FOR 

A;, MO FOR 

MBTAL 

for HCl 

+ 0 . 06 ilf 
KNO, 

HCtHiO, 

HCtHiO, 4* 0.1 
Af KNO, 

Mg... 


. 1.20 

0.284 


Zn. 


5.20 

0.113 

4.10 


Table 25 and figure 10 present the results obtained in acetate-acetic add 
buffer solutions and show the proportionality between the rate and the 
concentration of molecular add, after the induction period. In both cases 
the addition of potassium nitrate has a marked effect on the rate. It was 
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found, as King and Braverman found (17), that potassium nitrate has very 
little, if any, effect on the rate of solution of magnesium. The results 
obtained with the two metals are given in table 26. 

There is evidence that at high concentrations of potassium nitrate, zinc 
undergoes other reactions. In regard to the absence of the effect of 
potassium nitrate upon the dissolution of magnesium, attention is called 
to the recent results of Whitby (26), who found that when magnesium 
reacts with acids, in the presence of air, no oxygen is consumed. 

DISCUSSION OF THE RESULTS 

In table 2 the relation between the velocity and the surface was clearly 
showm. Whether the measured surface represents the actual surface 
reacting or is proportional to it cannot be determined by these experiments. 
It may be that active areas of the surface are being used and that the 
chemical process involves adsorption and activation (25) at the surface, 
but reproducibility of the results would indicate that this is not the case. 

In the water reaction sodium chloride and magnesium salts caused an 
increase in the rate of reaction. One explanation of the effect is that the 
salt dissolves the magnesium oxide or forms a soluble complex salt (19). 
This prevents the formation of insoluble coatings which might impede the 
reaction. Another explanation favored by Bancroft (1) is that the added 
salts peptize the magnesium oxide coating. 

As has been indicated throughout the paper, the most difficult problem 
connected with a reaction at a metal-liquid interface is to decide whether 
the rate-controlling process is the chemical reaction or diffusion. King 
and Braverman (17), after a study of the reaction of zinc with acids 
following along the lines of the preliminary pubUcation by Kilpatrick and 
Rushton (16), concluded, ^Tt is impossible to decide at present whether 
other acids than HsO+ react directly with magnesium, zinc, cadmium, and 
marble, since previous experiments have measured rates controlled largely 
by diffusion rates.'' They reached this conclusion on the basis of certain 
observed facts which, in general, have been accepted as criteria of the validity 
of the diffusion rate theory. These are: 

(1) Different solids dissolve at nearly the same rate. 

(2) Stirring has a marked effect on the rate. 

(3) The rate of solution is inversely proportional to the viscosity. 

(4) The rates observed follow diffusion coefficients for comparable 

experimental conditions. 

(5) The temperature coefficients are small compared to those of 

chemical reactions. 

Consider the first point outlined above. Table 27 gives the only com¬ 
parable results on a milliequivalent basis. These results are to be com¬ 
pared with table 26 in the experimental part of this paper. The results do 
not bear out a diffusion controlled process. 
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In regard to the second point, the effect of stirring has been thoroughly 
studied and the relationship k = a/2” is difficult to explain on the basis of 
any chemical rate theory. However, owing to temperature effects it is 
not practicable to extend the study to such surface speeds that the thick¬ 
ness of the so-called diffusion layer would be such that the rate of the 
chemical reaction would be measured. 

The results of experiments to test the effect of change in viscosity are 
definitely contradictory to the diffusion theory in the case of salts, and for 
non-electrolytes the inverse proportionality is at best qualitative. 

If one attempts to compare the velocity constants for the different acids 
with the meager data on diffusion coefficients existing in the literature, one 
finds that the order for decreasing velocity constants is as follows: the 
acid HsO+, formic acid, acetic acid, citric acid, tartaric acid, and phenol. 
On the other hand, the diffusion coefficients are in the foUowii^ order: 
hydrochloric acid, formic acid, acetic acid, phenol, tartaric acid, and citric 
acid. Of course, the exponents of the idea that the H80+ ion is the only 


TABLE 27 

Results of King and Braverman at 25^C, 
Surface speed « 24,000 cm. per minute 



MlLLIEQtnVALSNTB PEE 

MXLUEQUIVALENTS PER 

METAL 

LITER PEE CM.* PER 

LITER PER CM.* PER 


MINUTE FOR 0 007 

MINUTE FOR 0 03 A/ 


HCl 4- 0.05 M KNO. 

HCaHsOj + OOSAf KNOa 


0.0235 

o 

=> 

Zn. 

0.0215 , 

0.032 


acid present might not consider that it was necessary for acids other than 
the HaO+ to diffuse to the metal. It has been shown that this conclusion 
is not in accord with the experimental results. It may be stated that the 
indefiniteness of the diffusion theory makes it especially difficult to dis¬ 
tinguish between diffusion and any other rate-controlling process. This 
vagueness is particularly evident when one considers the reaction of 
magnesium with acids at temperatures above 50®C. It has been experi¬ 
mentally demonstrated that there are at least two reactions in aqueous 
solutions of strong acids. First, a water reaction independent of the 
hydrogen-ion concentration, and second, a reaction dependent on the 
hydrogen-ion concentration. If one assumes that the diffusion process 
consists of a diffusion of a hydrogen ion through a layer poorer in hydrogen 
ions up to the metal surface, and that this is the rate-controlling process, 
with subsequent diffusion of magnesium ion away from the metal surface, 
then what is the diffusion layer involved in the reaction of magnesium with 
water, which is independent of the hydrogen-ion concentration? It may 
be pointed out that this layer cannot be a film of hydrogen because the rate 
is unchanged by the addition of a depolarizer. 
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The temperature coefficient for the reaction with the hydrogen ion is 
1.7 for a 10 -degree interval. Centnerszwer ( 8 ) reports 1.2 for unstirred 
and stirred solutions. Bonsdorff (4) obtains a value which decreases 
markedly with increasing temperature. The temperature coefficient for 
the water reaction is 1.34. Still it is difficult to picture a diffusion 
mechanism for the water reaction. A general criterion of the state¬ 
ment that chemical reactions usually have temperature coefficients 
greater than 2 for a 10 -degree interval is that these temperature 
coefficients usually apply to reactions taking place in one phase and not to 
reactions at an interface. 

In those cases where an induction period exists, i.e., where the initial 
rate is slower than that in a later part of the reaction, the rate during the 
induction period is probably governed by chemical reactions. This must 
be the case even though conditions favor a diffusion controlled reaction, 
irrespective of the induction period. If chemical reactions have high 
temperature coefficients, the temperature coefficient for the induction 
period should be greater than that of the subsequent reaction, if the latter 
is controlled by diffusion. There are no data in the literature sufficiently 
consistent to test this point. 

The arguments in favor of a chemical process controlling the rate are: 

( 1 ) High temperature coefficient. 

(2) Proportionality of rate to the concentration of acid present or, in 

general, for a number of acids 

r “ + AiC^, + k,Cj^ + .... 

(3) Independence of the rate of the H 3 O+ ion concentration in the 

case of weak acids. 

(4) A linear relationship between the logarithm of the velocity con¬ 

stant and the logarithm of the acid strength. 

The temperature coefficient has been discussed. It has been shown 
experimentally that at constant HsO+ concentration the rate of reaction is 
proportional to the concentration of the other acids present. This has 
been clearly demonstrated throughout the experimental work. With the 
phenol-phenylate buffers the HsO+ concentration was of the order of 
1 X 10"*® M, and at 25°C. neither the reaction with the H 3 O+ ion nor the 
water reaction is more than detectable. From the experiments at 80°C. 
one calculates that at 25°C. by the water reaction 0.0001 milliequivalent 
of magnesium reacts per cm.® per minute per liter. Yet in the presence of 
0.1 M phenol 0.00775 milliequivalent reacts. It should also be remem¬ 
bered that the rate is proportional to the concentration of phenol. 

That the rate of reaction, in the case of weak acids, is independent of the 
hydrogen-ion concentration is shown by the data in the tables referring to 
the acids in question. The rate is practically independent of the acid-base 
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ratio in the buffer solutions. For the water reaction the point is illustrated 
by table 12 and figure 8. 

Arguments two and three, which were given in favor of a chemical proc¬ 
ess controlling the rate, might also be advanced in favor of a modified dif¬ 
fusion explanation if one considers the problem from the standpoint of the 
extended theory of adds. In other words, if it is postulated that diffusion 
governs the rate, it must be admitted that in the case of an add like acetic 
add the diffusion of the molecular acid to the metal must be considered, 
as well as the diffusion of the hydrogen ion. Subsequently, two reactions 
take place at the surface of the metal. The reactions formulated by 
equation 1 

H,0+ + e — H + H,0 
HAc + e H + Ac- 

would apply in prindple to any add. However, it is difficult to picture a 
diffusion mechanism for the water reaction. Whatever the rate-controlling 
process in these reactions, the principle that they must be considered from 
the viewpoint of the extended theory of acids is the thesis of this work. 

Although King and Braverman conclude that it has not been proven 
that acids other than the HsO+ react with metals, they are forced to fall 
back on the extended theory of adds to explain their results. This is par¬ 
ticularly true in their experiments with sodium acetate and acetic acid, 
and with citric and tartaric acids. In this connection the experiments in 
mixtures of hydrochloric and acetic acids recorded in table 16 should be 
noted. It is again emphasized that there are two reactions present, that 
due to H80+ and that due to molecular acetic acid, k (acetic acid) calcu¬ 
lated from these experiments is in agreement with k (acetic acid) calcu¬ 
lated from experiments at low hydrogen-ion concentrations. In other 
words, the hydrogen-ion concentration has been changed from 1 X 10"* M 
to 1 X 10"* M and yet k (acetic acid) is unchanged. 

In the preliminary paper the velocity constant was related to the add 
strength of the reacting acid by an equation of the type 

(13) 

where A* is the velocity constant and K\ the dissociation constant of the 
reacting acid. This equation cannot be expected to hold exactly even in 
homogeneous catalysis for different types of acid. By different types is 
meant different charge types such as H80+, HSO*" and uncharged adds like 
acetic acid and water. In fact the relationship seems to hold exactly only for 
an homologous series (15). The effect of the charge of the base in a reaction 
showing basic catalysis has been demonstrated by Brdnsted and Vol- 
quartz (7), and more recently by Pedersen (22). 

Furthermore, in addition to the difference in type, the statistical factor 
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must be taken into account. When this is done, the general equation 
becomes 


h - G,KK(tV^-> (14) 

where is the velocity constant for the acid considered, Gi is a constant, 
itLA is the acid strength constant, q the number of positions at which a 
proton can be attached to the molecule of the conjugate base, p the number 
of ionizable hydrogen atoms in the molecule, and x has a value greater than 

TABLE 28 


Data necessary for testing relationship between velocity constant and acid strength 


AHD 

4 

P 


LOO - A . 

V ^ 

^iooo 

k 

LOU 

P 

. 

1 

1 

55 6 



1 745 

1.33 

0 124 

Bisulfate . . 

4 

1 

5 1 

X 

10-* 

-0 690 

0 519 

-0 285 

Dichloroacetio ... . 

2 

1 

5 

X 

10 

-1 000 

0.592 

-0 228 

Tartaric. 

2 

2 

1.45 

X 

10-* 

-2 838 

0.712 

-0 448 

Chloroacetie . 

2 

1 

1 41 

X 

10-3 

-2.550 

0 355 

-0.450 

Citric. 

2 

3 

1 3 

X 

10-» 

-3.160 

1.119 

-0 428 

Formic 

2 

1 

1 8 

X 

10-* 

-3 444 

0 443 

-0.354 

Glycollic 

2 

1 

1 36 

X 

10-^ 

-3 566 

0 327 

-0 485 

Dihydrogen citrate.. 

4 

2 

4 7 

X 

10" 3 

-4 027 

0 496 

-0.605 

Acetic. 

2 

1 

1 8 

X 

10-‘ 

-4 444 

0 284 

-0 547 

Bitartrate .. 

4 

1 

1 27 

X 

10-3 

-4.294 

0.223 

-0 652 

Pyridinium. 

1 

1 

7 4 

X 

10-« 

-5 131 

0 507 

-0 295 

Monohydrogen cit¬ 









rate . 

6 

1 

2.2 

X 

10-« 

-4 879 

0.185 

-0 733 

Phenol. . 

1 

1 

1 1 

X 

10 “10 

-9 959 

0 0809 

-1 092 

Water. . 

1 

1 

1 1 1 

X 

10-»« 

-15 959 

2 28 X 10-^ 

-3.432 


Results of Tarle 


H,0+. 

1 

1 

55 6 

1 745 

1.33 

0 090 

1,2,5-Dioxybenzoic.. 

2 

1 

1 8 X 10-3 

-2.666 

0.774 

-0 111 

^-Resorcylic. 

2 

1 

5.15 X 10-3 

-2 987 

0 511 

-0 292 

Tricarballylic. 

2 

3 

2 2 X 10-3 

-3.839 

0.489 

-0 788 

Acetic. 

2 

1 

1.8 X 10-* 

-4 444 

0.390 

-0 409 


zero and less than one. To test this relationship the equation can be put 
in the form 



k Q 

If log — is plotted against log - K^., the points for each charge type should 

P V 


fall in a straight line with slope x and intercept Gi. Table 28 summarizes 
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Lo9^Ka 

1. T. rormic 13. W(C|HA)“" 

2 . H 5 O 4 ' 6 . M- Phenol 

5 Diehlorace^ic i5. H^p 

A. Ibrtoric «• Acetic K. 1,^5 piox^bcncoic 

а. CHIoraectic H. H(CAN«Oer •‘f. >#• RcoorevHc 

б. CUrtc 12. CtHfNH*^ (6. TricarbatWric 

/^l^couKs of Torle 

Fig. 15. Relation Between Velocity Constant k and Acid Strength 



-5 -4 -a -a -1 o 

Ktt, 


3 . ^ichtoroccVic* 3 . Chloracctic 6 . 

4. Tar+cir'ic C. Citric lo. ^cC'fio 

7. Pormic 

Fig. 16. Relation Between Velocity Constant k and Acid Strength 
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the data necessary for testing the general relationship between the velocity 
constant and the acid strength of the different acids. 

Figure 15 shows the relationship for all acids studied and in addition in¬ 
cludes the results of Tarle (24). Tarle’s results are not strictly comparable 
with those in this work, since his data are not complete enough to determine 
surface speed. 

Figure 16 shows on a larger scale the small section of figure 15 which 
covers the carboxylic acids. While the agreement with the theory is not 
exceptional, it is to be noted that there is a general relationship between 
the velocity constant and the acid strength. From theoretical considera¬ 
tions it is to be expected that for equal strength the positively charged 
acids will show greater velocity constants. This is borne out by the posi¬ 
tion of hydrogen ion and P 3 rridinium ion in the plot. From the same con¬ 
siderations it is to be expected that a negatively charged acid will fall below 
the line drawn through the uncharged acids. This is also e\ddent from 
the plot. The value of x is 0.091. 

SUMMARY 

( 1 ) Rates of solution of magnesium in aqueous solution of acids have 
been determined by four different experimental methods, and the results 
are found to be reproducible and in agreement for the different samples of 
magnesium. 

( 2 ) The kinetic law for the reaction has been derived and extensively 
tested over the whole course of the reaction. The general kinetic equa¬ 
tion is 


V ** ^*^A .etc. 

where A represents an acid other than the H 3 O+ or water. 

(3) For strong acids the primary reaction is with the HjO+ ion. 

(4) For weak acids the rate of reaction is not proportional to the hydrogen- 
ion concentration, but rather the increase in rate is proportional to the 
concentration of the acid present. 

(5) A relation has been found between the surface speed of the metal and 
the rate of its reaction. 

( 6 ) The effect of viscosity has been investigated. 

(7) The temperature coefficient has been determined for the water 
reaction, the H 80 + reaction, and the molecular acetic acid reaction. 

( 8 ) The results have been discussed from the standpoint of the diffusion 
theory and the BrSnsted-Kilpatrick theory. The results are definitely not 
in agreement with the “old diffusion theory,” but may be thought of in 
terms of a modified diffusion theory based on the extended theory of acids. 
However, any modification must account for the water reaction. 




306 


MABTIN SlZiPATRICK AND J« HBNET BUSHTON 


(9) On the basis of the Bronsted-Kilpatrick theory the velocity con¬ 
stants have been related to the acid strength. 

The authors would like to make due acknowledgment of a research 
grant made to one of us (M, K.) by the Faculty Research Committee of the 
University. 
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THE CALCULATION OF PARTIAL MOLAL SOLUTE QUAN¬ 
TITIES AS FUNCTIONS OF THE VOLUME CONCENTRATION, 
WITH SPECIAL REFERENCE TO THE APPARENT MOLAL 
VOLUME^ 


FRANK T. GUCKER, JR. 

Department of Chemistry, Northwestern University, Evanston, Illinois 
Received July 6, 19S3 

The partial molal solute quantity Gt is important and frequently used in 
thermodynamic calculations. Many methods have been developed for 
calculating G 2 from a particular extensive property, usually through the 
intermediate apparent molal quantity 4> {Gt), but most of these are based 
upon the weight concentration. Lewis and Randall (7) outlined various 
methods, both analytical and graphical. To mention only a few of the 
other methods most recently used; La Mer and Gronwall (6) analytically 
derived a fourth order equation for the partial molal volume as a function 
of the molality. Adams and Gibson (1) calculated the partial specific 
volume from the apparent specific volume plotted against the square root 
of the weight fraction. Randall and Rossini (9) developed an equation 
for calculating the partial from the apparent molal heat capacity as a 
function of the square root of the molality. Young and Vogel (14) discussed 
at length methods of calculating partial molal quantities in general, but dealt 
only with equations based on weight concentration. 

Within recent years, however, experimental evidence has shown, in the 
case of most electrolytes, a linear relationship between many apparent 
molal properties and the square root of the volume concentration, which 
holds even in concentrated solutions. This relationship in the case of 
*(V 2 ), discovered by Masson (8), has been checked by the very careful 
measurements of Geffcken (2, 3) and also by Scott (13). Moreover, 
Redlich and Rosenfeld_(10) derived from the Debye-Hiickel theory an 
equation showing that V's, and hence also €>(Vs), should be linear functions 
of c* at very low concentrations. The same relationship was found in the 
case of the apparent molal compressibility by the present author, who dis¬ 
cussed the experimental and theoretical aspects of this problem in a recent 
article (4). Such a simple and general relationship seems an ideal starting 

> Some conclusions in this article were briefly discussed in the Symposium on 
Electrolytes held at the Washington meeting of the American Chemical Society, 
March, 1933. 


307 



308 


FRANK T. OtTCKBB, JR. 


point in calculating partial molal quantities. ThiB paper indicates how 
such calculations may be made. 


DEFINITIONS 

G is any extensive property of a solution containing ni and n* moles of 
solvent and solute of molecular weights Mi and Mt, respectively. The 
corresponding apparent molal solute property is defined thus: 

* W>) ** (G — «iGi*)/nj (1) 


and the partial molal properties of solute and solvent are given by the 
equations 


C?.- 



( 2 ) 


and 



(20 


The superscript' is used at zero concentration, d and di are the densities 
of solution and of solvent, c is the concentration (moles of solute per liter of 
solution), and m is the molality (moles of solute per 1000 g. of water). 
The.apparent molal volume is defined by any of the following equations: 


♦ (F.) 

♦ ( 7 .) 


7 - n,7i» 

(3) 

Hi 

_i^_irioood_ 1 

(4) 

e diL c J 

1000 ^ 

(5) 

c mdi 


CALCtTLATION OF THE APPARENT MOLAL VOLUME 

The usual method is to calculate '('(Fs) directly from density measure¬ 
ments, using equation 4. These values are then plotted against and 
the best curve fitted to them. The following method is, however, much 
simpler. Rearrange equation 4 as follows: 

1000 “ di 4- (7,) - M, (6) 

If we now plot F » 1000 ^against c* we can calculate # as a 
function of cl, for the intercept 
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and the slope 

hence 

and 

34 

32 

30 

28 

d 28 

U 

S 

•^24 

22 

20 

18 


0 04 0.8 ^ 1 2 1 8 20'^ 

Fia. 1. 4> AND F FOR Calcium Chloride at 25°C. 



2k;* 5c* 




FP + M l 
di 


(>c> di dc* 


(7) 


( 8 ) 


The experimental points are thus smoothed by the F plot, and the extra 
calculations, involving the di and Aft terms, are required only once, to 
obtain the fiiul values of the coefficients. 

In order to illustrate the method, the density data for calcium chloride 
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at 25°C., taken from the International Critical Tables (5), have been used 
to calculate F and Both are linear functions* of up to 3 c as may be 
seen in figure 1. The equation for F was found to be 


whence, 


F - -92.81 + 5.97c» 
« - 18.24 + 5.99ei 


A direct plot of # values gives the almost identical result, 

« - 18.26 + 5.99et 


The method of calculating $ from F is not limited to the special case in 
which each is a linear function of cK If F is any known function of c^, the 
corresponding equation for $ can easily be calculated. Thus, if 


F 

* 


/« + F (c») 

F» + M, 1 
di d, 


F (cl) 


(9) 


W. C. Root (12) has derived a useful equation for the density of a solu¬ 
tion obeying Msisson’s law. Using molal concentration this becomes 

d “ di + Ac + Bc^ 


This equation may be generalized as follows: 



In particular, if $ can be expressed as a power series in terms of c*, the 
corresponding equation for the density will be 

d - d. + Ac + Be* + Cc> +- (11') 

where the coefiScients A, B, C are calculable from those of the $ equation. 

THE CALCULATION OF 6t FROM $((?*) 

The equation connecting these two functions is derived as follows: 
Differentiating equation 1 gives 


Ot 



♦((?>) + 


d»(g) 
bln ns 




5»(Gs) 

be 


be 

2>]n ns 


(12) 


* The relationship does not hold at higher concentrations. 
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Now 


c — 


1000 d 


M, + 


ns 


(13) 


Eliminating d between equations 4 and 13 and rearranging terms gives 

(14) 


Differentiating equation 14 with respect to In n 2 and rearranging terms 
gives 


(—) 
\dln n,J, 



" 1000 - c<|.(F2) ■ 

/ 

f ni 

£«>(F.) 
1000 + c> —^ 
dc 


(15) 


Combining equations 12 and 15 gives the desired result: 


Gi “ *( 62 ) + c 


1000 - c4>(rj) 


1000 + c‘ 


dc 


Whence,’ 


r, - ♦(F,) + c 


1000 - c*(V,) 


1000 + c* 


<)*(Vs) 

dc 


dc 


d^(V») 

dc 


(16) 


(160 


If is expressed as a function of instead of c, equation 16 becomes 


Ga - HG2) + c* 


1000 - C4>(ra) 


2000 + 


dc* 




dc* 


(17) 


and 


Fa 


*(Vt) -f c* 


1000 - cHVt) 


2000 -h c«/» 


d»(Fa) 

dc* 


d»(F2) 

dc* 


(170 


This equation is perfectly general, and does not impose any particular 
functional relation on and cK In the particular case where, as with most 


* This equation was given by Geffcken (reference 2, equation 4). He discussed 
the relationship between (Fa) and Ft in the dilute solution, but did not use this 
equation in actual calculation of values of Ft- 


rmm jovmsal or fhtsxcal ataixiaTBY, vol. xxxvxii, no. 3 
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electrolytes, €>((? 2 ) and #(Fs) are linear functions of c\ equation 17 can be 
further simplified to 


G, - + 


3000 - cifiV,) 


2000 + 


dcJ 


dc* 


(18) 


If we are concerned with Vj, this equation becomes 


Vi - + 


3000 - c*»(V») 


2000 + cw 


a*(r,) 

dc> 


a*(y.) 

dci 


. (180 


At infinite dilution, 




At low concentrations, and cl are small compared with 

3000 and 2000, respectively, and, as Geffcken pointed out. 


Vi 


+ 3/2 


5*(F.) 

dc* 




(19) 


The limiting form of the equation at low concentration is similar to that 
developed by Randall and Rossini (9) for calculating the partial from 
the apparent molal heat capacity expressed as a function of the square 
root of the molality, namely, 

a*(CJ 


WEIGHT AND VOLUME CONCENTRATION 

Plots against c* do not differ very much from those against to* at very 
low concentrations, since at the limit m is proportional to c. However, 
the difference may become appreciable at higher concentration. In gen¬ 
eral, rearranging equation 5 gives the relationship between c and m, 
namely* 



e and m may be almost identical if is small or negative; or very 
different, if $ is large. To illustrate this strikingly specific character of 
c/m we have chosen two univalent electrolytes as different as possible, 

‘ The ratio is given by Geffcken (2) without the d,. c and m are proportional and 
not equal, although the difference is small. 
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namely, lithium hydroxide and cesinm iodide. The corresponding 
equations for #(^ 2 ) are® 

- - 6.00 + 3.00c* 

^>(7*) « 47.9 + 1.47c* 

The values of c/m and calculated from equation 20 are given in 
table 1 at several values of c* and are plotted in figure 2. 

TABLE 1 


ValueB of c/m and c^/m^ calculated from equation 20 



LiOH 

Csl 

c/m 

c^/mi 

cjm 

c*/mi 

0.0 

0.9971 

0.9985 

0.9971 

0.9985 

0.6 

0.9982 

0.9991 

0.9849 

0.9924 

1.0 

1.0001 

1.0000 

0.9478 

0.9736 

1.5 

1.0005 

1.0002 

0.8847 

0.9406 

2.0 

0.9971 

0.9985 

0.7943 

0.8800 







Li OH 

<t>—eo4 

3.0yE 














Csl 

^T9+1^ 










1 

















75 I .I_I __J_ i. ...- J- 1 i - 1 

0 O.S 10 1.S 2.0 

Vc 

Fig. 2. Dependence of c/m Ratio on 4>(72) 


CALCULATION OF Vz 

As an application of equation 18' we have taken the case of calcium 
chloride which was previously mentioned. The equation for the partial 
molal volume is 

. r3000 - 18.26cn , 

Vi •• 18,25 + I - c* 

L 333.89 + c»/* J 


* The first was calculated from the density data of the International Critical 
Tables, 1st edition, Vol. Ill, p. 76; the second was taken from G^ffcken (2). 
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The graph of this function is included in figure 1. Notice that Vi is 
nearly linear up to about 1 c. It is only above this concentration that the 
curve for Vt deviates appreciably from the dotted line which represents the 
limiting slope of the tangent. 

In order to teat the more general case to which equation 17' is applicable 
we have studied the very precise specific volume data for ammonium 
nitrate solutions from 0.1 to 11 c at 26°C. which were obtained by Adams 
and Gibson (1). These particular data were chosen because the authors 
had made very careful computations on a weight basis with which we 



Fia. 3. Ahmonittm Nitrate at 25°C. 


could compare the results obtained from our equation. Moreover, in this 
case $(Fj) is large, so that the weight and volume scales diverge sharply at 
high concentration. We calculated values of $(^ 2 ) from their data at 
fourteen points and found that they could be represented fairly well by 
the linear equation 

* - 47.280 + 1.2049c* 

However, appreciably better agreement was given by a second order equa¬ 
tion in c*, namely, 

« - 47.568 + 0.966c* + 0.0474c 

The average deviation in d calculated from the linear equation is 4.6 X 
10“* and from the quadratic curve 3.2 X 10“», The improved agreement 
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was particularly noticeable in the lower concentrations, and for this reason 
the extrapolation to zero concentration is much better with the quadratic 
equation. This is shown by the heavy line in figure 3. The lighter line 
represents the linear equation which extrapolates to an appreciably lower 
point. The two curves are practically identical above about 0.25 c. 

From the second order equation for O we calculated the corresponding 
equation for d, of the form indicated by equation 11', namely: 

d - 0.997077 + 0.032628c - 9.63 X 10-‘ c» - 4.73 X lO"* c* 


In calculating the partial molal volume, equation 17' is changed to the 
form 


where 


Vt - ♦(TJ 


r 1000 - c<i>(r,) 


2000 + 


dc'« 


cl 


del 


0.966 + 0.948cl 


Our equation for F* — 4'(F2) is plotted at the bottom of figure 3. The 
equation for F 2 is likewise included. Calculations from the linear and 
quadratic equations for # differ appreciably only below 0.25 c. 

Adams and Gibson calculated ip (apparent volume per gram) and F 2 
(partial volume per gram). Plotting ip against the square root of the 
weight fraction, X 2 , two equations were required to cover the whole range of 
concentration, namely: 

v - 0.59318 + 0.0491611,1 (0 < x, < 0.10) 

^ - 0 594118 + 0.043431x,l + 0.020524x21 (x, > 0.10) 


They used the first equation in extrapolating to zero concentration. Our 
mohl properties, <i>(F 2 ) and F 2 are obtained by multipl 3 ring their values 
by the molecular weight (80.047). Their extrapolated value for 4>“(F2), 
indicated by the black triangle in figure 3, lies between our values extra¬ 
polated by the quadratic and linear equations. It is considerably nearer 
tiie former and agrees very well with our conclusions. 

They calculated the partial volume by substituting in the equation 

, 

Vi “ XiXt — + ^ 
dXx 


They evaluated the tangent ^ by tabular difference plots of ip and also 

checked the values c$ analytically from their interpolation equations. 

A comparison of the results obtained by the weight and volume plots. 
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given in table 2, illustrates the extremely good agreane^ in almost all 
cases. In figure 3, the values of Adams and Gibson for Vi — #(V*) are 
indicated by circles on the plot of our equation. The only appreciable 
deviations are shown at the two highest concentrations. 

In comparing the two different methods of calculation the volume con¬ 
centration plot is simpler, since one equation will cover the whole range of 
concentration. The we^t fraction method requires two equations with 
different values for as well as for the coefficient of «**. Moreover, the 
volume plot smoothes the Vt curve in accordance with our present knowl- 

TABLE 2 


Ammonium nitrate at S5®C .—Comparison of methods 


X3 

c 

(Guoker) 

10* A « « 
"obsd.’* 

— calod.* 

(Quoker) 

V2-* 

(A.&G.) 

10* At 

(G - A.&G) 

Va 

(Guoker) 

10* A V, 
(G-A. 
&G.) 

0.00 

0.0 

47.658 

(-80) 

0.00 

0.00 

0 

47.56 

8 

0.01 

0.125 

47.906 

-30 

0.18 

0.19 

-1 

48.08 

1 

0.05 

0.635 

48.358 

-6 

0.40 

0.40 

0 

48.76 

1 

0.10 

1.297 

48.720 

6 

0.57 

0.55 

2 

49.29 

1 

0.15 

i 1.984 

49.013 

-7 

0.70 

0.68 

2 

49.71 

2 

0.20 

2.700 

49.273 

-7 

0.80 

0.78 

2 

50.07 

2 

0.25 

3.444 

49.514 

-13 

0.88 

0.87 

1 

50.39 

2 

0.35 

5.024 

49.961 

-5 

0.98 

1.01 

-3 

50.94 

-3 

0.45 

6.733 

50.384 

6 

1.03 

1.05 

-2 

51.41 

-3 

0.55 

8.584 

50.795 

11 

1.01 

1.01 

0 

51.80 

-1 

0.60 

9.567, 

50.999 

10 

0.98 

0.95 

3 

51.98 

2 

0.65 

10.590 

51.204 

-1 

0.93 

0.86 

7 

52.13 

7 

0.68 

11.224 

51,326 

-11 

0.89 

0.79 

JO 

Av. = 3 

52.22 

11 

Av. « 3 


* “obad.” values were slightly corrected to even concentrations by Adams and 
Gibson. Calcd. values from our equation, 
t n - (V, - ♦) (G) - (V, - *) (A.&G.) 


edge of simple functional relationships. The advantage of using a func¬ 
tion which has theoretical justification rather than an empirical equation is 
particularly evident in the extrapolation to zero concentration. Redlich 
and Rosenfeld (11) illustrate strikingly the difference between a linear plot 
of y* against c* and the fourth order empirical equation of La Mer and 
Gronwall, which passes through the same points and yet extrapolates to a 
very different value. 


StJMMABT 

We have described a simple method of calculating the apparent molal 
volume, #(y*), as a function of c*, which is shown to give the santa results 
as the usual more laborious method. 
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We have compared volume and weight concentration. The ratio c/m 
is a specific property of the individual solute which depends on ^(^ 2 ) and 
may vary from 1 to less than 0.8. 

We have developed a general equation for calculating any partial molal 
solute quantity, G 2 , from the corresponding apparent property <i>(G 2 ) as a 
function of c, and a special equation applicable when is a linear function 
of c*. Since many apparent molal properties of most electrolytes and 
some non-electrolytes show such a linear relationship, this equation has a 
very wide applicability. 

We have shown the application of these equations in calculating partial 
molal volumes. In the case of ammonium nitrate we have compared our 
values of 72 calculated from a single equation for ^(^ 2 ) with those which 
Adams and Gibson calculated from two weight fraction plots. Our results 
are in substantial agreement with theirs, but theory and numerical sim¬ 
plicity seem to favor .the volume concentration method. 
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Certain advantages in convenience and accuracy arising from the use of 
volume concentrations rather than weight concentrations in the computa¬ 
tion of those properties of phases of variable composition which depend 
on slopes, such as the partial volumes of the components, have been 
emphasized by Gucker in a recent article (6). Indeed, it appears that the 
apparent volume of the solute is more closely a linear function of the 
square root of the volume concentration than of the square root of the 
weight concentration. The formula for calculating the partial or partial 
molal volumes of the solute from volume concentration data is, it must 
be admitted (4), rather clumsy. If, however, one computes the partial 
volume of the sohient directly from the density data, one finds that the 
formulas involved are extremely simple and seem to furnish perhaps one 
of the most elegant ways of calculating partial or partial molal volumes. 
The object of this note is to call attention to the equation for computing 
the partial volumes of the solvent from density-volume concentration data 
and to apply the equation to data on solutions of sodium chloride, sodium 
sulfate, potassium chloride, potassium iodide, and lithium nitrate. 

The sjrmbols used are as follows: 

V — Total volume of phase containing nti grams of solvent 

and nii grams of solute. 

V = Specific volume of the phase. 

Vu, — Specific volume of pure solvent. 

vi — Partial volume (per gram) of solvent in a given phase. 

vt = Partial volume (per gram) of solute in a given phase. 

4>i = Apparent volume (per gram) of solute in a given phase. 

Xi and Xi — Weight fractions of solvent and solute, respectively. 

p„ = Density of pure solvent. 

p = Density of phase. 

Pi ^ “ Fictive density* of the solvent in a given phase. 

* The Jictm density of a component in a solution may be defined as the reciprocal of 
its partial volume. The term fictive volume is frequently used for the quantity which 
is called the partial volume in this paper. The term partial volume is preferred as it 
emphasizes the definition and is closely allied to the partial molal volume. 
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Cz ** Concentration of solute in grams per cubic centimeter of 
solution * pxz. 

By definition 


V as miv^ 4- 


( 1 ) 


and 


Hence 


As 



( 2 ) 


(3) 


Cl 


V 


it follows that 


mt dca 
ci dmi 


From equations 3 and 4 it may readily be shown that 


Vi 


1 dc2 , . 

Cj* d^ 


(4) 


(5) 


or 


Vl 


Vy, 


1 + Ca* 


d02 

dcs 


( 6 ) 


If the variable be changed from cz to cz^, we obtain equations 7 and 8: 


Vl 


Vu> 


Ilia 


m 


or 


pi 


P« 4- i ca? — p« 


( 8 ) 


Now Gucker has shown that if 


/ ® 


Ptp — p 


Cl 


(9) 
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then 


»• / + 1 

and that 

d/ 

dc,‘ “ dc,* 


( 10 ) 


( 11 ) 


Thus, as a final expression for the fictive density of the solvent in a phase 
we have equation 12: 


w-P-+W^, (12) 

Equations 12 and 17' are particularly applicable to gaseous solutions where 
the data are frequently expressed in tables with the density as entry and 
the concentration in mass per unit volume as argument. 

As the chief value of equation 12 lies in the presumption that <^2 or / is a 
linear function of the square root of the volume concentration, it was 
considered desirable to determine by the method of least squares how 
closely equation 13 represents good density data over the entire range. 

- / = - o + 6c,i (13) 

Cl 

p ~ Pa ^ ocj + ict^ (14) 

It is a relatively simple matter to determine the coefficients a and b in 
equation 13 by the method of least squares, as 


S/ 

S'-' 

S'- 

• 

n 

S'-' 

S/ 

n 

S '-' 

and 5 “ 

n 

S'-' 

S'-' 

S'- 



S'- 


where n is the number of terms in the table of density and concentration. 
However, at low concentrations / is the ratio of two very small quantities, 
and small errors in density produce large changes in f and too much weight 
may be given to these deviations, which are within the allowable error of 
experiment. Equation 14 avoids this difficulty but necessitates the sum¬ 
mation of several more powers of the volume concentration. The least- 
square solution of equation 14 gives a and b as follows: 
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S'-’ 


S'' 



S'-- 


s** 



S'-’ 

- 5m — - 

S'' 

S»' 




S"' 



In this paper a and b for the sodium sulfate solutions were evaluated by 
the application of equation 16 over the whole range of concentration, but 
for the solutions of the other salts a and b were computed from equation 15, 
applied over the range from C 2 = 0.05 (approximately) to the highest con¬ 
centration. 

The results of the computations are given in tables 1 to 5. At the head 
of each table equation 13 or 14, with the appropriate values of a and 6, is 
given and the tables themselves show how well the equation fits the data 
and the values of the partial volumes of the components computed by the 
equations: 

» PI « Pw + - C2^ (12') 

V\ 2 


and 


V X\V\ 
** Xt Xi 


(17) 


which may also be written in the convenient form. 


Vt « 



(17') 


The partial molal volume of a component may be obtained by multiplying 
its partial volume by its molecular weight. 

The data on which the results in table 1 are based are those of Hall (7) 
and are of a high order of accuracy. 

The least-square residuals in column 4, however, show that equation 13 
does not represent the results within the error of experiment. The fit is 
good and, as an interpolation formula, equation 14 leaves little to be de¬ 
sired, but as a means of determining slopes it leaves room for uncertainty. 
With sodium chloride solutions some idea of the uncertainty in the slopes 
may be had from a comparison of the partial volumes of the salt as calcu¬ 
lated by equations 12' and 17, and those computed very carefully by 
Adams (1) with the aid of an empirical cubic equation and a deviation 
curve. This comparison is made in the last two columns of table 1. 
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In the 5 per cent solution and in the 25 per cent solution the agreement is 
poor, but in the intermediate solutions the two methods give results which 
are in excellent accord. 

Table 2 illustrates the result of fitting equation 14 by the method of 
least squares to Gibson’s (5) results for the densities of solutions of sodium 
sulfate, which were measured with considerable care. The least-square 


TABLE 1 

Compulations for solutions of sodium chloride at S6°C. 
(p - p.)/cj - 0.72122 - 0.15345c,* 


:rs 

ca 

(p "" PuOcalod. 

Pobad ““ Ooalcd* 

X 10- 

»2 

t>a 

(Adams) 

0.0 

0.0 

0 

0 

0 2796 

0 2914 

0.02 

0 02022 

0.01414 

-4 

0 3145 

_ 

0.03 

0 03055 

0 02121 

-4 

0.3213 

-- 

0.05 

0.05163 

0.03544 

~2 

0.3318 

0.3304 

0.10 

0.10688 

0.07172 

4 

0.3537 

0.3539 

0.15 

0 16596 

0 10932 

2 

0.3716 

0.3725 

0.20 

0.22909 

0 14840 

~4 

0 3870 

0.3873 

0.25 

0.29654 

0.18909 

-1 1 

i 

0 4002 

0.3991 


TABLE 2 


Computations for solutions of sodium sulfate at £5°C. 
(p - P-) - 0.92212c, - 0.23567 c,9 


n 

ct 

(p "" Pm )enlcd« 

Pobad ~ 

Praicd X 10 ’ 

ri 

rj 

1 

1 "» 

1 (i*i«) 

0 0 

0.01 

0.01006 

0 009039 

-1.4 

1 00293 

1 00281 

0 0781 
0.1151 ] 

0 0860 

0 1144 

0.02 

0.02030 

0.018039 

—2 2 

1.00259 

0 1296 

0 1288 

0.03 

0 03072 

0 027061 

-2 1 

1.00229 

0 1409 

0.1394 

0.05 

0.05212 

0.045254 i 

-0 , 

1.00152 

0 1588 

0.1578 

0.10 

0.10890 

0 091954 

1 , 

0.99869 

0 1942 

0 1940 

0.15 

0.17068 

0 140770 

3., 

0 99464 

0 2225 

0.2226 

0.20 

0 23781 

0.191957 i 

-0., 

0 98937 

0.2476 

0.2478 

0 25 

0.31069 

0.245681 

-0., 

0.98282 

0.2701 

0 2698 

0.28 

0.35736 

0.279181 

l.i 

0.97824 

0 2829 

0.2824 


residuals are small, but are outside the experimental error and show a dis¬ 
tinct curvature. 

The partial volumes of the salt, as computed directly from equations 12' 
and 17, the residuals being neglected, are compared with the values of the 
partial volumes as calculated by Gibson from several empirical equations 
and deviation curves. The agreement is good, except at zero concentra¬ 
tion where, it is believed, all weight should be given to the formula involving 
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the square root of the conceatration. Sodium sulfate changes the density 
of water very maricedly and the partial volumes of the salt increase 
rapidly with the concentration; it is remarkable, then, that a two-constant 
equation such as equation 14 should represent the density as a function of 
the concentration so precisely. 

Apparently the best data on the densities of potassium chloride solutions 
are those of Baxter and Wallace (2) and of Geffcken (3). In the determi¬ 
nation of the coefficients a and h in equation 13 all the points except the first 
three of Baxter and Wallace were used. In general the equation fits the 
data well, but there is a pronounced departure at the highest concentra- 


TABLE 3 

ComjnUationa for aolutions of potassium chloride at tS’C. 
0> - P»)/cj - 0.64611 - 0.1159c,* 


cs 

(ft PieWlod. 

/>obed^~^^lod. 

91 

9l 

0.01235 

0.00782 

0 

1.00285 

0 . 3744 ] 


0.02023 

0.01274 

-2 

1.00276 

0.380i 


0.02491 

0.01564 

-1 

1.00270 

0.382g 


0.04988 

0.03094 

-5 

1.00228 

0 . 394 J 

^ Baxter and 

0.06850 

0.04218 

1 

1.00189 

0.400, 

Wallace 

0.12447 

0.07533 

2 

1.00038 

0.4152 


0.17094 

0.10226 

1 

0.99883 

0.422, 


0.24964 

0.14684 

-1 

0.99571 

0.438,^ 


0.10633 

0.06468 

8 

1.00091 

0.410,] 


0.15397 

0.09248 


0.99942 

0.421,1 


0.20636 

0.12247 

-2 

0.99750 

0.431, 

1 Geffcken 

0.28836 

0.16837 

-11 

0.99399 

0.444, 


0.28926 

0.16887 

-7 

0.99395 

0.444,^ 



tions. The residual of 5 X 10~‘ in Baxter and Wallace’s data, and the 
residuals of 11 X 10~* and 7 X 10~‘ in Geffcken’s results for the most con¬ 
centrated solutions seem to indicate inconsistencies in the experimental 
work. The partial volumes of water and of potassium chloride in the 
various solutions were computed by equations 12 and 17' and are given in 
the fourth and fifth columns of table 3. The residuals were neglected in 
these calculations, and indeed the experimental results hardly warrant the 
use of a deviation curve. 

Being interested in the effect of pressure on the solubility of potassium 
iodide, we examined the partial volumes of this salt in aqueous solutions. 
The results are given in table 4. The data are those of Baxter and Wallace 
(2), and of Kiibata and Hblemann (9), the latter’s results being marked 
with an asterisk. The equation at the head of the table was obtained by 
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the method of least squares using as argument (equation 13). It is 
obvious that the two sets of data are not consistent and the passing of 
linear equations through both sets separately indicated that those of 
Baxter and Wallace were smoother than those of Shibata and Holemann. 
It is also obvious that the linear relationship does not hold over the whole 
concentration range for this salt—^the highest points fall off the straight 

TABLE 4 


Computationa for solutions of potassium iodide at 
(p ~ Pw)/c2 - 0.72825 ~ 0.02403c2i 


ct 

(p —PiipWlcd. 

Aobsd Aealcd. X 10‘ 


V7 

0.04571 

0.03305 

-1 

1.00281 

0.2807 

0.09185 

0.06622 

-1 

1.00259 

0 2837 

0.16686* 

0.11988 

1* 

1.00209 

0.287, 

0.18466 

0.13257 

-2 

1.00196 

0.288o 

0.27000* 

0.19326 

6* 

1.00121 

0.290, 

0.36477* 

0.25328 

10* 

1.00036 

0.293i 

0.44465* 

0.31669 

15* 

0.99932 

0.2954 

0.46084 

0.32809 

0 

0.99912 

(0.296o) 

0.64032* 

0.45400 

8* 

0.99670 

(0 299e) 

0.92425 

0.65173 

-47 

0.99268 

(0.304a) 


' Data of Shibata and Hdlemann. 


TABLE 5 


Computations for solutions of lithium nitrate at 
(p ~ Pw)/C2 - 0.58035 ~ 0.0453402* 


m 

a 

0> “• PirWlcd. 

Pobsd ““ Pcalrd- X 10® 

1.0339 

0.06895 

0.03919 

-10 

2.1115 

0.13662 

0.07700 

100 

3.3106 

0.20685 

0.11578 

18 

4.5706 

0.27579 

0.15349 

38 

5.9276 

0.34474 

0.19089 

29 

7.3940 

0.41368 

0.22802 

6 

8.9836 

0.48262 

0.26489 

-13 

10.7055 

0.55157 

0.30153 

26 

11.8331 

0.59318 

0.32354 

-37 

12.8639 

0.62934 

0.34260 

-72 


line. Unfortunately, the inconsistencies between the two sets of experi¬ 
mental results do not admit of an accurate estimate of this curvature. 

The partial volumes, vi and in table 4 were computed directly from 
the equation 

P - Pu, 0.72818c, - 0.024290,** 

which, according to the least-square criterion, is the best straight line 
which may be passed through Baxter and Wallace’s results. No attempt 
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was made to take account of the deviations from the above equation and 
in consequence the results at the higher concentration are not to be taken 
as final. 

Pearce and Nelson (8) published a very complete series of densities of 
solutions of lithium nitrate over the whole concentration range at 25®C. 
Equation 13 was fitted to these data by the method of least squares and 
the results are recorded in table 5. The least-square residuals are very 
large and indicate that (p — p«,)/c 2 is by no means a linear function of the 
square root of the volume concentration. An analysis also reveals that 
the results are somewhat erratic; indeed the density of the 2.116 molal 
solution was so far off that it was omitted from the least-square calculation. 
Unless the results of Pearce and Nelson are very much in error it appears 
that the linear equation is of little use in the computation of partial volumes 
in lithium nitrate solutions. 

It seems significant that the greater the contraction in volume produced 
by a salt on forming an aqueous solution, the better does the linear func¬ 
tion of C 2 ^ represent the apparent volume of the salt. 

SUMMARY 

The computation of the partial or partial molal volumes of the com¬ 
ponents in a solution is always a laborious process if the best use is to be 
made of the experimental data. The use of the volume concentration and 
Gucker’s function /, together with equations 12 and 17 or 17' in this paper, 
furnishes a relatively simple method of calculation, which in the case of 
many aqueous salt solutions (four out of the five examined here) yields 
values of the partial volume of the salt which are trustwofthy to within 
one per cent, and, if a deviation curve is used, even higher accuracy may 
be obtained. If, however, the plot of /against the square root of the volume 
concentration is so strongly curved that higher powers of C 2 * are to be 
introduced into the analytical expression, or if the desired accuracy of the 
computation requires the introduction of higher powers of C 2 *, the virtue of 
the volume concentration as an argument is lost and either weight or 
volume concentrations may equally well be used. The method of least 
squares is particularly recommended in the fitting of the empirical equa¬ 
tions 13 and 14 to the experimental data. 
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Although this reaction has been extensively investigated under many 
conditions for various purposes (5), the temperature range of the alpha- 
ray reaction has never been extended above 130®C. nor below — 80®C. 
The investigations of the thermal reaction by Hinshelwood and Thomp¬ 
son (2) and of the photochemical reaction by Kistiakowski (3), both at 
higher temperatures, make it appear desirable to extend the temperature 
limits of the alpha-ray reaction in both directions. Owing to the nature of 
the reactants and to the absence of the reverse reaction, the decomposition 
of water vapor by alpha rays, the reaction lends itself admirably to such a 
purpose. 

The objects of the study are to contribute to the knowledge of the reac¬ 
tion mechanism, especially to the transition from a constant quantized 
reaction with no temperature coefficient at lower temperature to a chain 
reaction with about the same temperature coefficient as the photochemical 
reaction at higher temperatures. 

Incidentally the sensitization or catalytic effect of ions of water vapor 
has been discovered and found to be 100 per cent efficient. 

GENERAL PROCEDURE 

The manometer method of following the course of the reaction has been 
used in all except one experiment. The tw'o methods of using radon, (1) 
by mixing directly with the reactants, and (2) by confining it in a thin 
alpha-ray bulb at the center of the reaction sphere, have been employed. 
Reaction spheres of Pyrex glass were used. Both static and circulating 
systems were employed with various conditions as to extent and tempera¬ 
ture of the dead arm kept at lower temperature for condensation of water 
vapor, since it was not feasible to employ an internal drying agent at high 
temperature. Electrolytic gas was generated from barium hydroxide 
solution between platinum electrodes and stored in a vessel without stop- 

* Professor of Chemistry, Macalester College, St. Paul, Minnesota. 

* Director of the School of Chemistry, University of Minnesota. 
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cooks. Figure 1 shows the apparatus used in the circulation method, in 
which I is the reaction sphere containing an alpha-ray bulb at its center in 
the electrical furnace H at a controlled temperature, E is the all-glass 
magnetic circulating pump of simple design (8), and J is a heating coil to 
raise the temperature of a small platinum catalyst to produce initial satura¬ 
tion with water vapor. G is a liquid air trap sometimes used to remove the 
water vapor from the circulating mixture. 



G 


Fig. 1. Apparatus Used in the Circulation Method 

Radon purified by the method of Livingston (7) is introduced either into 
the alpha-ray bulb of figure 1, the stem of which is then sealed and closed 
as far as the bulb (by a technique to be described later), or is introduced 
into the tube shown in the breaker M of figure 2, from which it is introduced 
into sphere Q in the static method after breaking in vacuo. 

TREATMENT OF DATA 

The quantity of radon is initially measured by its gamma radiation 
and its decay is subsequently followed by the table of Kolowrat. The 
gas inessures (at constant volume) have all been corrected to 0®C. The 







HYDBOOBN AND OXTOBN UNDEB ALPHA BADIATION 


329 


kinetic constant is calculated in the usual way (reference 5, p. 116) from 
the equation 



Fig. 2 


From the values of 



for each interval the number of molecules of hy¬ 


drogen and ojiygen reactii^ per ion pair is calculated and reported as 
—M/N, where N is the total number of ion pairs from O*, Hj, or HjO 
except in cases where ions of water vapor may be neglected. Comparison 
of yields under different conditions is therefore obtained by direct com- 
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parison of oorrespondiDg M/N values. It is assumed that the amount of 
ionisation by alf^ partiolee is unaffected by temperature at any tem¬ 
perature employed. 

EFFECT OF WATER VAPOR 

Duane and Scheuer (1) found that water vapor is not decomposed by 
alpha rays. On the other hand it is normally ionized and hence may 
possibly contribute to the forward reaction just as Lind and Bardwell (6) 
later found many foreign gas ions do in various reactions including the 
effects of ions of nitrogen, ox 3 rgen, and neon in water synthesis. Sudi an 
effect of water vapor in water ssmthesis would be “autocatalytic,” increas¬ 
ing with increase of water vapor produced in the reaction itself. Such an 
effect has hitherto escaped observation because at ordinary temperature 
most of the water formed condenses out. An effect of HjO+ (or possibly 
HjO“) ions would be expected to become relatively more important at 
low pressures of electrolytic gas saturated with water vapor. But in the 
reactions at low pressure in the investigations of recoil atom effect (4) an 
internal drying agent was used so as to prevent any influence of water vapor 
on the recoil effect. 

In the present experiments at higher temperatures, however, the water 
vapor concentration becomes sufficiently great to contribute materially 
to the ionization and also, as will be shown, to the reaction rate. 

On going up in temperature a marked increase in —M/N is observed, 
which may be due either to a true temperature effect or to the catalytic 
effect of water vapor ions or to both. The effect of water ions must be 
known or eliminated in order to evaluate the true temperature coefficient. 
Both methods have been used, to remove water vapor by the circulation 
method or to calculate the additional effect in the presence of water vapor 
and subtract it. Both lead to the same net result at a given temperature. 
Moreover the agreement confirms the 100 per cent efficiency of water 
vapor ions, which was assumed in making the subtractive correction. 

Another acceleratii^ effect, that of low pressure, which was first thought 
to exist, proved to be spurious upon more complete removal of water vapor 
and was due to the relatively enhanced effect of the latter at low pressures 
of reactants. 

The practically complete elimination of water vapor (not extreme dry¬ 
ing) leaves then only the true yield —M/N which remains constant at 
4.6* from — 180“C. to ordinary temperature and then rises steadily to 20 

• Throughout this paper the results are expressed in terms of —M/N, i.e., the num¬ 
ber of molecules of hydrogen and of oxygen, reacting per ion pair produced both in 
hydrogen and in oxygen (-Mh, + oJNut + 0»). In terms of water molecules formed 
the value is 2/3 X 4.6 - 3. This is lower than the earlier value 4, because the values 
of the average intensity of ionization obtained from the Mund equation ate higher 
and hence N is higher and M/N is lower. 
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at 400®O.; between 400®C. and 500®C. the values were not reproducible 
owing to the thermal reaction; above 500®C. the reaction becomes explo¬ 
sive. 


EXPERIMENTS AND CALCULATIONS IN STATIC SYSTEM 


In the following tables are reported the observations and calculations of 
experiments under various conditions of temperature and of water removal. 

The experiments in static systems above 100®C. were found quite useless 
in attempting to find the true temperature coefficient of reaction rate, 
because the slow rate of diffusion of water vapor from the reaction sphere 
out to room temperature produces a higher partial pressure of water vapor 
in the reaction sphere than is allowed for by simply applying the water 
vapor correction for the outside (lower) temperature. The application of 
cooling baths outside is ineffective in speedy removal of water vapor, since 
it is the rate of diffusion outward, not the rate of condensation after arriv¬ 
ing there, which is the controlling factor. The apparent yield in water 
synthesis per ion pair continues to rise even at a constant higher tempera¬ 
ture, which may be due either to an actual increase of rate due to accumu¬ 
lation of more water vapor (which seems improbable, beyond a certain 
limit, over the long periods of time that prevail toward the end of the re¬ 
action) or to the increasing importance of water vapor relative to the dimin¬ 
ishing pressure of electrolytic gas, since both are ionized in proportion to 
their amounts present. 

Table 1 will illustrate such a false rise of —M/N at 275®C. due to this 
cause. Po = the pressure of reactants corrected to 0°C., after subtract¬ 
ing aqueous tension at the outside temperature. = the pressure of 
reactants at 0®C. increased by the ion equivalence* of the water vapor 
pressure. 

As already explained, the large rise in —M/N is spurious and caused by 
accumulating water vapor above equilibrium with the outside tempera¬ 
ture, but owing to the uncertainty of its amount, correction cannot be 
made until the water concentration is known or eliminated. 

One method of procedure which was adopted with fair success was to 
make a rate measurement at each temperature so as to obtain a value of 
M/N before enough water vapor had been produced or the reactants 
sufficiently diminished to influence the value of M/N, Such measure¬ 
ments were made at 25®, 75®, 125®, 160®, 199®C. The details are not re¬ 
ported but the results are given in figure 3 and agree with the results where 
water vapor is rigidly removed. 

A second method consisted in employing an alpha-ray bulb (with oom- 


^ It is P«q which is substituted in the general kinetic equation to obtain the veloc- 
'j-J from which M/N is calculated in the usual way. 



332 


CHBSTSB H. SOHXFtiSTT AND S* C. LIND 


TABLE 1 

Rate of comkinatim at with incomplete removal of water vapor 


Volume of reaction sphere « 10.41 cm>. Diameter of reaction sphere •« 2.708 cm. 
Initial radon » 0.1059 curie. Static system with radon mixed with 2H + Os 


SLAPSBD TlinS 


Pa 


HBCOXL 
ATOM CO»- 
RBCnON 

(*/*)' 

X 

-Af 

HF 

TBMPaRA- 

Tuas or 
lUBACnOM 

day 

0 

houra 

0 


367.8 


— 


_ 

degree* C. 

0 

22 

0.8478 

312.7 

346.7 

1.119 

9.2 

3.7 

25 

1 

6.58 

0.7955 

289.5 

322.5 

1.137 

12.5 

4.9 

25 

1 

20.42 

0.7216 

248.2 

281.2 

1.155 

17.5 

6.8 

285 

2 

4.25 

0.6758 

215.3 

248.3 

1 180 

25.7 

9.8 

275 

2 

20.92 

0.5968 

168.8 


1 218 

24.8 

9.3 

276 

3 

4.83 

0.5620 

142.4 

175.4 

1.268 

38.1 

13.9 

276 

3 

10.25 

0.5396 

128.8 

161.8 

1.311 

38.6 

13.5 

275 

3 

18.25 


112.0 

145.0 

1.351 

32.5 

11.2 

275 

4 

4.92 

0.4689 

93.1 

126.1 

1.407 

34.4 

11.7 

275 

4 

20.42 

0.4174 

62 7 

100.2 

1.520 

42.2 

13.7 

275 

5 

2.92 

0.3975 

58.1 

91.1 

1.664 

45.2 

14.0 

275 

5 

8.58 

0.3814 

46.5 

79 5 

1.797 

79.9 

23.8 

275 

5 

21.83 

0.3447 

15.9 

48 9 

2.334 

125.1 

33.6 

275 

5 

22.83 

0.3421 

11.1 

44.1 

4.019 

375.1 

87.5 

275 

5 

23.83 

0.3396 

7.9 

40.9 


284.4 

61.9 

275 
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pletely closed stem) mounted at the center of the reaction sphere. This 
permitted Kirrounding the entire sphere with liquid air or carbon dioxide 
mixture so as to freeze the water vapor on the walls as ice. This method is 
naturally limited to the low temperature measurements. When the bath 
is removed the water vapor produced at higher temperature causes an 
enhancement^ in M/N as shown in table 2. 

A special experiment was made to examine the value of M/N at — 78°C. 
which was apparently higher than that either at 25® or — 183®C. The results 
were: at 25®C., 4.4,4.65; at -78®C., 5.1, 4.98, 4.61; at 25®C., 4.03. The 

TABLE 2 

Rate of eynthesie at low temperatures in absence of water vapor compared to that 
in its presence at higher temperatures 


Volume of reaction sphere » 14 cc. Radon in alpha-ray bulb «= 0.100 curie 


TIME ELAPSED 


Po 


{kthY 

X 

-3/ 

IT 

TBHPERA- 

TtTRE 

days 

hoWB 

1.0000 

446.0 

482.0 

_ 

_ 

degroM C 


19.0 

0 8672 

415.0 

451 0 

5 00 

4.42 

25 

1 

19.5 

0.7216 

371 7 

371.7* 

7.58 

6.56 

-78 

2 

20 5 

0.5982 

340 4 

340.4* 

7.23 

6.25 

-78 

3 

19 5 

0.5034 

318.7 

318.7* 

6.95 

6.00 

-78 

4 

20.0 

0.4190 

304 6 

340.6 

4.81 


— 

5 

19.5 

0 3512 j 

294 0 

294.0* 

5.22 

4.52 

-183 

6 

20.5 

0.2912 j 

285.8 

285.8* 

4.72 

4.08 

-183 

7 

19.5 

0.2450 

276.7 

312.7 

6.22 

5.38 

25 

8 

20,5 

0.2039 

241 9 

277.9 

35.0 

30.3 

353 

9 

20.5 

0.1703 

151.8 j 

187.8 

48.1 

41.6 

380 

10 

19 0 

1 

0.1439 

141.6 1 

177.6 

21.2 

18.4 

290 


* At these temperatures water froze on the sides of the vessel so that no water 
vapor is present in the path of the alpha particles. 


results for — 78®C. are lower than in table 2 but still somewhat higher than 
those for 25®C., for which no explanation has been offered. 

EXPERIMENTS WITH CIRCULATING SYSTEM 

It became evident that for the prompt and complete removal of water 
vapor the reactant gases should be circulated through an outside liquid air 
trap. This was accomplished by means of an all-glass pump and an alpha- 
ray bulb to prevent circulation of the radon. The results given in table 3 
demonstrate the constancy of M/N at 175°C. under these conditions and 

‘ That these enhanced values are not due alone to the higher temperature is evi¬ 
dent when they are compared with those of corresponding temperatures in the 
absence of water vapor, as shown in table 4. 
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are to be contrasted with those of table 1 where water vapor was allowed 
to accumulate. 


TABLE 3 

Synthesis of water at 17S'*C, in absence of water vapor 


Volume of reaction sphere » 12.150 cc. Volume of system outside oven 8.104 cc. 
Bq » 0.100 curiSi in alpha-ray bulb. Circulation with all-glass pump 


TIMB BLAMED 


Ps 


X 

-Af 

_ 

TBUPEBA- 

ATUBB 

days 

— 

hours 

1.0000 

159.6 

192.6 



isgrsss C. 

— 

18.75 

0.8686 

134.8 

167.8 

10.48 

— 

25 

2 

16.25 

0.6176 

110.6 

143.6 

6.21 

4.5 

25 

2 

17.67 

0.6111 

109.4 

109.4* 

— 


— 

2 

23.25 

0.5860 

106.2 

106.2* 

11.97 

8.7 

176 

3 

20 76 

0.4987 

95.1 

128.1 

12.66 

9.2 

176 

4 

13.25 

0.4407 

87.1 

120.1 

11.13 

8.0 

175 

4 

24.67 

0.4045 

81.9 

114.9 

12.21 

9.1 

175 

5 

21.25 

0.3467 

74.9 

1 107 9 

10.81 

1 74 

175 

6 

?2 33 

0.2873 

67.6 

100.6 

11 86 

i 8.6 

175 

7 

22.00 

0.2405 

65.1 

95.1 

12.02 

1 

8.9 

1 

173 


TABLE 4 

Synthesis of water at various temperatures in absence of water vapor 
Volume of sphere == 14 cc. Eo * 0.100 curie in alpha-ray bulb. Circulation by 

all-glass pump 


TIME ELAPSED 


Pc 

Pen 

(ky.y 

X 

N 

TEMPERA' 

TITRE 

days 

hours 


696.7 

543.7 

_ 

_ 

degrees C. 

— 

20 


657.1 

602.9 

5.6 1 

4.5 

25\ 

1 

17.6 

0.7325 

510.8 

464.5 

6.15/ 

25 

2 

6.26 

0.6667 

461.6 

414 1 

17.2 

13.2 


2 

17.76 


446 9 


6.1 

4.65 

25 

3 

4.00 

0.5665 

434 1 

374.3 

15.0 

11.45 


3 

20.00 


184.1 

162.7 

130.6 

99.8 


4 

19.25 

0.4213 

148 7 

133.7 

24.4 

18.6 


4 

5 

19.75 

18.76 

0.4196 

0.3532 

445.9 

393.4 

398.0 

353.5 

(1) 

17.8 

13.6 

358 

6 

18.6 

0.2956 

326.7 

292.1 

33.15 

25.14 


7 

18.6 

0.2469 

92 7 

82.1 

260.4 

198.4 



(1) More reaction gas added. 


Circulation by thermal convection was also tried, but was found to give 
results less satisfactory than the foregoing. It only remained then to apply 
the circulation method at various temperatures. In each case the alpha- 
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TABLE 6 

SytUhetii at higher temperature in absence of water vapor 


Volume of sphere » 14 cc. Et » O.IOS curie in alpha-ray bulb. Circulation by 

means of all-glass pump 


TXMB ELAPSXD 

g-Xt 

Pc. 


UcnY 

X 

-M 

N 

TEMPERA' 

TUBE 

daya 

houra 

1.0000 

288.4 

316.4 



degreea C. 

— 

17.76 

0.8751 

276.8 


3 0\ 

4 6 

25l 

1 

19.0 

0.7243 

264.1 

279 1 

5.2J 

25/ 

2 

14.26 

0.6269 

220.6 

246 6 

14.3 

13 4 

400 

3 

17 76 

0.5100 

207 2 

232 2 

4 8 

4 6 

25 

4 

16.50 

0.4333 

142.6 

167.6 

43 2 



5 

21.76 

0.3463 

136.6 

161.6 

4 3 

4.2 

25 

5 

22 00 

0 3447 

226 2 

251.2 

(1) 



6 

19 26 

0.2939 

208 0 


15 1 


284 

7 

16.25 

0.2511 i 

195 3 



12 3 

375 

7 

16 5 




(1) 



8 i 

16 5 


119 0 



175.0 

525 


(1) More reaction gas added. 


/V 


0 - 


















1 . 








< 

f- 

1 .. 















^ 0 ^ 

ft * 

19 


_a. 



' 1 


A. 



-<lr 

r -.. 

1 

1 

-0 



-ZOO -too o /oo zoo 
T tmptrsXurt 

Fio. 4 


300 


400 


ray bulb and reaction sphere are calibrated for ionization by means of 
reaction rate of electrolytic mixture at 25®C. The detailed results of two 
of these experiments at various temperatures are given in tables 4 and 5. 
One experiment was carried out in a closed static system consisting of a 
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sphere and short connecting tube all enclosed at the reaction temperature 
SOO^C. so as to test the complete correction for a known amount of water 
vapor. Assuming 100 per cent efiSciency of the ions of water vapor gave 
the value M/N = 14, in good agreement with those of the circulating 
method, thus proving the r61e of water vapor ions and their 100 per cent 
efficiency in promoting synthesis. 

In figure 4 are plotted the results of a number of experiments at tem¬ 
peratures ranging from — ISS^C. to 400®C. From this curve are calculated 
the temperature coefficients which are shown in table 6 along with photo¬ 
chemical results for purposes of comparison. 

TABLE 6 

Comparison of radiochemical and photochemical temperature coefficients 



TBMFERATITRB COBFPICXBNTB 



Photochemical 

TBMPSBATURB 

INTERVAL 

Radiochemioal 


Mercury senBitized 

Direct 

P mm* Hr 

0.0004 

P mm- Hg 

0.0035 

Pmm- Hr 
0.020 

degrees C. 

183 to 25 

1.00 



, 

— 

100 to 200 

1.039 

1.045 



— 

200 to 300 

1.043 

1.07 

— 

— 

•— 

300 to 400 

1.047 

1.07 

1.12 

1.09 

1.05 

400 to 500 

1.047 

— 

— 

— 

— 

400 to 490 

— 

1.13 

1.08 

1.07 

1.05 


DISCUSSION 

The most outstanding feature of the temperature coefficient of this re¬ 
action is the complete absence of any influence of temperature from 
— 185®C. to 25®C., a range of more than 200®C. On account of the lack 
of influence of temperature on the primary step, ionization, it might be sup¬ 
posed that any reaction resulting immediately and quantitatively from 
ionization should show no temperature coefficient. The fact that it does 
not in the lower temperature range fimiishes evidence of two types of reac¬ 
tion, the stably quantized type, and at higher temperature, a chain mech¬ 
anism of some kind. 

For convenience one may assume for the low temperature range the 
ion “cluster” type such as has already befen proposed for this and other 
reactions. At higher temperatures one would hardly expect the clusters 
to increase in size or efficiency of reaction, and it seems more probable to 
assume a breaking down of the cluster and a transition to some type of 
chain mechanism which ultimately leads to explosion. It is not improbable 
that the cluster mechanism persists and overlaps the nhain Tnflnhnniam^ 
which gradually becomes predominant toward higher temperatures. 
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The complete efficiency of ions of water vapor in promoting the reaction 
is interesting, especially in view of the low efficiency (14 per cent) found by 
Rosenblum (9) of carbon dioxide ions in promoting the oxidation of car¬ 
bon monoxide. In other cases however, there was ample analogy to sup¬ 
port 100 per cent efficiency of foreign gas ions, also in this reaction (loc. 
cit.). 


SUMMARY 

The combination of hydrogen and oxygen under alpha radiation was 
studied at temperatures varsdng from — ISS^C. to +500°C., with radon 
mbced with the reacting gases and with radon in an alpha-ray bulb, with 
and without circulation of the gases. 

The results obtained for the reaction at 25®C. agree with those previously 
obtained, viz., three molecules of water formed per ion pair (calculations 
being based on higher values of intensity of ionization than formerly). 
The reaction is found to proceed with approximately this same ion pair 
yield at — 185“C. and at — 78®C. 

A positive temperature effect sets in above room temperature. The 
temperature coefficient is found to vary between 1.02 and 1.05. These 
values are compared with those found for the photochemical reaction. 

The method of applying the correction for reaction due to ionic catalyst 
(water vapor) present in the system is considered. It is found that the 
ions of water vapor possess the same efficiency in producing reaction as the 
ions of the reacting gases themselves. 
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I. introduction 

In the preceding paper on this subject/ the following general equation 
was deduced for the electrocapillary curve (I, p. 126): 

p®« P^ r 

d<r - - j!-dT - ^ r?d« - ^ r?dMi - ^ Ttduk - *“d[(v» - v) 

t » 1 1-1 ifc - 1 

+ (»>" - - 1] (40) 

It is the purpose of the present papjer to deduce from this equation the 
special equations describing the variation of the electrocapillary curve 
with composition. The results are of value because they show how elec¬ 
trocapillary measurements are to be interpreted thermodynamically so as 
to yield the maximum amount of information about the composition of 
the electric double layer. 

The system to which equation 40 applies is made up of three parts as 
follows: (1) two phases a and constituting a perfectly polarizable system 
(I, p. 112 ff.); (2) a piece of some metal Me and a series of contiguous phases 
connecting it with a (I, p. 126); (3) another piece of the same metal Me 
and a series of contiguous phases connecting it with jS. In general the 
composition of each of the parts 1, 2, and 3 is to be regarded as independ¬ 
ently variable. 

As regards the two phases a and 0 of the perfectly polarizable system 
proper, it will be recalled that they may have no charged components 
Xi in common (I, p. 116), i.e., that 

p ^ pa + pf (1) 

> This Journal 38, 111 (1934); this paper will henceforth be referred to as I, the 
present paper as II. The equations in I and II are numbered as a single series: I 
contains equations 1 to 43 inclusive; II equations 44 to 168 inclusive. The reader is 
referred to 1 for the meaning of all mathematical symbols except those used for the 
first time in II. 
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Furthennore, in practice one of the two phases is alwajrs metallic, the 
other nonmetallic. Therefore the electrically neutral components Xu, being 
insoluble in metals under ordinary conditions, are in practice always con¬ 
fined to the nonmetallic phase, i.e., if, as is the case throughout tins paper, 
a denote the metallic, the nonmetallic phase, then (I, p. 117) r“ *= 0 and 


r — 


( 6 ) 


Thus in practice the two phases never have any components, charged or 
neutral, in common, and therefore the composition of each phase interior 
may be varied independently of the other. Bestricting equation 40 in 
accordance with equation 5 yields 




d<r = - SMT - rtdMf - 2 - S 




A? * 1 


(40.1) 


- ,“d[(^“ - + (y" - 


This paper will be confined to the consequences of equation 40.1. 

Throughout this paper it is assumed that the metallic phase a and the 
arbitrary metal Me are in direct contact without intervening phases. Be¬ 
sides the variation of a and p it is therefore necessary to consider only the 
variation in the above-mentioned part of the system. This part of the 
system shall henceforth be designated as the reference electrode (cf. I, 
p. 111). For example, if the system under consideration is 

lap II 

Me I Hg I 1 N KNOi solution | 1 N HCl solution | AgCl | Ag | Me 

then the reference electrode is 

Me I Ag I AgCl 11 N HCl solution 

The problem is thus reduced to that of the independent variations of a, 
of p, and of the reference electrode. The effects of these three kinds of 
variation on the behavior of the system are accordingly considered sepa^ 
rately below. 

It is to be noted in advance that the equations derived below are per¬ 
fectly exact only for the case in which the pressures P“ and of a and p, 
respectively, are each constant, and that in order to apply these equations 
to the electrocapillary curves determined in the Lippmann electrometer, 
in which P“ varies slightly, it is necessary to assume that the quantities 
At* (equation 40.1) are independent of P“ within the limits defined by the 
inequdity 42 (I, p. 127). The fact that equation 43 (I, p. 127), which 
rests upon this assumption, is experimentally verified, may be regarded 
as direct proof that there is no appreciable error connected with the 
assumption. 
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II. VARUTION OP THE ELECTROCAPILLARY CURVE WITH THE COMPOSITION OP 
THE REFERENCE ELECTRODE 

Let the surface tension cr, the temperature T, the pressures P®, P^, and 
the composition of the phases a and /3 be kept constant, and let the refer¬ 
ence electrode be varied as regards both the number and the composition 
of all its phases. Then equation 40.1 reduces to 

d[(v‘ - - t] - 0 (44) 

whence 

(v?* — <p^) -f — TE = constant* (45) 

TE « - constant -f — <p^) -f (46) 

Now consider two different reference electrodes which may be represented 
by 

Mei 111 and Mcs 111 
1 2 

where the three vertical lines with the subscripts 1 and 2 indicate the pres¬ 
ence of an arbitrary number of different phases in each case. For these 
two reference electrodes equation 46 may be written as 

— constant + — ^)i (47.1) 

lEj ** — constant -j- (^* — <p ^)2 4" ■“ ^)2 (47.2) 

Subtraction of equation 47.2 from equation 47.1 gives 

TEi — — v>“)2 + (^ “* ¥>^)i + (v?^^ ~ fp^)i + (<p^ — (48) 

The quantity on the right side of equation 48 is evidently the e.m.f. of the 
combination 

MeajalMeilljiSlIlMe, 

1 2 

which, since a is metallic, has the same e.m.f. as the cell formed out of the 
two reference electrodes by joining them through Changing from one 
reference electrode to another therefore displaces the electrocapillary curve 
of a given perfectly polarizable system horizontally by an amount equal 
to the E.M.F. of the cell formed by joining the two reference electrodes 
through jS. 

HI. VARUTION OF THE ELECTROCAPILLARY CURVE WITH THE COMPOSITION 

OF THE METALLIC PHASE 

Let the temperature T, the pressures P®, P^, the composition of the 
nonmetallic phase P and the composition of the reference electrode be 

* Comparison of equation 46 with equation 39 (I, p. 126) shows that constant - 
- ^). 
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r^arded aa constant, and only the composition of the metdlie phase a and 
the applied potential IE be varied. Under these conditions the terms in 
T, M?, M* and vanish from equation 40.1 leaving 

dff ■» — TidMi ~ «*d (p“ “ <^) + «*dlE (4S) 

A. The case p“ = 

This case, the simplest possible, is trivial for the purpose in hand, be* 
cause the interior of a can consist only of a single metal and is therefore 
incapable of variations of composition. The terms in /t“ and — i^) 
accordingly drop out of equation 49, leaving the Lippmann-Helmholtz 
equation 41. 

B. The general case of any number of charged components p“ 

In this case the interior of a consists of a solution of a number q“ of 
metals such that (I, p. 116) 

9“ - P* - 1 (2.1) 

For this general case equation 49 is reducible to a simple form, first, be¬ 
cause a being metallic all its charged components are of the same sign 
(positive) except one, namely the electron, and second, because a and 
Me being in direct contact, it is always the electron with respect to which 
a and Me are in electrochemical equilibrium. 

Let My+ and pS be the chemical potentials (per equivalent) of the cations 
of the metal and of the electrons, respectively, in the interior of « and 
letr^ +, Fe be the corresponding surface densities (in equivalents per unit 
area). The sum in equation 49 may then be written as 


pO 

^ TydMi “ ^ r“+dM“+ + TedMe (50) 

i-i }-i 

The introduction of the necessary relation 

** a o , 

M/+ =* My — Me (61) 

where p“ is the chemical potential per equivalent of the metal, into 
equation 50 gives 


y] FidMi - ^ r“+dM“ - 


From equation 33.1 it is evident that 



r“+- 



d/i| 



(62) 


(63) 
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The substitution of equation 53 into equation 52 and of the result into 
equation 49 gives 

do” “ — / 4- «*d ^ — €“d -f e“dTE (54) 

Now since a and Me are in electrochemical equilibrium as regards the 
electron, 



where Me is the chemical potential of the electron in Me. But since the 
composition of the reference electrode and therefore that of Me is con¬ 
stant, Me Is constant and hence 

T ^e 

=dy (66) 

so that equation 54 becomes 

d<r « — r%dMy + €“dT (57) 

j-i 

The m“ in this equation are of course subject to the Gibbs-Duhem relation 
at constant T and P®, which may be written as 

g® 

2 » 0 (68) 

where iV® is the equivalent fraction of the metal, defined in analogy to 
the mole fraction by 


a 



r-1 


n y and n®/ being the number of equivalents of the and the metal in a 
given mass of the interior of the phase a. The simultaneous equations 
57 and 58 give a complete thermodynamic account of the case of any 
number of metals at constant temperature and pressure. 


C. The case ^ S 

In this case the interior of a consists of a solution of two metals. Let 
the subscript 1 refer to the solvent metal; subscript 2 to the solute metal. 
Then equations 57 and 58 become, r^pectively. 
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do- n — ri+dMl+ ““ r2+dM2+ + «®dl (60) 

N^.dnf + i^?dM? - 0 (61) 

The elimination of the chemical potential of the solvent metal, mT> from 
equations 60 and 61 gives 


dff 




d/i? “t" e*dlE 


(62) 


This equation yields for the vertical shift of the electrocapillary maximum 
with (by setting €« = 0 according to equation 41) 


but 


Nz a max 


a max 
^2 + 


for the vertical shift of the electrocapillary curve 

for the horizontal shift of the electrocapillary curve 


(63) 


(64) 


(65) 


Nt 

For suflBciently small values of Nt the terms in — ??+ in equations 63,64, 

N 1 

and 65 may be neglected; this yields the approximate relations 


^^max max 

a 

(66) 

but 



(67) 

VdiuSA " 

(68) 


so that from the shift of the curve with composition, the adsorption of the 
solute metal ions in a sufficiently dilute metallic solution may be calcu¬ 
lated if the thermodynamic properties of the solution are known. It is to 
be noted that the equations lead to no relation giving r?+ or in terms of 
experimentaUy observable quantities, so that the knowledge of the compo¬ 
sition of the metallic side of the double layer obtainable from thermody¬ 
namics alone, while valuable, is incomplete. Equation 67 is essentially 
identical with an equation given by Frumkin (2). 
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IV. VARUTION OP THE ELBCTROCAPILLARY CURVE WITH THE COMPOSITION 
OF THE NONMETALLIC PHASE 

Let the temperature T, the pressures the composition of the 

metallic phase a, and the composition of the reference electrode be kept 
constant, and only the composition of the nonmetallic phase and the 
applied potential 1 be varied. Under these conditions the terms in T, 
Mi, and — (p^) vanish from equation 40.1, leaving 

da «« — rfd/xi — rfd/x* — — <p^) + €*dTE (69) 

» - 1 A « 1 

Owing to the possibility of more than one kind of charged component of 
each sign in as well as of neutral components, and furthermore of various 
types of electrochemical behavior at the junction between and the 
reference electrode, this case is more complicated than that of the metallic 
phase a. As a result equation 69, in contrast to equation 49, is not re¬ 
ducible to a simpler form without added restrictions. The discussion is 
therefore profitably limited to a number of special cases of physical 
interest. 


A, The case == 2 

This case, the simplest possible, is trivial because the interior of can 
consist only of a single electrolyte® dissociating into two kinds of ions 
(e.g., a molten salt), so that variations of composition are impossible. 
Equation 69 reduces to the Lippmann-Helmholtz equation (41). 

B, The case = 2, — 1 

In this case the interior of P contains one electrolyte dissociating into 
two kinds of ions and one nonelectrolyte. The best examples are electro- 
l3rte solutions in certain organic solvents, e.g., lithium chloride in acetone. 
Aqueous electrolyte solutions come under this case only in so far as the 
dissociation of the water may be neglected; as shown later (II, p. 361) this 
is possible without serious error in certain special cases. In the following 
treatment the nonelectrolyte is regarded as the solvent in the interior of 
jS, the electrolyte as the solute, because this is the situation met with in 
practice. 

Let pi and m - be the chemical potentials (per equivalent) of the cation 
and anion of the electrolyte, and m? the chemical potential (per mole) of 

* In the present discussion of the nonmetallic phase, the term ''electrolyte’^ will 
be used in its special, and usual, sense, and not in the general sense of "electrolyte 
component," as defined in I, p. 116. 
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the nonelectrolyte. Let r^, r£, and rg be the corresponding surface 
densities. Equation 69 then becomes 

d«r - - ifditf - rfdj*? - ifd/if - «“d(v“ - ^) + (70) 

The substitution of 

*.? - - m£ (71.1) 


or alternatively of 

~ #»+ (71.2) 

where is the chemical potential per equivalent of electrolyte, yields 

d<r - - ifdM? - rJdM*’ ± (rf - rS d;*! - -v>)+ «“dt (72) 

where the two alternative equations are written as a single equation with 
double signs. Since by equations 33.2 and 10.2 

r? - r£ - ^ (73.1) 

F 


** 

F 


equation 72 becomes 

mI 

d» ” — rgduf ~ T^dyfi T «“d — — e“d(v^^ — v>^) + *“dl^ 


(73.2) 


(74) 


The chemical potentials mo aud are subject to the Gibbs-Duhem relation 


ArfdM? + iVOdM^-0 

in which No, N^ are defined similarly to mole fractions by 


«■ --— 

” ng + nO 




ng + n® 


(76) 


(76.1) (76.2) 


where ng and are the number of moles of nonelectroljrte and equivalents 
of electrolyte, respectively, in a given mass of the interior of 0. Since the 
nonelectrolyte is regarded as the solvent, it is expedient to eliminate 
jug from equations 74 and 75; this gives 


. /NO . 


r| ^ d^o T 


«®d — — «“d((p^ — I 
F 




(77) 


For the vertical shift of the electrocapillary maximum («“ » 0) with 
fiO, equation 77 sdelds 


NO 
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The double sign remaining in this equation can be eliminated, because on 
setting e“ = 0 in equation 73.2 it appears that 

pfirauK ss (79) 

so that it is permissible to set 

- rf,(80) 


and equation 78 becomes 




__ -p^max 

^ electrolyte 




In sufficiently dilute solutions of the electrolyte the term ^ ^o” 
ligible and equation 81 becomes 

d<r“ 




^ p^max 

““ ^ electrolyte 


(81) 


■ IS neg- 


(82) 


lary-inactive ^ ~ i 


< 0) electrols^es in 


This equation may be taken as the basis for the distinction between capil- 
, ~ 0^ and capillary-active ^ 

a given nonelectrolyte solvent. 

The further consequences of the alternative equations 77 depend upon 
the electrochemical behavior of the junction between the phase p (of vari¬ 
able composition) and the reference electrode (of constant composition). 
The following two cases are of physical interest: 

Special case 1, The potential difference (v>*i — tp^) is given either by the 
equation 


yll — ^ — constant -f- ^ 
F 


or by the equation 


^ « constant — 


Ml 


(83.1) 


(83.2) 


If — ip^) is given by equation 83.1, then the reference electrode will 
be said to respond simply to the cation of /S. Example: 

la $ 

Me I Hg I KNOa solution of variable concentration | E amalgam of constant 

II 

concentration | Me 

And if — fp^) is given by equation 83.2, the reference electrode will be 
said to respond simply to the anion of jS. Example: 

la p II 

Me I Hg I ECl solution of vanable concentration | HgCl | Hg | Me 



384 


F. O. KOENIG 


Special case S, The junction between and the reference electrode is a 
* ^liquid-liquid junction.” Example: 

Me I Hg I KNOs solution of variable concentration [ IN H 1 SO 4 1 Hg 2804 1 Hg | Me 

in which the solvent* in the phases and 7 is the same. 

Of these two special cases, the first is the simpler theoretically, but spe¬ 
cial case 2 is the only one which has hitherto been investigated experi¬ 
mentally. 

Special case 1 . The reference electrode responds simply either to the cation 
or the anion of fi. If it responds simply to the cation it follows from equa¬ 
tion 83.1 that 

d (^n ^ « d (84.1) 

t 

and hence from equation 77 with the lower sign that 

d(r = To - rf ^ dM'* + (85.1) 

If, on the other hand, the reference electrode responds simply to the anion 
of | 8 , it follows from equation 83.2 that 

d (<o^^ — tffi) “ — d ^ (84.2) 

t 

and hence from equation 77 with the upper sign that 

dT - rJ dM« + ."dl (85.2) 

Equations 85.1 and 85.2 yield the following relations for the shift of the 
electrocapillary curve with if the reference electrode responds simply 


to the 


cation of /3 

anion of 

/dv\ 

y>f*yx No ^ 

/ \ a 

( —.) - Fi ® 




* In so far as the solutions used in the examples for the above cases 1 and 2 are 
considered to be aqueous, the electrolyte dissociation of the water is neglected here. 
As shown in II, p. 361, this assumption leads to no serious error in a ntunber of cases. 
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For sufficiently small values of AT** equations 86.1 to 87.2 lead to the ap¬ 
proximate relations 




("X 










rj 


(88.1) (88.2) 


(89.1) (89.2) 


SO that from the shift of the curve with coraposition, the adsorption of the 
solute cation or anion in a sufficiently dilute solution may be calculated, 
if the thermodynamic properties of the solution are known. Any one of 
the equations 88.1 to 89.2 together with equations 73.1 and 73.2 and the 
Lippmann-Helmholtz equation (41) evidently leads to a complete knowl¬ 
edge of the ionic content of the nonmetallic side of the double layer in this 
case. 

Special case 2. The junction between and the reference electrode is a 
liquid-liquid junction. This case may be represented schematically as 
follows; 


I 

Mel 


y 


II 

Me 


in which Me 111 7 is the reference electrode, and the liquid-liquid 
junction /3 ] 7 is made up in some definite and reproducible manner. The 
system thus represented will be referred to as system S. In order to 
apply equation 77 it is expedient to consider besides system S also the 
following cell, henceforth designated as system S': 


III 

Me lll^l T I 

1 


IV 

I Me 


In this cell the electrode Me 111 7 and the liquid-liquid junction | 7 
are supposed to be identical with the reference electrode and the junction 

1 7 , respectively, in system S. The electrode Me | j 1 of system S' 

1 

is supposed to be any electrode whatever which responds simply to either 
the cation or the anion of as defined under special case 1 (II, p. 347), and 
will henceforth be referred to as electrode 1 . The Boman numerals I, 
II, III, IV serve merely to label, for the purposes of discussion, the four 
separate pieces of the same metal Me which form the terminals of S and 
S'. 

The quantity occurring in equation 77 may now be trans¬ 

formed as follows: 


^ ^ (^iv _ 

- (»>“ - vO).- + 

- + X' 


(90) 

(91) 

(92) 
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where the subscripts S and S' indicate the systems to which the corre¬ 
sponding quantities in parenthesis refer, and 1' is the of the cell, 

QTstem S', defined by 

(93) 

The introduction of equation 92 into equation 77 gives 

^ r? - ^ =F «"d ^ - «*d - ».#).. - *«dl' H; *«dl (94) 

If now electrode 1 responds simply to the cation of /8 it follows in analogy 
to equation 84.1 that 

(96.1) 

t 

and hence from equation 94 with the lower sign that 

d<r - ( ^ r? - r£ ) d^o - €“d1' + e»dl (96.1) 

\nI ) 

Similarly if electrode 1 responds simply to the anion of /9 it follows in 
analogy to equation 84.2 that 

d — ^0.' “ ““ d^ (95.2) 

and hence from equation 94 with the upper sign that 

d<r - To - rf ^ dn> - t’dX' + .-dt (96.2) 

Equations 96.1 and 96.2 3 rield the following relations for the shift of the 
electrocapillary curve with : if electrode 1 responds simply to the 


cation of 


(i>,\ N»g . dl' 

1 jTfl ) " —5 — t£ — t" —-j- 

(97.1) 

/dl\ 1 /JV« ^ A d¥' 

(98.1) 

anion of 


/d<r\ NO , . dV 

WhNt " ^ 

(97.2) 

Wl ‘“U " 

(98.2) 
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In^sufficiently dilute solutioos the terms in 


^^0 


To may be neglected as in 


special case 1. 

The comparison of equations 97.1 to 98.2 with equations 86.1 to 87.2 
shows that special case 2 leads to exactly the same information regarding 


the double layer as special case 1, provided is known. 

Ofi^ 


In general, 


bl' 

the only way of obtaining accurate values of —-r is by experiment, be- 

bju* 


cause the cell S' contains a liquid-liquid junction (variable with 0) and 
the exact thermodynamic equations for the e.m.f. of such ceils contain so 
many unknown factors as to be useless practically. The situation may be 
illustrated by considering a particular system, for instance, the system 
given as an example of special case 2 in H, p. 348. A possible choice for the 
corresponding si^stem S' is the following: 


m 

Me IK amalgam of constant concentration | KNOt solution of variable concentration— 


y IV 

1 N H,S04 I Hg,8041 Hg I Me 
The exact equations for the E. m. f. t' of this cell are^ 


where 


^E 1 


t' - Iei + Id + Is 
_ RT , . RT , ^ 

to - — In c|^* - ^ In c5o: 


(99) 

( 100 ) 


Td 


RT 


' rs r» r» 

I tK+d In Cjjt + / <H+d In Cg* - / lNOi-d In 

fO ] 

- i J <so;d In cgo- j- 


NOr 


( 101 ) 


1 ^. 


3RT 

2F 


/; 


tK*d In /K^ sor + / In so: 


r 


+ f tNOrd In l(fK* NOi')*"* • /K^ so:I ~ In so:l 
Jy J 


( 102 ) 


IEei is the ideal value of that part of the total e.m.f. which is due to the 
two electrode potentials of the cell S', ‘Ed is the ideal value of the diffusion 


* The exact thermodynamic treatment of cells with liquid-liquid junctions is due 
to P. B. Taylor (5) and E, A. Guggenheim (3). Equations 99 to 102 were derived by 
the methods of these authors, so that the inclusion of the derivation here is 
unnecessary. 
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potential at the liquid-liquid junction between and 7 , and Ig takes 
account of the deviations of the two electrode potentials and of the diffu¬ 
sion potential from their ideal values; c and t denote the concentration in 
equivalents per liter of solution and the transference number in equivalents 
per faraday, respectively, of the ion indicated in the subscript; / denotes the 
mean activity coefficient of the salt corresponding to the ions indicated 
in the subscript; 1® is a constant. The evaluation of the integrals in 
equations 101 and 102 necessitates a knowledge of the values of c, t, and / 
both in the interiors of and 7 and at every point of the intermediate 
diffusion layer, and is therefore at present impossible. It follows that 

bV 

the calculation of accurate values of -r-r from such equations as 99 to 102 

Ofi^ 

is also impossible at the present state of knowledge. As a rule, therefore, 
the complete thermodynamic interpretation of the electrocapillary data 
in special case 2 necessitates supplementary measurements of the e. m. f. 
of cells of the type S'. 

In at least one case of physical interest, however, the theoretical ex- 


bV 

pression for ds simple enough to be of practical value. This case is 

bfi^ 

defined by the following two conditions: (1) The phase 7 of the reference 
electrode contains only one electroljrte which is the same as that in (2) 
The reference electrode responds simply to either the cation or the anion 
of 7 , i.e., if the concentration of the electrolyte in 7 were varied, then 


/ n rx 
^ 


/ IV y. 


either: constant + 

F 


constant — 




(103.1) 

(103.2) 


The simplicity of this case arises from the circumstance that electrode 1 
of system S' may always be chosen so that the ion of to which it responds 
simply is the same as the ion of 7 to which the reference electrode responds 
simply; for such cells S' it is readily shown® that 

t& 

dTE' « — ~ if the two electrodes respond simply to the cation (104.1) 


d¥' 


F 


d/i^ if the two electrodes respond simply to the anion 


(104.2) 


An example of a system S fulfilling the above conditions is 

1 « ^ y II 

Me I Hg I KCl solution of variable concentration | 1 N KCl | HgCl | Hg | Me 

« By the methods used in deriving equations 99 to 102. See II, footnote 5; also 
reference 4. 
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The corresponding system S' is 

III & y IV 

Me I Hg I HgCl I KCl solution of variable concentration | 1 N KCl | HgCl | Hg | Me 

which obeys equation 104.2. The introduction of equations 104.1 and 
104,2 respectively into equations 96.1 and 96.2 yields the equations 



(105.1) 

dff «= I’o - Ti - + «“(nE 

(105.2) 

which give for the shift of the electrocapillary curve, 
electrode responds simply to the 

if the reference 

cation of y 


/a.\ N- , 

Wk 

(106.1) 

W. ‘“U? “ / ^ 

(107.1) 

onion of y 



(106.2) 


(107.2) 


In suflSciently dilute solutions the terms in — rj may be neglected as 

0 

before. 

Finally a semiquantitative general result useful in dilute solutions is 
obtainable by the following approximations: ( 1 ) The deviation of the 
solution in jS from ideality is neglected. ( 2 ) The liquid-liquid junction 

between and 7 is neglected. (3) The term FJ is neglected. From 

approximation 1 it follows that 


d4 « ^dlnc^ 

(108.1) 

dfxi, « — ^ d In 

(108.2) 

0 0 

RT d In c« 

(109) 
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where zi, zt are the valences (with sign included) of the cation and 
anion in j3 and is the equivalent concentration of the electrolyte. Fur¬ 
thermore from equation 93 it follows that 

dIE' " d(<»^ — (110) 

— — d(^™ — (Ill) 

which on introduction of equation 95.1 or 95.2 becomes 

dl'- -d^^ + dCylv — if electrode 1 responds simply to the cation of IS (112.1) 

r 

d^' ” d ^ if electrode 1 responds simply to the anion of 0 (112.2) 


By approximation 2 the term d(«ji''^ — ^^),. drops out; the substitution of 
equations 108.1 and 108.2 respectively into equations 112.1 and 112.2 then 
gives 


dl'--J|dlnc. 

(113.1) 

dl'--J^dlnc<' 

(113.2) 

Introducing equation 113.1 into equation 96.1, equation 113.2 into equa¬ 
tion 96.2, and furthermore equation 109 and approximation 3 into both 
equation 96.1 and 96.2 yields the alternative equations 

r| +4^]dinc» + ..dl 

(114) 

That these equations (114) are alternative is proved by the fact that one 
of them is obtainable from the other by the substitution of 

r|-r|=Fj 

(116) 

obtained from equation 73.2. 

Equation 114 gives for the shift of the electrocapillary 
concentration 

curve with 

— _ „ jam pf'max 

dlnc^ *el«ttolyt. 

(116) 


(117) 

{j!l\ -ffirP--*' n 

(118) 
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For the special case of a capillary-inactive electrolyte at points along 
the electrocapillary curve sufficiently far removed from the maximum 
equation 118 may be integrated with the aid of a further approximation. 
In such an electrolyte the adsorption r+, ri of the two ions is due wholly 
to the electrostatic attraction of the charged metal surface, specific chem¬ 
ical forces being absent. Along the ascending branch e® > 0, so that the 
metal surface attracts anions and repels cations, whence F?. > 0, r+ < 0. 
At points far removed from the maximum, where e“ is relatively large, 
r^, because it is negative and the solution is dilute, is still relatively small 
numerically, so that for the lower part of the ascending branch the ratio 

becomes negligible in equation 118. 

(upper sign) gives 

bt \ 

dlncO/,” ziF 


Setting = 0 in equation 118 

RT .. 


which may be integrated at constant a, giving for the horizontal displace¬ 
ment of the ascending branch with concentration, 


= -( 120 . 1 ) 

vt 

Similarly for the lower part of the descending branch — may be neglected 
and equation 118 (lower sign) gives 


/ \ ^ 
ya In 

- 1 . 

Equations 120.1 and 120.2 have already been given by Frumkin (1, 2). 


RT 

z^F 

(119.2) 

RT. el 

'J'f ? 

Z t Cl 

(120.2) 


C. The case p‘‘ = S 

In this case the interior of jS consists of two electrolytes of two ions each, 
one of these ions being common to both electrolytes. The common ion 
may be either a cation or an anion. The best examples are aqueous solu¬ 
tions of acids (cation H'*' in common) and of metallic hydroxides (anion 
OH~ in common). 

Special case 1. The common ion is a cation. In this case equation 69 
become 


dff “ — r+d/i+ — FtfdMi- ~ rf-dM?” ~ »“d(v*^ — + «“dl (121) 
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in which the subscript + refers to the cation, and the subscripts 1 — and 
2 — to the anions of the solvent and the solute respectively. The sub¬ 
stitution into equation 121 of the two relations 

M?-- M? - (122.1) 


S 0 » 

MS- “MS — M+ 


( 122 . 2 ) 


where ni and ms are the chemical potentials per equivalent of solvent and 
solute respectively, yields 

d» - - r?_ dMf - r|_ dM? - (rf - rf. - rf_) dM^ - «*d(,»" - ^) + c-dt (123) 


From equations 33.2 and 10.2 it follows that 



(124.1) 


- - - (124.2) 

F 

and hence from equation 123 that 

0 

da =» — rf-dMi ■" Ts “ dMs— "h *“d * — €“d(^^^ *— + e®d*t (125) 

F 


which, on elimination of m? by means of the Gibbs-Duhem relation; 


gives 


JVfdMS + A(fdMS - 0 


d<r 




diJ.2 ^ ”” — ip^) -f- e®dt 

V 


(126) 

(127) 


where Ni and N{ are the equivalent fractions (cf. equation 59) of solvent 
and solute respectively. 

For the shift of with ju? equation 127 yields 


do max 

e)Ms 


^ 2 _/3max _^max 

-,r,. -r,. 


(128) 


jyfl fl 

in which the term is negligible in 

giving the approximate relation 


sufficiently dilute solutions, 


d/u 2 


-r?““ 


(129) 


The further consequences of equation 127 depend upon the nature of the 
junction between /3 and the reference electrode. The following four spe- 
cud cases lor, 1 ;8, 17 , li are of physical interest. 
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Special case lot. The reference electrode responds simply to the cation of 
fi, i.e., 


— ^3) « d ^ 


(130) 


The introduction of equation 130 into equation 127 gives 

da - rf- - rf_^ dM* + «“d1 (131) 

This equation yields for the shift of the electrocapillary curve with /if 


(133) 


Nl 


in which the term — r?« may be neglected in sufficiently dilute solutions 

N 1 

giving the approximate relations 


/ da \ Q 

W ~ 

(134) 

/^\ ^rf. 

Wf/a“ 

(135) 


Special case Ifi, The reference electrode responds simply to the anion of 
the solvent in iS, i.e., 




s 

Ml- 


The substitution of the relation 


s » s 
M+ ** Ml — Ml- 


(136) 


(137) 


into equation 127, and of equations 136 and 126 into the result yields 

7^ 

I «'■ \ I J 

12 


da- dM 2 +€*dl (138) 


This equation gives for the shift of the electrocapillary curve with /if 


(5V 

in which the term ^ may be neglected in sufficiently dilute 


(139) 

(140) 


solution giving again equations 134 and 135. 
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Special case ly. The reference electrode responds simply to the anion of 
the solute, i.e., 


d(^-^ - -d 



(141) 


The substitution of the relation 


- #«* - mL (142) 

into equation 127, and of equation 141 into the result 3 rielcls 

+ + ««dt (143) 

This equation gives for the shift of the electrocapillary curve with ui 


/dX\ r,0\ 1 

Nl 


(145) 


in which the term —I rf_ may be neglected in sufficiently dilute solutions 
1 

giving the approximate relations 



From equations 129, 134, 146, and 41, it is evident that from the shift 
of the electrocapillary curve with composition, the adsorption of the 
solute anion in a sufficiently dilute solution may be calculated in the cases 
considered, if the thermodynamic properties of the solution are known. 
It is to be noted that the equations lead to no relation giving or rf_ in 
terms of experimentally observable quantities, so that the information ob¬ 
tainable, while valuable is incomplete. The situation regarding the non- 
metallic side of the double layer for => 3 is therefore similar to that 
regarding the metallic side in the case p“ = 3 (II, p. 344; cf. particularly 
equations 128,129, 131, 132, 133,134 and 135 with equations 63,66, 62, 
64, 65, 67, 68). 

Special case 1 i. The junction between and the reference electrode is a 
liquid-liquid junction. By means of supplementary b.m.f. measurmients 
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of suitable cells this special case can always be reduced to one of the fore¬ 
going special cases la, 1/3, I 7 , in exactly the same way as for = 2, 
r* =s 1 , special case 2 is reducible to special case 1 by means of the cells 
S' (n, pp, 349 - 355 ). 

Special case 2 (of the case p^ = S). The common ion is an anion. The 
results for this special case are immediately obtainable from those for 
special case 1 by replacing the word “cation” in the discussion of special 
case 1 by “anion” and vice versa, and, in equations 121, 128, 129, 131 to 
135, 138 to 140, 143 to 147, replacing the - 1 - in the subscripts by — and 
vice versa. 

D. The case p^ 4 

This case is so complicated that a general treatment is inexpedient. 
There is only one special case simple enough to be worth considering here. 

Special case 1 . This case is defined by two conditions; ( 1 ) The interior 
of /3 consists of two electrolytes of two ions each, there being no common 
ion. ( 2 ) The ions of the solvent electrolyte are not specifically adsorbed. 
This special case is of importance because it includes the aqueous solutions 
of certain neutral salts. 

Under condition 1 equation 69 becomes 

d<r “ — ri 4 .dMi+ ~ r_id/xj- —• r 2 +dM 2 + ~ r^-d^*- ~ — »>*)+ «“dl (148) 

where the subscripts 1 -|-, 1 — refer to cation and anion of the solvent 
electrolyte, 2 - 1 -, 2 — to cation and anion of the solute electrolsde. Condi¬ 
tion 2 means that 

r?+ - r?_ (149) 

so that it is permissible to set 

ri± - rf (150) 

where rj is the surface density of the solvent molecules (in equivalents 
per unit area). The substitution of equation 150 and of the relation 

M1+Ml- “ Ml (151) 

into equation 148 gives 

dff “ — rfdMi — I'i+dMs+ ~ r2_dii2- —■ <“d — ^) + e*dl (152) 

If the subscripts 1, 2-f, 2— are replaced by 0, -f, —, respectively, equa¬ 
tion 152 becomes identical with equation 70 for the case p^ = 2, — 1 

(n, pp. 345-355). Moreover, under condition 1 above the interior of /3 
contains only two independently variable components, so that the Gibbs- 
Duhem equation for the case in hand is similar to equation 75 for the case 
pA =* 2, = 1 in that it contains only two terms, namely 

iVfdjuf+ iV|dMS-0 


(153) 
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where m? is given by equation 151 and ju* by 

/IJ+ + M2- “ M2 ' (154) 

and Ni, are the equivalent fractions of solvent and solute. It follows 
that all the consequences of equations 152 and 153 are identical in form 
with those of equations 70 and 75, i.e., under the above conditions 1 and 
2 the effect of the dissociation of the solvent electrolyte disappears and 
the case = 4 reduces to the case p^ = 2, = 1. 

Frum^ (2) has shown how it is always possible to ascertain experi- 
m^itally whether the above condition 2 is approximately fulfilled by an 
aqueous solution of a neutral salt. The method consists in investigating 
the shift in the electrocapillary curve of the salt solution produced by 
adding to the solution a small quantity of either that acid or that metallic 
hydroxide of which the salt in question is the product of neutralization. 
The junction between the salt solution 0) and the reference electrode must 
be a liquid-liquid junction. If no appreciable shift is found, equation 149 
applies; if there is a shift, equation 149 does not apply. The theory of the 
method is best explained by means of a special case, say sodium sulfate 
solution. For this case equation 148 becomes 


d<r «■ - r&+dMS+ - rSn-dMOH— rSB-»dM&a+ — 
— e«d «'*dT 


(156) 


Hie substitution of 


= M^iO - 


MOH- 


(166) 


gives 

d<r - (r^+ - r^H-) dM^H- - r^+dM^,© - rNB+dM&»+ - Tio'ditio' 

- ««d (p” - ^) + «“dlf (167) 

Consider the change in <r at constant f. produced by adding to a sodium 
sulfate solution of constant concentration, say 1 iV, an amount of sodium 
hydroxide, say 0.01 equivalent per liter, so small that the values of p4,o> 
pfis+j f4o7> ~ ar® “Of appreciably affected, but yet large enough 

to change and m^h- appreciably. For such a change equation 157 gives 

(158) 


If no shift of the curve is observed, —' =0 and it follows that 


rfi* ~ r^H- 


( 160 ) 
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i.e., condition 2 is at least approximately fulfilled. But if an appreciable 
shift is observed then —, 9 ^ 0 and 

9^ r^H- ( 160 ) 

Similarly it can be shown that the absence of a shift on adding a small 
amount of sulfuric acid to the sodium sulfate solution is also a criterion 
for the approximate fulfillment of condition 2. Frumkin has found that 
1 N sodium sulfate + 0.01 iV sulfuric acid and 1 N sodium sulfate + 
0.01 N sodium hydroxide both have electrocapillary curves practically 
identical with that of 1 iV sodium sulfate, and that 1 N potassium thio¬ 
cyanate + 0.01 N thiocyanic acid and 1 N potassium thiocyanate + 
0.01 N potassium hydroxide both have electrocapillary curves practically 
identical with that of 1 N potassium thiocyanate (2). It follows that the 
equations for the case = 2, =* 1 apply to these solutions. 

Case E, The co^icentrations in the phase 0 are constant save for that of a dilute, 
powerfully adsorbed nonelectrolyte 

A typical example of this case is the system 

Hg I 1JV NaaSOi 4- 0.02N H 2 SO 4 H- tert. CsHnOH in the concentration c'^ 

where 0<c'^< about 0.05 molal. The variation of throughout this 
relatively small range causes a relatively enormous variation of a. Al¬ 
most any organic nonelectrolyte in aqueous solution behaves similarly to 
the tertiary amyl alcohol. The equations of physical interest yielded by 
this case are all only approximate, but they have the advantage of apply¬ 
ing no matter what the composition of 0 is. The approximation consists 
in neglecting the effect of variations in the concentration, of the sub¬ 
stance in question upon the chemical potentials m?, of the other com¬ 
ponents of 0 and upon the quantity Equation 69 shows this 

approximation to be the better, the smaller the concentration and the 
greater the absorbability of the substance is. Introducing this approxi¬ 
mation into equation 69 gives 

clr « - -f e-dt ( 161 ) 

where and are respectively the surface density in moles per unit 
area and the chemical potential per mole of the component of variable 
concentration. This equation yields for the shift of the electrocapillary 
curve with the approximate relations 
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( 163 ) 

( 164 ) 


The equations 162, 163, 164 3 deld immediately useful results on setting 

dn't “ RT din c’f ( 166 ) 


a good approximation for most nonelectrolytes in the concentration range 
in which equations 161 to 164 are reasonably accurate. 


V. REMABK ON THE RELATION BETWEEN THE VERTICAL AND THE HORIZON¬ 
TAL SHIFT OF THE ELECTROCAPILLART CURVE WITH COMPOSITION 

In five of the cases discussed above, namely III C (p“ == 3), IV B 
(ptf = 2, » 1), IV C (p^ = 3), IV D, special case 1 (p^ « 4, special 

ease 1), IV E (concentrations in P constant save for that of dilute, 
powerfully adsorbable nonelectrolyte), the state of that phase whose 
composition is varied is a function of but a single variable, which may 
be designated by X and taken to mean the chemical potential of one of 
the components of the phase in question, or its mole fraction, or its 
equivalent concentration, or any o^er variable of composition. Hence 
in the five cases mentioned the surface tension <7 is a function of only two 
variables, which may be taken as the arbitrary variable of composition 
X and the applied potential 1. It follows from the rules of partial differ¬ 
entiation that 

But since T, P“, are constant, equation 41 gives 

whence 

Equation 168 is the general and exact relation between the vertical and 
horizontal shift of the electrocapillary curve with composition in the five 
cases enumerated above. It is seen to be fulfilled by all the above pairs 
of equations, dther exact or approximate, in which ^e vertical and hori¬ 
zontal shifts of the curve with some variable of composition are given 
separately, e.g. by the pairs 64 and 65, 67 and 68, 86 and 87, 97 and 98, 
117 and 118, etc. 


( 167 ) 

( 168 ) 
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VI. SUMMAEY 

In the systems giving rise to electrocapillary curves the reference elec¬ 
trode, the metallic phase a and the nonmetallic phase jS can each be varied 
in composition independently. The principal equations describing the 
effect of each of these three kinds of variation on the electrocapillary curve 
are deduced for the first time, starting from a general equation derived in a 
previous paper. As regards variations of the reference electrode and of 
the metallic phase a, the general equations describing their effect upon 
the electrocapillary curve (equations 48 and 57, 58, respectively) are 
relatively simple. But for variations of the nonmetallic phase p the 
possibilities are so diverse that no simple general expression can be 
obtained, and it is therefore necessary to consider the chief special cases 
separately. In many of the cases considered the surfaced ensities Tj, 
r* of certain components of the electric double layer can be approxi¬ 
mately calculated from the shift of the electrocapillary curve caused by 
varying the composition of a or of 0 . 
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Ethylene iodide decomposes readily, even at moderate temperatures and 
in the absence of oxygen, into ethylene and iodine. This thermal decom¬ 
position has been studied recently by several investigators. Pollissar (5) 
used carbon tetrachloride as a solvent and found that iodine was a catalyst 
for the reaction, the rate being proportional to the product of the ethylene 
iodide concentration and the square root of the iodine concentration. He 
concluded that iodine atoms were the real catalytic agents, and he devised 
some equations to satisfy the kinetics of the reaction. Schumacher and 
Wiig (6) made a photochemical study of the influence of iodine atoms on 
the decomposition. In 1928 Mooney and Ludlam (4) published a paper 
dealing with the dissociation pressure of ethylene iodide, the gaseous equi¬ 
libria of the gases ethylene iodide, iodine, and ethylene at different tem¬ 
peratures in the presence of solid ethylene iodide and iodine, and a few 
experiments on the velocity of decomposition of gaseous ethylene iodide, 
and of the substance dissolved in carbon tetrachloride, in which they con¬ 
cluded that iodine played the part of a catalyst. Mooney (4) recently 
carried out some experiments on the synthesis of ethylene iodide from 
ethylene and iodine, and found that the reaction took place on the surface 
of the solid iodine, and that the glass surface of the reaction vessel was not, 
in itself, catalytic unless covered with a layer of alcohol. A satisfactory 
investigation of the rate of decomposition of the purely gaseous substance 
does not seem to have been undertaken. This paper is a record of some 
experiments we have carried out under these conditions, and of our own 
conclusions, which differ in some respects from those of previous workers. 

We found, at the outset, that ethylene iodide which was in the slightest 
degree impure was quite useless for quantitative work. We prepared the 
pure substance by passing ethylene into an alcoholic solution of iodine 
containing powdered glass, which was a very efficient catalyst, though not 
all varieties of glass were found suitable for this purpose. The substance 
was recrystallized several times from alcohol, was of a pure white appear¬ 
ance, and melted sharply at 82®C. 

The reaction was carried out in a glass vessel (figure 1) and the change in 
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pressure recorded on a simple glass manometer. It will be seen from the 
figure that one side of this could be opened continuously to the vacuum 
S 3 rstem if necessary. The manometric liquid was a very concentrated 
solution (at 65°C.) of orthophosphoric acid, obtained by partially dehy- 
dratii^ the ordinary commercial phosphoric acid. It was heated under 
the vacuum until dissolved gases were raoaoved. After opening Ti (figure 1) 
to the vacuum system, and closing Tt for a time, no perceptible pressure 
difference was detected. 

We carried out some preliminary tests and found that neither iodine 
vapor nor ethylene were appreciably soluble in this liquid. It was the 
only one of a number we experimented with which satisfactorily fulfilled 



these conditions. The manometer was read from outside the thermostat, 
in which both it and the reaction vessel were immersed, by means of a 
cathetometer. 

The reaction vessel was cleaned in the usual way with chromic acid, etc., 
but in some cases we used hydrofluoric acid. These modes of treating the 
glass surface have a marked influence (m the reaction rate. No attempt 
was made to bake out the vessel at a temperature much higher than that 
of the reaction itself. 

The taps Ti and Tj were lubricated with graphite and metapfaosphorio 
acid, and in some experiments we discarded Ti and sealed off directly. 

The decomposition was studied at 65®C. and 76“C. The procedure was 
this: A small quantity of ethylene iodide was introduced through the top 
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of the reaction vessel, which was then sealed up and evacuated with a 
Hyvac pump. The solid ethylene iodide remained at the bottom of the 
vessel and was prevented from vaporizing completely by cooling with a 
freezing mixture of ice and salt. The final pressure under these condi- 

TABLE 1 

The decomposition of ethylene iodide at 6S°C. 


Experiment no. 9. Induction period pronoimced 


TIMB 

PRSSSUBB 

ko X 10* 

kt X 10» 

kt X 10« 

kt(Vh) X 10» 

Aid*) X 10* 

mtnutti 

mm. HaP04 






10 

19.6 






15 

19.9 






25 

20.4 






30 

20.7 






40 

20.7 

1 





50 

20.7 

i 





60 

22 4 

170 

372 




70 

23.2 

125 

280 


33 

90 

80 

24 0 

no 

252 


30 

79 

90 

24.5 

95 



27 

64 

100 

25.6 

98 

255 


30 

65 

no 

26 5 

97 

238 


31 

61 

120 

27.8 

101 

261 


36 

61 

130 

28.6 

99 

261 


37 

51 

140 

29 6 

101 

271 


40 

56 

150 

30 8 

102 

291 


46 

55 

160 

31 9 

101 

307 


51 

54 

170 

32 8 

100 1 

318 


56 

52 

180 

33 7 

99 

330 


62 

51 

190 

34.5 

97 

341 


69 

50 

200 

35.3 

94 

354 


77 

49 

210 

35 7 

92 

350 

869 

80 

46 

220 

36.3 

89 

358 

914 


46 

230 

36.7 

85 

358 

919 


44 

240 

36.9 

80 

349 

1007 


43 

250 

37.4 

78 

357 

1023 


42 

260 

37 6 


351 

1009 


41 

270 

37.7 


339 

998 


39 

280 

37 8 


330 

945 


37 

310 

38 0 






320 

38.0 







tions was not much more than the limit obtained by the pump, namely, 
0.001 mm. of mercury. We tried solid carbon dioxide as a cooling agent, 
but found that ethylene iodide was too unstable at this low temperature; 
some decomposition took place as was apparent from the brown color 
developed by the ethylene iodide on the side adjacent to the cold glass 
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surface. It may be that the excessive refrigeration condenses some very 
volatile substance which acts as a catalyst for the decomposition, or there 
is another oystalline form of ethylene iodide which is unstable. Unless 
the ethylene iodide used is very pure, the reaction will not exhibit the 
special features now to be described. 

The reaction vessel was plunged into the thermostat at 65°C. and im¬ 
mediate readings of the manometer taken. As the ethylene iodide va- 

TABLE 2 

The decomposition of ethylene iodide at 6S°C. 


Experiment no. 13. Induction period pronounced 


TIME 

PBBSaUBB 

A:o X 10» 

^1 X 10* 

X 10* 

kt X 10* 

minutea 

mm. HaP04 





10 

(9.3) 





15 

9.1 





20 

9.2 





25 

9.2 





30 

9.2 





35 

9.2 





45 

9.8 

(60) 




60 

10.1 

36 


174 


75 

10.8 

40 

208 

145 


90 

11.2 

36 

194 

130 


105 

11.8 

36 

198 

122 


120 

12 2 

35 

202 

109 


135 

12.5 

33 

193 

96 


165 

13.3 

32 

197 

92 


180 

13.7 

31 

201 

88 


195 

14,1 

31 

206 

84 


210 

14.4 

30 

207 

79 

808 

225 

14.6 

28 

202 

65 

813 

285 

15.2 

24 

194 

56 

797 

330 

15.4 

21 

165 

53 

762 

360 

15.7 

20 


45 

805 

390 

15.9 

19 



820 

405 

15 9 





420 

1 15.9 

1 





pori 2 sed and acquired the temperature of the thermostat, the pressure 
rose and remained steady for a while. No trace of iodine vapor could be 
detected in the vessel. The pressure began to increase again, and plotting 
the pressure against the time, we obtained the type of curve shown in 
figure 2 (curve A). Towards the end of the reaction a definite violet vapor 
filled the reaction vessel. If the ethylene iodide used was partially de¬ 
composed or if a small (uystal of iodine was introduced into the reaction 
vessel before sealing up, the form of the curve was different (figure 2, 
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curve B). The pressure never remained steady at any time. Undoubtedly 
the portion ab of the curve A indicates an induction period, and it seemed 
reasonable, at first, to attribute this to the lack of the necessary catalytic 
agent, presumably iodine, which, however, soon begins to accumulate in 
the system, with consequent increase in the speed of decomposition. We 
would expect the reaction to be bimolecular and to follow an equation 
of the second order, involving either the iodine concentration or its square 
root. But this does not seem to be the case. The results of a number of 
our experiments have been tabulated. We calculated the velocity con- 



Fia. 2. Decomposition op Ethylene Iodide at 65°C. 
Curve A, experiment no. 14; curve B, experiment no. 15 


stants kt, h, fcj (Is), h (Vis) and fe, for the zero order, monomolecular, 
bimolecular (catalyzed), and bimolecular (uncatalyzed), respectively. 

If o = initial concentration of ethylene iodide (in millimeters of phos¬ 
phoric acid), X = concentration of iodine formed, and t - time in minutes, 
then 


^ d(o — x) 
d< di 


(K «= Eo, zero order) (1) 


^ - A(o - *), K 

Qt 



a 


a — X 


{K ^ K\^ monomolecular) (2) 
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dx 

dt 


(K •• Kt (Ii) bimolecular catalyzed) 


( 3 ) 


dt 




1 /. (\/o + \/xi) (yg - \/gt) \ 

Vo \ ** (v® — (Vo + V»i)/ 

(IT - /Cf (Via) bimolecular catalyzed) 


(4) 


^ K(o — *)*, K — - —r ——r {K =■ Kt, bimolecular uncatalyzed) (6) 

dt t o(o — x) 


The initial pressure was taken to be the pressure recorded during the 
induction period. 

The rate of decomposition is best represented by the zero order equation 
in the first stage, and after the pressure has fallen, by the monomolecular 
equation, and finally by the bimolecular equation (uncatalyzed). This is 
characteristic of a heterogeneous reaction, where strong adsorption takes 
place on the walls of the vessel. 

We verified the heterogeneous nature of the reaction by introducing a 
number of thin glass tubes into the reaction vessel. There is an increase 
in the velocity of decomposition, and the reaction follows the same course 
as before. A similar increase in the velocity is obtained by cleaning the 
reaction vessel with a dilute solution of hydrofluoric acid. There must be 
an increase in the number of active centers of adsorption as the result of 
this procedure, but this does not explain the induction period. 

We could assume that iodine is a catalyst for the decomposition. If the 
reaction were mainly homogeneous it would be of the second order, as 
Pollissar found in carbon tetrachloride. There is undoubtedly a slow 
homogeneous reaction at but the heterogeneous reaction is the more 
rapid, and we can only conclude that there is some reaction between the 
ethylene iodide and the iodine on the glass walls of the reaction vessel. 

Iodine is not so strongly adsorbed on glass as on calcium fluoride, ac¬ 
cording to de Boer (1). But these effects are relative, and iodine is found 
to be adsorbed more readily on freshly blown glass surfaces, or on glaiw 
that has been treated with hydrofluoric acid. We find that in the vacuum 
system from whidi mercury vapor has not been removed by liquid air, 
and into which iodine vapor is admitted, deposits of mercuric iodide are 
found mostly on the internal surfaces of the glass joints that have been 
heated by the hand blowpipe. This is a suggestive but by no nwAna con¬ 
clusive demonstration of the selective nature of iodine adsorption on glass. 

In all the experiments we observed that the reaction did not appear to go 
to completion; there seemed to be some undecomposed ethylene iodi^ 
remaining, as the pressure was not sufficiently great for complete decom- 
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position. Mooney and Ludlam (4) found an equilibrium constant at 
which indicated almost complete decomposition, and for this reason we 
felt justified in using the simple kinetic equations. We also came to the 
same conclusion in some preliminary experiments at 65°C., in which 
ethylene and iodine vapor were mixed; there was no perceptible pressure 

TABLE 3 

The deeomposilion of ethylene iodide at 7S°C. 


Experiment no. 14. Short induction period 


TIMll 

PBB88T7RK 


ki X 10» 

X 10» 

ktiVh) X 10» 

X lO* 

minutes 

Win. HtPOi 







18.1 






15 

18 1 







18.5 

80 

194 


171 

344 

25 

18 9 

80 

197 


209 

252 

30 

19.2 

73 

182 


215 

222 

35 

19.6 

75 

188 


210 

211 

40 

20.2 

84 

214 


197 

177 

45 

20.6 

83 

215 


187 

171 

50 

21.0 

83 

217 


175 

154 

55 

21.3 

80 

211 


169 

144 

60 

21.7 

80 

214 


167 

137 

65 

22.2 

82 

223 


159 

122 

75 

23.0 

82 

229 


157 

113 

85 

24.0 

84 

245 


151 

108 

90 

24.3 

83 

243 


153 

99 

105 

25.9 

87 

272 


151 

89 

120 

26.9 

82 

267 


135 

81 

135 

27.5 

78 

265 


131 

75 

150 

28.4 

74 

271 


128 

70 

165 

29.2 

74 

275 


125 

66 

180 

29.9 

72 

278 


121 

63 

195 

30.5 

69 

279 

68 

116 

59 

210 

30.9 

66 

274 

70 

112 

56 

225 

31.3 

63 

270 

72 

106 

53 

240 

31.6 

60 

264 

76 

106 

51 

255 

32.0 

58 

264 

72 

93 

44 

300 

32.4 

51 

238 

67 

82 

38 

345 

32.6 






360 

32.6 






375 

32.6 







change over a considerable period. We prefer, therefore, to ascribe the 
anomaly to the loss of iodine in the gas phase due to adsorption, iodine 
being more strongly adsorbed than ethylene iodide.^ This also accounts 

* There is also the possibility of ethylene adsorption on glass. Investigators differ 
in the estimation of the magnitude of this effect. 
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in part for the prolongation of the induction period, which has the ap¬ 
pearance of a steady state, rather than of a slow chemical reaction. The 
iodine adsorption evidently reaches saturation at low pressures. The 
rate of reaction is therefore independent of the iodine pressure, and does 
not appear to be of the second order. But we would expect the apparent 
incompleteness of the reaction to be more pronounced the greater the 
activity of the surface, and this is not the case. 

TABLE 4 

The decomposition of ethylene iodide at 7S°C. 


Experiment no. 16. No induction period 


TIME 

PRESSURE 

Afl X 10* 

Ari X 10* 

X 10* 

ti(Vli) X 10* 

*s(It) X 10* 

minutes 

mm. H 3 PO 4 






5 

17.9 






10 

18.9 

125 

298 


429 

595 

15 

19.7 

144 

353 






20 

20.2 

129 

319 






25 

20.9 

132 

332 






30 

21.6 

133 

346 






35 

22.2 

130 

346 






40 

22.8 

129 

349 






45 

23.6 

133 

370 






55 

24.4 

122 

350 






70 

26.2 

122 

374 






85 

27.5 

115 

375 






100 

28.8 

no 

385 






115 

29.7 

104 

379 






130 

30.5 


376 

84 





145 

31.1 


366 

87 





160 

31.5 


348 . 

87 





195 

32.1 


322 

86 





220 

32.7 


305 

88 

106 

48 

250 

33 0 



86 



310 

33.0 






355 

33.0 






385 

33 0 







We cannot be certain, therefore, if the glass surface itself without iodine 
is also catalytic to some extent. The introduction of freshly made g1<»»a 
tubing increases the velocity so much that no observation of an induction 
period is possible. There is not sufficient time for thermal equilibrium to 
be established and readings on the manometer are unsatisfactory. 

There remains the question as to whether the anomalous firm-l pressure 
is due to some pol 3 merization process. We do not bdUeve this to be the 
case because of certain independent experiments we carried out. Ethylene 
iodide was sealed up in a glass vessel and the equilibrium pressure at 
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found to be 22 mm, of mercury. The vessel was then cooled to 16°C. 
(pressure 5 mm.) and afterwards heated to a much higher temperature, 
65°C. It was then allowed to drop to room temperature again, and after 
some time heated to 35®C. (final pressure 22 mm.). If any irreversible 
polymerization had taken place during the decomposition at the higher 
temperature, the initial and final pressures at 35°C. would not have been 
the same. 

The addition of ethylene seems to have a slight accelerating effect on the 
reaction. It is not easy to explain this, but as a chain mechanism is not 

TABLE 6 

The decomposition of ethylene iodide at 65°C. 


Experiment no, 19. Ethylene (29.2 mm.) added at beginning of reaction. Short 

induction period 


TIMS 

PRBSAURE 

to X 103 

it, X 10 ^ kiX 104 1 A*2(\/L) X 104 

X 104 

minutes 

mm HaPOl 



5 

26 5 



10 

27.2 



15 

27 2 


1 

20 

28 1 

(180) 

! 292 

25 

28.6 

140 

230 236 434 

30 

1 29 9 

(180) 

302 

j 


35 

30.6 

(170) 

290 

i 


51 

31.0 

106 

187 



65 

33.7 

130 

237 



80 

35.4 

126 

239 

i 


95 

36.9 

121 

239 



125 

40.0 

I 116 

1 251 



140 

41.5 

1 114 

259 



155 

42.4 

109 

253 



170 

43.6 

106 

258 36 



185 

44.0 


246 35 



230 

45.8 


232 37 



245 

46 2 


226 37 69 27 

275 

46.8 


36 

305 

47 0 


34 

335 

47 0 




altogether improbable for this reaction the ethylene could have some 
influence in delaying the breaking of the chains at the walls. 

For such a chain mechanism we could write: 


I (glass) 4- C,H4l, - I-I (glass) + C^HJ (1) 

CjHJ 4- C 2 H 4 lf « CaH 4 + I, 4- CaH 4 l ( 2 ) 

C2H4I - C2H4 4- I (3) 

C2H4I2 4- I - C,H 4 l 4- If ( 4 ) 

CaH4 4- I - C2H4I (5) 

I (glass) 4- C2H4I « C2H4 4- I— I (glass) (6) 

I (glass) + I - I— I (glass) (7) 

I 4- If « If (8) 




374 


T. IBBDALB AND L. W. O. UABTIN 


It seems doubtful if reaction 1 is exothermic, and reactions 2, 4, and 5 
are certainly endothermic, and require more energy of activation. Reac¬ 
tions 6, 7, and 8 are the chain-breaking reactions. But the energy of the 
C—I bond is not known with any certainty, and it would be unwise to 
gen^aliae about any such chain mechanisms. 

The great increase in reaction velocity brought about by the introduc¬ 
tion of a larger glass surface is only consistent with the idea that the chains 
begin at the walls to a greater extent than they end there. 

TABLE 6 

The decomposition of ethylene iodide at 66^C, 


Experiment 21. Enhanced activity of surface. Ethylene 17 mm. No induction 

period 


1 

TXMB 

1 

PRBBSURK 

ko X 10» 

ti X 10* 

*t X 10* 

mtnitUa 

mm. H 1 PO 4 




5 

14.2 




10 

23.2 

330 

685 


13 

24.1 






16 

24.7 






17 

25.5 






20 

26.3 






23 

27 1 






25 

27.9 






30 

29.3 






35 

30.6 






40 

32.1 



718 


45 

33.3 

j 292 


110 

50 

34.1 



112 

55 

34.8 



114 

60 

35.6 



119 

75 

37.2 



125 

108 

38.5 



no 

120 

38.9 



107 

165 

38.9 





From experiments at 65®C. and 75®C. it should be possible to calculate 
the energy of activation. But we have never found a satisfactory re- 
producibiHty for any one set of values of the velocity constant at either 
temperature. The catalytic surface does not necessarily remain constant 
from one experiment to another, and only gross comparisons can be made. 
But we estimate that the activation energy, calcidated* from the zero- 

‘ This calculation is only possible if the density of the manometric liquid does not 
vary appreciably, which, in this case, is only approximately correct. We can also 
calculate the energy of activation from the monomolecular constants. In any case, 
it is not of a high order. 
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TABLE 7 

The decomposilton of ethylene iodide at 65^C, 


Experiment no. 22. No ethylene 


TIMS 

PRESSURE 

ka X 10» 

h X 106 


mm. H 1 PO 4 



3 

13.4 



7 

18.1 



12 

18.9 

133 

333 

17 

19.5 

150 

312 

23 

20.3 

138 

368 

27 

20.8 

144 

363 

35 

21.6 

135 

363 

37 

22.3 

139 


67 

25.0 

140 


72 

26.9 

138 


87 

29.0 

136 


102 

30.5 

136 


117 

31.5 

130 


132 

32 0 



177 

33.2 




TABLE 8 

The decomposition of ethylene iodide 
at 66^C, 


Experiment no. 25. Glass capillary 
tubing in reaction vessel 


TIME 

PRESSURE 

mtnuiea 

mm. HjPO^ 

5 

8.5 

7 

13.9 

10 

21.1 

12 

24.8 

17 

31.5 

22 

34.8 

27 

38,3 

32 

41.9 

37 

44.9 

42 

47.4 

48 

48.2 

59 

48.5 


Velocity constants indeterminate. 


TABLE 9 

The decomposition of ethylene iodide 
at 6S^C, 


Experiment no. 17. Free iodine at the 
beginning of reaction 


TIME 

PRESSURE 

mtnutea 

mm. H»P04 

2 

11.8 

7 

39.2 

12 

42.2 

17 

46.2 

22 

49 9 

27 

52.8 

32 

55.7 

37 

58.3 

42 

60,0 

47 

60.8 

62 

64.2 

77 

63.8 

82 

63.8 


Velocity constants indeterminate 


order constants, is not greater than 12,000 calories. The heat of the endo¬ 
thermic reaction 


C,H 4 l, - C2H4 + I2 


TEA JOX7XNAL OF PXTUCAL CBaMXSTRT, VOL. XXXVXXI, NO. 3 
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is 20,000 calories, calculated from th^ thermal data, assuming the heat of 
sublimation of ethylene iodide to be 15,000 calories (4), and the heat of 
combustion of ethylene, 344,000 calories (2). 

We hope to explore more deeply the main features of this reaction,, 
particularly as it is affected by the shape of the reaction vessel and the 
material of the catalytic surface. 

We do not wish to express any definite opinion as to the mechanism of 
the reaction, as it is obvious that there are a number of factors involved. 

SUUMABT 

The decomposition of gaseous ethylene iodide at 65°C. and 75°C. in a 
glass vessel seems to be heterogeneous and to a great extent autocatalytic; 
iodine adsorbed on the glass is a probable catal 3 rst. 

There is a short induction period which disappears when traces of iodine 
are present at the beginnii^ of the reaction, and when the catal}rtic surface 
is greatly increased. 

The reaction is of zero order after the induction period, and follows 
higher orders as the pressure diminishes. 

A chain mechanism is suggested for the reaction, but this has not yet 
been completely verified. 
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FORMATION OF BENZENE BY THE PHOTOCHEMICAL 
POLYMERIZATION OF ACETYLENE AT HIGH 
TEMPERATURES 
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The formation of benzene by the photochemical pol 3 niierization of 
acetylene has been reported by Sechi Kato (5), who demonstrated the 
presence of benzene by means of its distinctive absorption spectrum. Kato 
claims that the formation of benzene, relative to that of cuprene, is favored 
by temperatures above 270®C. or by the absorption of light of short wave 
length. Since these results were in apparent contradiction to the results 
of a number of other observers (1,2, 6, 8) who obtained cuprene as the only 
product of the photochemical reaction, it seemed worth while to repeat 
Kato’s experiments under slightly different conditions. The results of 
the present work confirm her claim that benzene is formed when acetylene 
at temperatures above 270°C. is irradiated with ultra-violet light. 

APPARATUS AND PROCEDURE 

The source and purification of the acetylene were similar to those de¬ 
scribed by Lind and Livingston (6). The reaction system is represented in 
figure 1. The reaction vessel was a quartz tube 24.5 cm. long and 2.2 cm. 
in diameter; it was sealed at the lower end and connected to the line by a 
graded seal at the upper end. The upper half of this tube was wapped 
with a nichrome wire coil, spaced at about half-centimeter intervals. The 
back and side of the coil were covered by a loosely fitting heavy-walled 
asbestos shield. The light source, a vertical quartz-mercury arc, was 
placed opposite the shield at a distance of about 3 cm., and was run “hot'' 
to minimize the probability of a mercury sensitized reaction. The lower 
part of the reaction vessel was immersed in a mixture of solid carbon 
dioxide and acetone. The approximate temperature of the acetylene was 
determined indirectly by measuring the current flowing through the heating 
coil. These temperature determinations were based upon a series of 
calibrations, in which a tube with dimensions identical with the reaction 
vessel was inserted in the heating coil. The upper end of this tube was not 
constricted but was closed by an asbestos plug through which a thermom¬ 
eter was inserted. The Dewar tube containing the carbon dioxide- 
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acetone mixture, the aebestos shield, and the mercury arc were arranged 
as during reaction periods. The temperatures corresponding to current 
readings were measured from 250‘’C. to 400°C. The temperature of the 
irradiated gas was not uniform, but varied from the center to the ends of 
the heating coil by as much as 50°C. The recorded temperatures all 



Pio. 1 . The Reaction System 


correspond to maximum values, and were measured after steady-state 
conditions had been attained. 

Before each experiment air was admitted to the reaction cell, which was 
then heated to bum out any non-volatile substance. After the system had 
been evacuated (pressure less than 10“* mm.), sufficient acetylene was 
admitted to make the pressure approximately 1 atmosphere at the tempera- 
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ture of the experiment. The pressure was then determined with the whole 
system at room temperature. The cooling bath was put in place and the 
heating current started. After sufficient time (about an hour) had elapsed 
for temperature equilibrium to be attained, the arc was started and was 
run from three to four and one-half hours. In some experiments an 
attempt was made to follow the change of pressure during the experiment; 
in others the manometer was closed off as soon as temperature equilibrium 
was reached. After each exposure the whole system was allowed to return 
to room temperature and the pressure was determined and corrected for 
any change in room temperature. 


RESULTS 

In all of the photochemical experiments a decrease in pressure was ob¬ 
served and a variety of products was formed. Two of the products were 
non-volatile solids; one of these resembled cuprene, and the other was a 
hard dark yellow film, like a film of dried varnish. The cuprene seemed to 
be evenly distributed and was particularly evident in the irradiated and 
heated part of the tube. It was insoluble in ether and burned very readily in 
air. The dark yellow film occurred in the cooler part of the tube, both 
above the heated zone and in the bottom of the tube. When heated in 
vacuum it charred, but did not sublime. It was partly soluble in ether, 
coloring the ether dark yellow; it formed a dense and adherent coating 
which burned in air only with difficulty. A small quantity of a volatile 
liquid was always found frozen in the bottom of the tube. This liquid was 
yellow and viscous. When the bottom of the tube was immersed in liquid 
air there was no detectable residual pressure, which indicates the absence 
of hydrogen and methane. No other attempt was made to isolate gaseous 
products. 

While the experimental method did not allow exact measurement of the 
rate of change, it was demonstrated that the rate was initially at a maxi¬ 
mum and became negligible after three or four hours. This was probably 
due to the absorption of the incident light by the cuprene which accumu¬ 
lated on the walls of the tube. The decrease in pressure varied from 3.5 
per cent for a 3-hour exposure at 270®C. to 9.3 per cent for a 4.5-hour 
exposure at 375®C. These changes are apparently much greater than 
those which would have been obtained at room temperature under other¬ 
wise similar conditions. No measurements were made at temperatures 
below 270®C. or above 376®C. 

That the reaction was truly photochemical and not thermal was demon¬ 
strated by two independent blsmk experiments. In one the quartz reaction 
vessel was replaced by a Pyrex tube of similar dimensions. All other 
conditions were identical with those used in the photochemical experi¬ 
ments; at the end of two and one-half hours there was no measurable 
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change of pressure nor visible accumulation of products. In another 
experiment the quartz tube was used but the arc was not started. The 
temperature was maintained at 350°C. for 4 hours, at the end of which 
time there was no evidence of any reaction having occurred. 

The following experiments were performed in an attempt to determine 
the nature of the volatile liquid products. The liquids were frozen with 
carbon dioxide-acetone mixture and the gas was pumped off. A capillary 
side tube was then immersed in liquid air and the more volatile liquids were 
allowed to distil over. The distillate always consisted of a few cubic 
millimeters of a non-viscous liquid, which was clear or faintly yellow 
(depending on the time allowed for distillation). After one of the experi¬ 
ments, which was performed at 345‘’C., the capillary side tube and manom¬ 
eter were sealed off from the reaction vessel, and the side tube was 
immersed in an acetone bath which was cooled with solid carbon dioxide. 
The vapor pressure measurements given in table 1 were made. While 

TABLE 1 


Vapor pressure of the distillate 


TEMPBHATURIS OP THE BATH 

VAPOR PRESSURE OF DISTUXATE 

VAPOR PRESSURE OP BENZENE 

(4) 

degreea C. 

mm. 

mm. 

—24 to —25 

4.3 

3.6 

-19 to -20 

6.6 

5.5 

-14 to -15 

10.1 

8.2 

—9 to —10 

14.2 

12.1 

-5.5 to -6 

18.6 

16.1 


the vapor pressure values given are not in sufficiently close agreement with 
the published values for benzene to make it possible to identify the distil¬ 
late as benzene, it does seem probable that the distillate is a mixture con¬ 
sisting chiefly of benzene. Under the conditions of the experiment the 
distillate appeared to melt over the range — 9®C. to — 15®C. At tempera¬ 
ture above — 5°C. the volume of the liquid was very small and it had a 
distinct yellowish color. 

To obtain definite evidence of the presence (or absence) of benzene, the 
distillate was transferred in vacuum to a quartz absorption cell, which was 
5 cm. long and was equipped with a side tube. The absorption spectrum 
was photographed with a Steinheil spectrograph, using a hydrogen arc as a 
light source (7). When the cell was at room temperature a continuous 
absorption set in at about 2225 A.U., with a region of partial transmission 
between 2140 and 2270 A.U. In the region between 2225 A.U. and 
2650 A.U. (the long wave length limit of the spectrograph), several buods 
were noticeable which coincided with the benzene bands recorded by 







PHOTOCHEMICAL POLYMERIZATION OF ACETYLENE 


381 


Henri (3). When the side tube of the cell was maintained at — 37“C. the 
continuous absorption vanished; a regular series of bands was noticeable 
between 2275 and 2603 A.U. Fourteen of these bands were identihed as 
benzene bands. We may conclude from these results that the distillate 
consisted of benzene and some less volatile substance which exhibited a 
continuous absorption in the ultrarvioiet. 

CONCLUSIONS 

It is noteworthy that the products of the photochemical pol 3 nnerization 
of acetylene at high temperatures resemble those of the thermal polymeri¬ 
zation (9) much more nearly than they do those of the low temperature 
photochemical reaction. At the present time any attempt to give a 
detailed analysis of the reaction mechanism would be premature. It 
seems probable that not all of the detailed anal 3 rsis of Kato (5) will prove 
to be correct. Her assumption that the apparent continuum on the long 
wave length side of the banded absorption corresponds to a region of pre¬ 
dissociation seems unlikely. It is quite possible that the continuous 
absorption was due to some impurity present in the acetylene. It is 
very probable that the solid condensate which is formed in the photo¬ 
chemical reaction is a true pol 3 Tner rather than the dehydrogenated product 
(CtHOb, assumed by Kato. In the absence of any information on the 
intensity of the light absorbed at the different frequencies used in Kato’s 
experiments, it is difficult to decide whether her conclusion that light of 
short wave length favors benzene formation is justifiable. 

SUMMARY 

The photochemical polymerization of acetylene at temperatures above 
270®C. has been studied qualitatively. In confirmation of the results of 
Kato (5), benzene has been identified as one of the reaction products. 
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HYDROCARBONS BY ACTIVATED CHARCOAL. IV 

J. N. PEARCE AND J. F. EVERSOLE 

Physical Chemistry Laboratory^ The State University of lowoj Iowa City^ Iowa 

Received November 17, 19SS 

In the previous papers reports have been made of studies of the adsorp¬ 
tion of the vapors of methane and its chlorine derivatives (6), and of ethyl, 
propyl, isopropyl, n-butyl, and tertiary-hutyl chlorides (7). Since all of 
these adsorptions have been made on samples from the same stock of 
acid-washed, ash-free, steam-activated charcoal, the results should be 
comparable and significant. 

The extremely uneven nature of the charcoal surface gives rise to a great 
variation in the nature of the adsorption forces emanating from the sur¬ 
face atoms. The surface is composed chiefly of capillary pores, cracks, 
and fissures; the surface atoms may be those of unbroken benzene rings, 
exposed carbon chains, and projecting peaks of single carbon atoms. Ob- 
\iously, the degree of unsaturation of the surface forces, and hence the 
intensity of the adsorption forces, will be greatest for the projecting atoms. 
The influence of the fine capillary structure upon adsorption is shown by 
the calculations of Magnus (3). Assuming that the attractive force ex¬ 
erted upon a molecule decreases with the sixth power of the distance from 
the surface element, he finds that a molecule situated in a hemispherical 
concavity of about equal size is attracted about three times more strongly 
than by a plane surface. 

The forces operative in the adsorption of vapors and gases at charcoal 
surfaces may be those of simple adsorption due chiefly to van der Waals 
forces, or they may be more of an electrical nature. The latter follows 
from the fact that the electrical field at a distance of 1 A.U. from a surface 
atom is of the order of 1 X 10® volts per centimeter. This field is capable 
of orienting and attracting vapor molecules possessing permanent dipole 
moments; it is capable not only of increasing dipole moments already pres¬ 
ent, but also of inducing dipoles in neutral molecules and quadripoles. 
The induced dipole will be greater, the greater the ease of deformation of 
the electronic orbits of the constituent atoms. In this way many non¬ 
polar molecules may become as highly adsorbed as those of a highly polar 
nature. 

In the interpretation of the previous results we have assumed that the 
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attraction between the surface of the adsorbent and the vapor molecules 
is largely influenced by an attraction for some particular atom or group of 
atoms within the molecule adsorbed. It has been assumed that the chlo¬ 
rine atom plays the dominant rdle in the adsorption of the alkyl chloride 
vapors. If our assumption is correct, we should expect that for any alkyl 
chloride series the number and position of the chlorine atoms in the mole¬ 
cule, as well as the shape and volume of the molecule, should be important 
factors in the intensity of the adsorption and in the relative amounts of the 
different vapors adsorbed under corresponding conditions. With the nor¬ 
mal compounds, the chlorine atom should be attracted toward the surface 
of the adsorbent, with the hydrocarbon chain extending outward into space. 
The surface cover-power of all normal alkyl chloride molecules should be 
the same. 

On the basis of the assumption that adsorption takes place through the 
chlorine atom, the intensity of the adsorption should increase with the 
number of chlorine atoms in the molecule. If two chlorine atoms are pres¬ 
ent, the intensity and magnitude of the adsorption will depend upon their 
position. If the two are joined to the same carbon atom, the molecule 
will probably be adsorbed on a single point or elementary space, unless the 
points are sufficiently close together to attract the chlorine atoms sepa¬ 
rately. On the other hand, if the two chlorine atoms are attached to two 
different carbon atoms, the molecule should lie flat upon the surface. The 
surface covering power of these molecules will be greater than for those with 
the chlorine atoms attached to the same carbon atom. 

The present paper gives a brief statement of the results obtained in a 
study of the adsorption of the vapors of ethylene, ethylidene, propylene, 
and trimethylene chloride vapors. 

The dichloro compounds used were Eastman’s products of highest pur¬ 
ity. They were further purified by means of a special fractional distilla¬ 
tion apparatus (2,8). The liquids finally used were fractions of 75 to 100 
cc. collected over a range of 0.01® to 0.10®C. and having the correct boiling 
points. 

The apparatus and the technique employed were the same as that de¬ 
scribed in the previous papers (6, 7). It should be stated that before use 
each sample of charcoal was first outgassed at 525®C., then flushed one 
or more times with the vapor to be adsorbed, and finally outgassed at 
525®C. 


DISCUSSION 

The results obtained are collected in tables 1 to 4. In these x/mi& 
the number of cubic centimeters of vapor (N.T.P.) adsorbed by one gram 
of charcoal under the equilibrium pressures p (in millimeters). The 0®C. 
and 40°C. isotherms were carried up to the saturation pressures of the 
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pure liquids at these temperatures. The equilibrium pressures at the 
higher temperatures were limited to the saturation pressures at 50°C.,— 
the temperature of the air bath. Each pressure recorded is the mean of 
three or four readings taken at 30-minute intervals during which the in¬ 
crease in pressure did not exceed the limits of accuracy of the large pre¬ 
cision cathetometer. Duplicate series on entirely different samples of char- 


TABLE 1 

The adsorption of ethylene chloride vapor by charcoal at various temperatures 


At O'C. 


p . 

0.15 

0 25 

0.35 

2.03 

5.78 

11 45 

17 70 

20 61 

x/m. . 

30 05 

57.42 

72.79 

97.51 

103.72 

109 60 

114 25 

117 71 


At 40,00°C. 


P . 

0.15 

0.25 

0 30 

0 45 

0 75 

2 13 

6 75' 

16 88 

40 80 

73.2lj 

x/m .... 

8.95 

17 78 

26 51 

43 49 

64 37 

79 12 

88 06 

93 10 

97 89 

102 141 

1 

V . 

105.38 

138 98 

146.18 

149.25 

152 58 

152 88 

153 07 




x/m .,.. 

106 52 

110.13 

110 82 

110.99 

112 14 

112 72 

113 83 





At 63 96°C. 


P . 

0.15 

0.50 

0 80 

1 34 

2 38 

4 42 

10 82 

26.061 

53 61 

99.37 

135 16 

139 88 

142 06 

x/m... 

11.86 

26 06 

38 31 

49 61 

61.05 

69.13 

78 10 

84 20 

88 05 

91 36 

93 17| 

1 

93 69 

95 16 


At 79.50°C. 


p... 

x/m. 

0.50 

16.68 

1.00 

29.20 

1.73 
41 36 

3.12 
52 37 

1 

5.60 

61.51 

11 05 
70 92 

26.61 

79.92 

67 34 
86 22 

103 61 
88 83 

142 06 
90.61 

179 32 
91 01 

1 

193 24 
92 43 

196 32 
92 73 

At 99 48°C. 

P . 

x/m . 

1.24 

19.18 

2.68 
33 47 

5 80 
45.13 

1 

9 27 
53.22 

18.43 
64 18 

39 00 
73.26 

72.79 
79 15 

122 93 ' 

83 11 

165.30 

84.93 

186 80I 

85 62 

220 30 

87 21 i 

1 

222 33 
89 62 


At 136.20°C. 


p . 

3 47 

10.26 

18.73 

32 84 

62.43 

115 30 

141.28 

190 37 

195 47 

x/m .... 

16 45 

32.15 

41.87 

52.03 

61.71 

70 15 

72 27 

75 31 

76.20 


coal showed that pressure equilibria are easily reproducible at all tempera¬ 
tures and pressures. As with the monochloro vapors, the dichloro vapors 
decompose with measurable speed at about 180®C. 

In his development of a quantitative theory of adsorption, Langmuir (1) 
has deduced six relations, each applicable to definite limiting conditions. 
These relations satisfy the different possible configurations of the surface 
atoms and the number of molecules which each elementary space may ad- 
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sorb. The simplest of these involves the simple adsorption of vapor mole¬ 
cules on a plane surface possessing only one kind of elementary space, and 
each space capable of holding only one adsorbed molecule. For this con¬ 
dition the amount of gas adsorbed by one gram of charcoal is given by the 
relation, 


* Qj. P i ^ P 

m 1 -f op x/m ab b 


TABLE 2 

The adsorption of ethylidene chloride vapor by charcoal at various temperatures 


At 0°C. 


p. 

x/m . 

0.25 

28.89 

0.50j 

57.48 

1.50 

85.50 

4.86 

95.12 

10.90 

98.87 

22.55 

103.05 

38.25 

107.82 

49.50 
no 48 

57.92 
113 66 

66.00 
116 48 

70 66 
120 53 

At 40.00'C. 

P. 

x/m . 

0.25 

24.38 

0.70 

43.24 

1.70 

59.43 

4.67 

70.99 

11.66 
78 48 

24.77 

83.14 

52.12 

87.08 

125.43 

91.48 

179.18 

93.77 

248 18 
96 85 

319 21 
100.11 


At 64.00‘^C. 


P. 

0 60 

2.08 

5 00 

10.60 

22 89 

47.37 

102 57 

107.59 

255 33 

398.98 

479.74 

x/m . 

24.20 

42.53 

56.62 

66.23 

73 88 

79.30 

84 06 

86.98 

89 01 

91.60 

93.05 


At 79.50°C. 


P. 

0.95 

3.37 

8.47 

21.60 

50.24 

89.44 

164.56 

263.46 

407.30 

497.80 

505.51 

x/m . 

17.01 

35.68 

51.39 

64.99 

74.02 

78.87 

83.54 

85.48 

87.87 

89.27 

91 71 

At 99.60*0. 

P. 

2.08 

6.64 

17.19 

36.32 

68.78 

111.20 

169.96 

237.94 

367 22 

493.86 

504.57 

x/m . 

20.01 

36.41 

50.35 

61.04 

68.14 

72.77 

76.11 

78.62 

80.54 

82.41 

85.20 


At 136.65"C. 


P. 

Qi 

13.87 

28.00 

63.61 

90.78 

141.17 

274.41 

356.96 

478.16 

565.12 

x/m . 


27.87 

36.14 

43.98 

50.55 

55.68 


64.68 

66.89 

68.52 


Here, 1/6 is the slope of the straight line plot and l/ob is the intercept on 
the ordinate at zero pressure. 

Charcoal, however, is a highly porous solid with a variety of projecting 
points, crags, crevices, capillaries, and minute elementary surface spaces, 
all of which may be unlike. The relation which Langmuir has derived for 
amorphous adsorbents represents a complicated function whose exact 
form can not be determined with our present knowledge of the nature of 
charcoal surfaces. 

Since the plots of the log x/m against the log p show that the Freundlich 
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equation does not hold for any of these vapors, we have chosen the only 
alternative possible and have plotted our isotherms in accordance with 
equation 1. These isotherms for the four dichloro compounds are shown 
in figures 1 and 2. Within the pressure range indicated by the experi¬ 
mental points the adsorption relations for these vapors are satisfactorily 
expressed by the Langmuir equation. At lower pressures than those indi¬ 
cated the values of p(x/m) appear to diminish rapidly with diminishing 
pressure and the simple adsorption equation 1 no longer applies. 

TABLE 3 

The adftorption of propylene chloride vapors by charcoal at various temperatures 


At 0°C. 


p . 

0.10 

0 20 

0 30 

0.40 

2 03 

5 Tsl 

8 23 

12 20 

12 88 

x/m . 

36 14 

53 98 

67.61 

76.94 

84 17 

90 63j 

93.49 

96 49 

100 15 


At 40.00°C. 


p.. .. 

x/m .. 

0 25 
36 82 

0 40 
57 50 

1 59 
72 10 

6 06 
78 61 

> 

12 61 
80 67 

U 63.81 

24 27 
83 51 

42 98 
86 83 

56 58 
89 08 

65 12 
90 65 

79 02 
92 99 

84 53 
95 40 

p .. 

x/m . 

0 35 
32 58 

1 30 
57 61 

7 58 
69 18 

26.70 

74.36 

60 95 
77 53 

91 32 
79.64 

124 37 
81.68 

134.48 
84 20 



At 79.20"C. 


P . 

x/m . 

0,30 
22 97 

1.00 

44.03 

3,45 
56 45 

8.00 
62 09 

21.90 
66 99 

29.16 

68.18 

45.00 

69.76 

105.70 
73 14 

138.30 

75.72 


At 99.22''C. 

P . 

x/m . 

0 66 
26 78 

2.58 
44 07 

6.89 

54.80 

16.26 

61.33 

40 68 
66 92 

85.28 

70.35 

125 66 
72.04 

136.80 
74 96 



At 136.20°C. 


p . 

2.03 

7 33 

16 65 

35.23 

67 60 

105.65 

136.60 

138 16 

x/m . 

21 74 

34 46 

42 81 

49.62 

54 09 

56.91 

58.62 

60.35 


MoBain and Britton (4) have studied the adsorption of nitrous oxide, 
ethylene, and nitrogen by charcoal at different temperatures and under 
pressures up to 40 and 60 atmospheres. They find that equation 1 ade¬ 
quately expresses the adsorption relations throughout the whole pressure 
range. McBain, Lucas, and Chapman (5) find that a plot of ip/po)/ 
(x/m) against the relative humidity, p/po, gives a straight line throughout 
the pressure range studied for toluene, hexane, octane, decane, acetone, 
and acetic acid vapors. It appears to fail, however, for methyl alcohol 
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vapor at low preesures, and the authors attribute the deviations to the 
presence of residual imptirities. 

The study of the adsorption of vapors of the kind here ^lsed and the 
possibility of drawing defi]dte conclusions as to the influence of the struc¬ 
ture and complexity of the vapor molecules upon adsorption is hampered 
by the fact that the study is limited to temperatures at which liquefaction 
is possible. This is particularly true at the lower temperatures employed 
at which the forces operative in condensation may coexist along with those 

TABLE 4 

The adsorption of trimethylene chloride vapor by charcoal at various temperatures 


At 0°C. 


«. 

0.05 

0.10 

0.15 

0.30 

1.50 

3.12 

3.72 

3.77 

3.82 


x/m . 

23.82 

50.45 

66.42 

81.35 

89 67 

94.15 

98.73 

109.11 

119.83 




At 40.00°C. 

p . 

0.10 

0.15 

0.35 

3 62 

8.30 

15.76 

23.80 

26.75 

31.02 

33.00 

x/m . 

21.39 

42.90 

63.18 

78 71 

81.77 

85.08 

88.23 

89.24 

90.51 

92.00 



At 63.85*^0. 


P . 

x/m . 

1 

0.15 

27.64 

0.25 

44.57 

0.50 

57.72 

3.32 

72.77 

12.34 

77.91 

19.32 

79.82 

36.96 

82.96 

45 24 
84.23 

50 05 
85.98 


At 79.10'’C. 

P . 

x/m . 

0.15 

25.90 

0.35 

42.93 

0.90 

54.35 

i 

2.23 

63.93 

7.18 

69.99 

15.41 

73.32 

36.07 
76 74 

47.57 

77.94 

50.15 
79 15 


At 99.50°C. 

P . 

x/m . 

0.30 

24.07 

0.75 

41.38 

2.38 

55.71 

6 65 
65.27 

19.32 

72.03 

40.73 

75.52 

50 44 
77.35 



At 136.^°C. 


P . 

0.80 

3.27 

8.67 

18.33 

35.58 

49.95 

x/m . 

20.36 

36.42 

48.38 

56 43 

61.95 

64.56 


of adsorption. The orientation and adsorption of the vapor molecules is 
opposed by thermal agitation. Since the amount of vapor adsorbed 
diminishes as the temperature is raised, there should be for each vapor a 
critical temperature above which adsorption is impossible. A satisfac¬ 
tory comparison of adsorption magnitudes on a given surface can only be 
made when the thermal energies of the vapor molecules are equal. 

Although the critical adsorption temperatures may not be identic 
with their critical temperatiu^s, we have assumed nevertheless that the 
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boiling points of the liquids are corresponding adsorption temperatures. 
We have assumed also that the variation of the adsorption with the tem¬ 
perature is linear through the narrow interval between the experimental 
isotherms just above and below the boiling points. In this way we have 





Fig, 1. Thb Langmuir Adsorption Isotherms for Ethylene and Ethtlidene 
Chloride Vapors at Various Temperatures 

calculated the isotherm data of table 5 for the vapors of all of the chlorine 
substituted compounds studied thus far. The natural boiling point iso¬ 
therms plotted from these data are shown in figure 3. The relative 
amounts of the different vapors adsorbed at their boiling points should be 
significant. 
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A Study of figure 3 shows certain definite regularities. Under an equilib¬ 
rium pressure of 1 mm. ethyl chloride is more highly adsorbed than is 
methyl chloride, and both are more highly adsorbed than 7 i-propyl and n- 
butyl chloride. Of the latter two the propyl chloride is the more highly 
adsorbed. At still lower pressures the order of increasing adsorption is 
methyl, ethyl, n-propyl, n-butyl. This is exactly the order of their respeo- 



Fia. 2. The LAwainjiH Adborption Isotherms for Propylene and Trimethylene 
Chloride Vapors at Various Temperatures 



Fig. 3. The Natytral Isotherms or Various Chlorine Derivatives op the Au- 
PHATic Hydrocarbons at their Boiling Points 

tive molecular weights, boiling points, and dipole moments. At hi ghAr 
pressures the order of adsorption is exactly reversed; methyl chloride is 
the most highly adsorbed and butyl chloride the least. 

The isopropyl and tertiary-hutyi chloride vapors, as we might expect, 
from their greater surface covering power, are less adsorbed at all pressures 
than the corresponding normal vapors. 

Chloroform is more highly adsorbed than methyl chloride below 1.3 mm. 
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and more highly adsorbed than methylene chloride below 17 mm. From 
the trend of the isotherms we may infer that carbon tetrachloride is more 
highly adsorbed than chloroform at very low pressures. At higher pres¬ 
sures, however, the order of increasing adsorption is that of decreasing 
molecular volume, namely, CCU < CHCU < CHsCl* < CH»C1. 

Ethylidene chloride is more highly adsorbed than ethylene chloride up 
to 19 mm. Above this pressure they are adsorbed to practically the same 
extent at all pressures. The greater adsorption of the lower boiling eth¬ 
ylene chloride at the lower pressures is interpreted as being due to the fact 



Fig. 4. The Langmuir Adsorption Isotherms op Various Chlorine Deriva¬ 
tives OF THE Aliphatic Hydrocarbons at their Boiling Points 

that the two chlorine atoms are attached to the same carbon atom. Thus, 
the attraction for the vapor molecule is increased, and since the radical 
extends outward, more molecules may be adsorbed. 

Ethylene chloride is less adsorbed than propylene chloride at pressures 
below 2.5 mm.; it is less adsorbed than trimethylene chloride below 1.7 
mm. The latter, in turn, is less adsorbed than propylene chloride below 
2.5 mm. Above the pressures indicated the order of adsorption is: eth¬ 
ylene > propylene > trimethylene. This is exactly the order to be pre¬ 
dicted from the respective siurface covering powers of the three vapors on 
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the assumption that the adsorption is due to the attraction of the surface 
forces for the chlorine atoms. 

While we have discussed the adsorption with respect to four series of 
chlorine substituted vapors, the relative adsorbability of the vapors of the 
different series may be easily noted from figure 3. In general, it may be 
stated that for any one of the series of vapors, the higher boiling, heavier 
molecules are most highly adsorbed at low pressures. The adsorption of 
these quickly approaches a maximum and then increases but slightly with 
further increase in pressure. At relatively high pressures the more simple 
the molecule is, the greater is the tendency of the adsorbent to adsorb ad¬ 
ditional vapor as the pressure is increased. 

We have plotted the boiling pmnt isotherms corresponding to the simple 
adsorption equation of Langmuir. These are shown in figure 4. Because 
of the approximate equality of the adsorption magnitudes of the ethylene 
and ethyUdene chloride vapors, and of those of propylene and trimethylene 
chloride, it was necessary to displace the plots upward by definite space 
intervals. 

Within the limits indicated by the experimental points, the Langmuir 
equation for simple adsorption on a plane surface adequately expresses the 
adsorption for the chlorine compounds studied. At lower pressures the 
values of p/(*/m) fall rapidly below the straight line plot. This is not 
surprising since the Langmuir equation (1) applies only to adsorption on a 
plane surface. Charcoal surfaces are exceedingly irregular; they are made 
up of points, edges, and capillaries, and the atoms of each possess adsorp¬ 
tion forces of widely var 3 ing intensity. Upon exposing the gas-free char¬ 
coal surface to a vapor it is the more intense forces emanating from the 
surface atoms that are first saturated. Only when these points have be¬ 
come covered with vapor molecules will the adsorption approximate in 
nature that on a plane surface. Then and only then should the simple 
adsorption equation apply to the adsorption of vapors on charcoal surfaces. 

The heats of adsorption of the four dichloro vapors studied in this re¬ 
search were calculated from the slopes of the isosteres. The heats of ad¬ 
sorption obtained are: ethylene chloride, 11,500 calories; ethylidene chlo¬ 
ride, 10,965 calories; propylene chloride, 13,160 calories; trimethylene 
chloride, 13,700 calories. Since the heats of adsorption of these vapors 
have not been determined experimentally, we can only state that the above 
values are probably of the right order of magnitude. In general, however, 
it has been found that heats of adsorption calculated from the isosteres are 
usually lower than those experimentally obtained. 

SiniUABY 

The adsorption of the vapors of ethylene chloride, ethylidene chloride, 
propylene chloride, and trimethylene chloride on charcoal has been studied 
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at several temperatures between 0“C. and 136®C. Within the pressure 
range employed, the adsorption magnitudes are satisfactorily expressed 
by the simple Langmuir equation for adsorption on plane surfaces. 

Both the natural and the Langmuir isotherms have been plotted for 
these vapors and for the chlorine derivatives previously studied at tem¬ 
peratures corresponding to the boiling points of the pure liquids. The 
Langmuir equation applies for the pressure range studied. The Freundlioh 
equation does not hold for any of the vapors. 

For any one series the amount of vapor adsorbed at very low pressures 
is always greatest for that vapor having the greatest molecular weight, the 
largest molecular volume, and the highest boiling point; it is least for the 
simpler, lower boiling liquids. Similar relations obtain with increase in 
the number of chlorine atoms within the molecule. At higher pressures 
the order of the adsorption magnitudes is exactly reversed. 

The influence of the number and position of the chlorine atoms has been 
determined. 

The heats of adsorption of the vapors have been calculated from the 
slope of the isosteres. 
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The effect of temperature on the abnormal viscosities of certain binary 
mixtures has received both experimental and theoretical consideration. 
In a general way, experimental evidence indicates that at higher tempera¬ 
tures the abnormality diminishes and the viscosity of the mixture tends to 
follow the law of mixtures. Further, the constancy or variation in the 
composition at which the abnormality occurs, when the temperature is 
changed, has been used to determine the cause of this abnormal behavior. 
Most cases can be explained on the assumption of (1) compound formation, 
(2) complex formation, (3) association, and (4) dissociation. 

Drucker and Kassel (3) in their investigation of systems with maximum 
viscosities, find in all cases investigated that an increase in temperature 
decreases the sharpness of the maximum point. Kurnakov and Krotkov 
(6) in an investigation of some twenty mixtures, find that not only is the 
sharpness of the maximum point decreased with increasing temperature, 
but also there is a shift in the composition of the maximum viscosity mix¬ 
ture in the direction of higher concentration of the more viscous component. 
De Carli (2) and Errera (5) report similar behavior in systems they have 
investigated. 

Dunstan and Thole (4) have investigated the effect of temperature on 
the viscosity maximum shown by the system water-acetic acid, up to 
temperatures of 30®C. Taakalatos (7) has investigated the system pyri¬ 
dine-acetic acid over about the same temperature range. J. Wagner (8) 
has studied the system nitrobenzene-»-butyl alcohol. The first two sys¬ 
tems mentioned show a maximum viscosity point, the last a minimum. 
In the data reported on these systems there appears to be little if any shift 
in the composition of the mixture having the maximum viscosity at higher 
temperatures. 

This paper deals largely with an extension of the existing data on these 
three systems to higher temperatures. 

APFABATUS 

Drucker type viscosimeters were used. Pressure-time products were 
checked for each viscosimeter. 
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The vapor thermostat, suggested by Daniels, Mathews, and Williams 
(1) was used to secure the various constant temperatures. Carbon disul¬ 
fide (b.p. 46.2®C.), acetone (b.p. 56.5®C.), methyl alcohol (b.p. 66®C.) 
and benzene, (b.p. 80.38®C.) were used in the vapor thermostat. 

Vacuum jacketed 10-cc. pycnometers, calibrated with distilled water, 
were used for density measurements. 

All thermometers used were carefully checked against thermometers 
calibrated by the U. S. Bureau of Standards. 

MATERIALS 

Freshly boiled, twice distilled water was used in preparing the acetic 
acid-water mixtures and for standardizing the pycnometers and viscosim¬ 
eters. 

A standard c.p. brand of glacial acetic acid was purified by repeated frac¬ 
tional crystallization. 

Commercial grades of pyridine, nitrobenzene, and n-butyl alcohol were 
purified by repeated fractional distillation. 

METHOD 

Mixtures of the two components, with composition expressed in mole 
per cent, were made up covering the entire range of composition. Densi¬ 
ties of the various mixtures were determined from room temperature to 
about 80®C., using the vapor thermostat. The time of flow for an equal 
volume of water or mixture was measured over this temperature range. 
The same volume of liquid was used in the viscosimeter at all temperatures. 
Volumes of water or mixture were brought into the viscosimeter after hav¬ 
ing been previously brought to the desired temperature. Relative viscosi¬ 
ties of mixtures were calculated from densities and times of flow of the 
mixtures and water at corresponding temperatures. Absolute viscosities 
were calculated from relative viscosities, using density and viscosity data 
for water from the International Critical Tables. 

EXPERIMENTAL RESULTS 

Tables 1, 2, and 3 and figures 1, 2, and 3 show the viscosities of the three 
^sterns over a temperature range from 35®C. to 76®C. in intervals of 10®C. 
These data, at even temperatures, were taken from large scale graphs of 
the experimental values for temperatures obtained with the vapor ther¬ 
mostat. 

Reference to figure 1 shows that in the case of the acetic acid—water 
s}rstem, the composition of the mixture having maximum viscosity remains 
practically constant at 55 mole per cent acid. Figure 2 shows this also to 
be the case of the system pyridine-acetic acid. The viscosity isotheniQS 
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TABLE 1 


The viscoeity of acetic acid-water mixtures at various temperatures 



VISCOSITY X 10» C.G.S. irmTS 


At 35*C. 

At 45-C. 

At 55*C 

At 65*0. 

At 76*C. 

At 80*C. 

mole per cent 
100 

10.12 

8.53 

7.46 

6.60 

5.82 

5.40 

80 

15.24 

12 26 

10.30 

8 77 

7 47 

6.92 

60 

18,10 

14.33 

11 63 

9.74 


7.52 

55 

18 48 

14.50 

11.82 

9 82 

8.28 


50 

18.47 

14.49 

11.80 

9 80 

8.27 

7.59 

40 

17.68 

14.03 

11 32 

9 32 

7.83 

7.24 

20 

13.03 

10.95 

9 00 

7.60 

6.48 

5.95 

0 

7.18 

5.97 

5 07 

4 36 


3.57 


TABLE 2 


The viscosity of pyridine-acetic acid mixtures at various temperatures 



VISCOSITY X 10* C o S UNITS 


At 35*C 

At 45“C 

At 65*C 

At 65*C. 

At 75“C 1 

At 80X‘ 

mole per cent 

100 

7 80 

6 60 

5.88 

5 35 

4.84 

4.65 

80 

10 52 

8.96 

7 88 

6 82 

6 20 

5.83 

60 

12.70 

10 70 

9 20 

7.80 

7.10 

6.70 

40 

19 28 

15.20 

12 65 

10.80 

9 35 

8.73 

30 

25.50 

19.85 

15 80 

13.05 

10 93 

10.00 

25 

28 87 

22 00 

17.55 

14.30 

11.75 

10.70 

20 

31.70 

23 80 

18.60 

15.00 

12 57 

11.15 

15 

32 00 

23.50 

18 20 




0 

10.12 

8 53 

7 46 

6.60 

5 82 

5.40 


TABLE 3 


The viscosity of nilrobcnzene-n-^utyl alcohol mixtures at various temperatures 


XnTROBBNZSNB 

VISCOSITY X 10* C G 8. UNITS 

At 35*C. 

At 45*C 

At 55*C 

At 66*C. . 

At 75*C. 

At 80*C 

mole per cent 

100 

16.01 

13 27 

11.24 

9 80 

8 78 

8 27 

95 

14 53 

12.52 

10.81 

9 46 

8 47 

8.05 

90 

14 03 

11,96 

10.35 

9 06 

8 10 

7.70 

80 

13.50 

11.47 

9.86 

8.54 

7.60 

7 22 

60 

13.39 

11.09 

9.31 

8.02 

7.06 

6 65 

40 

14.11 

11.28 

9.49 

8.07 

6.87 

6 33 

20 

15.80 

12.70 

10.13 

8.36 

7.11 

6 60 

0 

20 24 

15 53 

12.23 

9 94 

8.10 

7.33 
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Mole per cetxt acetic acid 

Fig. 1. Viscosity Isotherms for Acetic Acii>~Watbr Mixtures 
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flatten considerably at the higher temperatures, but the maximum is 
clearly in evidence at a fixed composition in each case. 

The viscosity isotherms for the ^stem nitrobenzene-n-butyl alcohol 
show a minimum present for all temperatures investigated. In contrast 
with the two preceding cases, as the temperature is raised, this system 
shows a marked and quite regular shift in the composition of the mixture 
having minimum viscosity. The isotherms are quite flat at the higher 
temperatures. 



Fig. 3. Viscosity Isotherms for NiTROBENZBNB-n-BoTTi> Alcohol Mixtures 

SUMMARY 

The effect of temperature on the composition of mixtures having maxi¬ 
mum or minimum viscosity has been studied for the systems acetic acid- 
water, pyridine-acetic acid, and nitrobenzene-n-butyl alcohol. 

The first two systems show the maximum to occur at fixed compositions 
for temperatures as high as SO^C. The third system shows a minimum 
point, occurring at varying compositions, depending on the temperature. 
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There has been much speculation as to the r61e which electrostatic 
charges play in ore flotation (2, 7, 9, 10, 16). The attempts to determine 
these charges experimentally have yielded various methods as well as 
various results. The majority of these measurements have dealt with 
the electrokinetic potential (f), while there is some more recent work deal¬ 
ing with thermodynamic potential of galena immersed in various solutions 
(15), In studying potentials these two must not be confused (11). Ince 
(14) made use of a Burton cataphoretic tube. Burtsch (5) investigated 
the problem by means of electroosmosis. Bull (3) utilized the Dorn effect 
to study the potentials on galena particles. 

EXPERIMENTAL 

We employed cataphoretic technique in our studies and made use of a 
modification (4) of a micro cell developed by Buzigh (6). It consisted 
simply of a groove 1 mm. deep, 1.25 cm. wide and 16.5 cm. long cut in a 
strip of plate glass which had two small holes ground into it on each end to 
act as an outlet and inlet for the suspension of ore particles. A thin cover 
glass was sealed over this groove with sealing wax. Cork slivers were in¬ 
serted at either end of the groove to a certain distance to prevent con¬ 
tamination of the contents of the cell. Copper electrodes consisting of 
copper wire in a saturated sodium nitrate-agar agar gel were slipped in 
behind the cork dams and the whole sealed in place. In accord with 
Smoluchowski's (17) treatment the measurement of the velocity of the 
particles was made one-fifth the distance from the top and bottom. The 
distribution of velocities with the distance from the bottom was not a 

^ This research was made possible by a grant from the Graduate School of the 
University of Minnesota. The experimental work was done in the Division of 
Agricultural Biochemistry of the University of Minnesota. Part of the discussion 
was furnished by Dr. N. W. Taylor, Chairman of the Department of Ceramics, 
Pennsylvania State College. 
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completely ssmimetrio&l parabola as demanded by theory, the particles 
one-fiftii the distance from the top always traveling a little more slowly 
than those at the corresponding position at the bottom. The readings 
recorded in this paper are those obtained at one-fifth the distance from 
the bottom of the cell. 

In making this study of the effect of electrolytes on the electrokinetic 
properties of galena, we tried to follow as closely as possible the condition 
of the flotation experiments as conducted by Taylor and Bull (18) in order 
to discover any simple relationship between the toxic effect of the cations 
and the electrokinetic potential. The M/10 solutions of electrolytes were 
prepared from pure chemicals. The hydrochloric acid and nitric add 
solutions were carefully standardized. The pH values of the solutions 
noted on the graph were determined by means of the quinhydrone- 
platinum electrode. 

The galena ore, a 300-g. lot as pure as could be obtained,^ was ground 
in an agate mortar (diameter of particles in cell varied from 3m to 25m) and 
the whole thoroughly mixed and stored in closed bottles out of direct con¬ 
tact with air. The other minerals used, p}nite, quartz, anglesite, sphal¬ 
erite, cerussite, and rhodochrosite were the purest naturally occurring ores 
obtainable. 

The technique of the measurement was to add 0.574 g. of galena or 0.201 
g. of quartz, as the case might be, to 500 cc. of the solution investigated. 
This was shaken and allowed to stand 15 minutes. In this way only 
smaller particles were obtained which permitted a measurement of their 
cataphoretic velocity to be made without the particles settling out of 
focus of the microscope. As mentioned before, the readings were taken 
one-fifth the distance from the bottom of the cell. The velocities of 
migration of the particles are expressed in m per second per volt per centi¬ 
meter. The readings were obtained within a temperature range of 26.5“ 
to 28.5“C. Eucal 3 q)tus oil was not included in the general procedure as 
used by Taylor and Bull (18). Parallel experiments were run, however, 
which included the effect of eucalyptus oil in pure water and also in the 
presence of aluminum nitrate, silver nitrate, lead nitrate, and thorium 
nitrate on the cataphoretic velocity of galena and of quartz in the presence 
of aluminum nitrate. A series of experiments was conducted in which the 
oil was added to the suspension of the mineral in the electrolyte, and 
another series was investigated where the .oil was added to a pure water 
suspension of the mineral and the electrolyte added afterwards. In no 
case was there any observable difference in the electrokinetic potential 
between the two series, nor was there any observable difference whether 
the eucalyptus oil was present or not. 

* Kindly contributed by Dr. Gruner of the Department of Geology of the Univer- 
sity of Minnesota. 
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RESULTS 

The effect of potassium ethyl xanthate on the electrokinetic potential 
of galena and quartz was investigated. In the concentration normally 
used in flotation (,1/10 per ton of ore), there was no observable effect. 
In more concentrated solutions the negative potential is increased. In 
concentrations about one hundred times as lai^e as that normally employed 
a peculiar phenomenon takes place. There is a flocculation of small 
particles (2/( in diameter) into single needles of approximate dimensions of 
2(1 X 2fi X lOju. These needles have a negative electrokinetic potential 
almost twice that of the original small particles. 

The cataphoretic velocity of all the minerals suspended in pure water 
may be summarized as given in table 1. It is interesting that the car- 


TABLE 1 

Cataphoretic velocity of minerals suspended in pure water 


MINERAL 

VELOaTT 

MINERAL 

VELOCITY 


ufaec./voltlcm. 


Ijtlaec.fvcltfcm. 

Sphalerite. 

-2.82 

Galena . 

-2.34 

Pyrite. 

-1 95 

Galena exposed to air for 


Anglesite. 

0.0 

5 days. 

-2.36 

Cerussite. 

+3.13 

Pb02 . 

+1.21 

Malachite. 

+0.63 

PbS 04 . 

+1.82 

Rhodochrosite. 

+1.91 

PbO. 

+1 05 


bonates carry a positive charge. This is probably due to a hydrolysis of 
the carbonate in the following manner: 

PbCOs + H,0 — PbHC08+ + OH- 

The effect of the addition of electrolytes on the electrokinetic potential 
of galena is shown in figure 1 and their effects on quartz and sphalerite in 
figure 2. 


DISCUSSION 

It should be emphasized that though the endeavor was made to maintain 
the same condition in this study as used by Taylor and Bull (18) in their 
flotation experiments there were some differences, and these must always 
be kept in mind in interpreting the cataphoretic studies in terms of flota¬ 
tion. In the flotation experiments a 50-g. lot of galena was present in 
about the same amount of suspension as 0.57 g. in these experiments. 
There was undoubtedly some adsorption of electrolyte which will therefore 
alter concentrations and also, although purest galena obtainable was used 
in both cases, we cannot be sure we had exactly the same degree of purity. 
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Fig. 1. Showing thb Effect op Elbctbolytes on the Mobility op Galena 



However, in spite of these factors, the results do enable us to answer 
some earlier suggestions. For example, once an air bubble has become 
mineralised the charges of particles already attached may tend to keep 
other particles from attaching, owing to repulsion by like charges. If this 
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alone were the cause of the loss of galena in flotation in the presence of 
certain cations then figure 1 would indicate that galena with eucal 3 rptus 
oil in pure water should float less readily than when the nitrates of Mg'*"'’, 
Ba++, CO++, Cd++, and Pb+‘'' are present. Furthermore the floatability 
of galena in presence of silver nitrate should pass through a maximum at a 
certain concentration where the charge on the particle is zero. On the 
other hand, these salts all reduce the floatability of galena by eucalyptus 
oil (18). Figure 1 would also indicate that potassium nitrate might be as 
toxic as thorium nitrate. 

We find that floatability of galena varies directly as the potential on the 
particles in the case of Ag+, Pb++, Cd++, Co++, Ba++ and Mg++, and 
further that the order of the toxicity of the nitrates Ag > Pb > Cd > Co 
is exactly that of ability of the cations to reduce the electrokinetic potential 
on the galena. This would indicate that flotation is a matter of peptiza¬ 
tion rather than flocculation, and it may be interpreted that the larger sur¬ 
face of the peptized material offers greater opportunity for collecting 
agents to become adsorbed and build up a nonpolar coating. Later these 
coated particles are taken up by the air bubbles. This view harmonizes 
with certain statements in Gaudin’s excellent book (12). “Far from 
considering general flocculation is necessary, it would seem as though 
reasonably good dispersion is desirable for successful flotation, because if 
it does not obtain, the opportunity to react with the reagents and to 
adhere to air bubbles is not fully presented to particles that occur within 
the floccules. The production of a dispersed pulp would then appear as the 
first requisite in a slimy pulp, and treatment with proper reagents to bring 
the selection of certain minerals should come next.” 

The inhibition of flotation by the nitrates of thorium, aluminum, and 
chromium may be due to formation of hydroxides which are more hydro¬ 
philic than the original sulfide. 

It seems to be rather generally believed that galena surfaces oxidize to 
give a surface of lead sulfate (1,8,13). According to information supplied 
by Gaudin (12) this oxidation takes place rapidly.. The effect of atmos¬ 
pheric oxidation of galena on the cataphoretic velocity was studied by 
determining the potential immediately on rapid grinding and then allowing 
the galena to remain exposed to air for five days. The loss in negative 
potential was not more than 5 per cent. Then the galena was heated to 
SOO^C. in a stream of air for two hours and the negative potential had been 
reduced by 20 per cent. Pure anglesite (PbSOd exhibited no potential; 
pure cerussite (PbCO») gave a relatively large positive potential equivalent 
tq a velocity of 3.1^ per second per volt per centimeter. Laboratory 
chemicals PbO, PbOj, and PbS 04 , all exhibited positive potentials. Since 
the electrokinetic potential is a surface phenomenon, these experiments 
seem to indicate that the oxidation is by no means rapid. 
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It is interestiog to note the effect of hydrochloric acid on the cataphoretic 
velocity of galena as oontrasted with that of nitric acid. The increased 
potential with hydrochloric acid is possibly due to the tendency to adsorb 
chloride ions because lead chloride is more insoluble. It is also interesting 
that silver nitrate lowers the potential very much. This may be due to 
the large adsorption of the silver ion, since silver sulfide is very insoluble. 

The previous results reported by Bull (3) on the electrostatic charge on 
galena using the Dom effect have not been confirmed. 

SUMMARY 

1. Cataphoretic studies have been made on a number of pure minerals 
suspended in pure water. The study has been extended in the case of 
galena, quartz, and sphalerite to include several electrolytes at various 
concentrations. 

2. Comparison of the data on surface chaise of galena with our earlier 
work on flotation imder similar conditions of added electrolytes shows that 
peptization rather than flocculation is a necessary requisite for good 
flotation, to be followed by the addition of suitable collecting agents. 
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Grenzfldchen-Katalyse. By Martin Kr5o£r. 22 X 15 cm.; viii + 387 pp. Leipzig; 

S. Hirzel, 1933. Price; 10.50 M. 

Thie book consists of a series of papers dealing with measurements of various 
physical properties of finely divided solids in relation to catalysis and adsorption, 
and, as such, presents a valuable and very considerable body of experimental ma¬ 
terial due to the work of Professor Kroger and his collaborators. 

The physical variants studied include changes in the electrical conductivity, in 
the dielectric constant, and in the magnetic properties of catalysts during reaction 
and adsorption. These certainly offer some indication of the condition of the 
catalyst during the process in question; and Professor Kroger is to be congratulated 
on the thoroughness with which the measurements have been carried out. At the 
same time, the correlation of catalyst composition with the reaction mechanism is 
frequently difficult. This is also true of the interpretation of the changes in the 
velocity and intensity of sound waves, which have been used in the investigation of 
the condition of gases during reactions in contact with finely divided solids. 

Of special interest in connection with the energetics of catalysis is the section deal¬ 
ing with the limitation of the oxidative degradation of naphthalene. The function 
of catalysts such as vanadium pentoxide in inducing not merely a process of gross 
oxidation but also the effective stoppage of the oxidation at the phthalic anhydride 
stage is certainly of primary importance in the understanding of the general mecha¬ 
nism of all reactions of this type. 

Probably the outstanding feature of the series of papers lies in the imusual nature 
of some of the methods of attack. 

E. B. Maxted. 

Fundamentals of Fibre Structure, By W. T. Astbury. 15 X 22 cm.; ix -f 187 pp. 

London: Oxford University Press (Humphrey Milford), 1933. Price: 8/6 net. 

Mr. Astbury has here made available in book form a series of six university exten¬ 
sion lectures which he gave to Yorkshire textile students early in 1932. The author is 
an acknowledged authority on the structure of fibres, particularly protein fibres of 
the animal body, such as hair and wool, and a wide range of readers will welcome this 
account. Beprinted lectures, while preserving the freshness of the spoken word, 
always suffer from the special nature of the audience for which they were prepared. 
In this case the reader may or may not welcome seventy-six pages on the nature of 
matter and radiation, the invisible fibres of the world of molecules, and an elementary 
account of how atoms make spatial patterns. The remaining three lectures deal in a 
vital way with the author’s own researches and those of his colleagues. The general 
reader will feel that precision has been brought into a very difficult field of organic 
chemistry, and the specialist will marvel that so much precise information has been 
obtained from such fuzzy x-ray photographs. The crystallites of hair and wool are 
very minute and the remaining amorphous matter increases the difficulties of in- 
pretation. Mr. Astbury shows how the extensibilities of hair and wool are due to the 
unfolding of the keratin chains and his facts are linked up in a novel way with the 
technical processes of the woolen industry. The book is appropriately introduced 
by Sir William Bragg and concludes with a useful bibliography. 
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Pour Comprendre la Chimie Moderne, By E. Cattblain, 18 X 11 cm,; 254 pp. 

Paris: G. Doin & Cie., 1933, Price: 15 francs. 

There are some who will condemn this book merely because the theory of atomic 
structure is introduced on p. 24, whereas no mention of a buret is made until p. 150, 
In a book of this type addressed to the layman there is, however, something to be 
said for using this thepry as a framework into which the facts of chemistry may be 
fitted, in spite of the obvious risk that the stability of the whole structure may be 
thought to depend on this framework. Granting this, certain features of the ar¬ 
rangement of the subject matter may prove useful to teachers who have to '^explain’’ 
modem chemistry to those who have not had an experimental initiation into the 
science. On the other hand, the book should not be put into the hands of the novice 
who might aspire to become a serious student of Chemistry. Apart from acquiring 
strange ideas about the scope of organic chemistry (p. 17) and regarding the structure 
of an “unionised molecule” of sodium chloride (p. 236), he would be completely con¬ 
fused in his attempt to understand the explanation of how the volumes of gases 
participating in a reaction are shown by the chemical equation (p. 73), since the 
author habitually writes the formulas of hydrogen, oxygen and nitrogen as if their 
molecules were monatomic. 

^ H. J. T. Ellinoham. 

Theorie der Oherldchenerscheinungen. Edited by A. R. Rabinowitsch, N. A. Bach 

and A. G. Passynski. Charkow, Russia: Technischer Staatsverlag, 1933. 

During September 20-24, 1932, a symposium on “The Properties of Surfaces” was 
held at Moscow, Russia, under the auspices of the “Assoziation Physikalisch-Chemi- 
scher Forschungs-Institute im Karpow-Institut ftir physikalische Chemie, Moskau.” 
The papers presented at this symposium appear in Band 4, Heft 2, pp. 139-432 (1933), 
of the “Physikalische Zeitschrift der Sowjetunion.” All papers appear in either 
German or English. This Symposium may be regarded as more or less analogous to 
the Colloid Symposiums which have been held annually for the past ten years in the 
United States. The following twenty-three papers, all dealing with problems of 
surface chemistry or surface physics, are included in the monograph: 

M. Polanyi. Adsorption und Kapillarkondensation. 

M, Dubinin. Kapillarkondensation von Dampfen an por6sen Sorbenten. 

M. 0. Charmadarjan und W. K. Markow. Einfiuss der Reaktion des Mediums 
im Moment der Koagulation auf die Struktur des Silikagels. 1. 

F. P. Bowden. On the Range of Surface Forces. 

R. Burstein, P. Lewin und S. Petrow. Aktivierte Adsorption von Gasen an 
Kohle. 

P. I. Lukirsky. Ober die Austrittsarbeit der Elektronen und die photoelektri- 
schen Eigenschaften der Metalle. 

A. Frumkin. lonenadsorption an Metallen und Kohle. 

E. Lange. tJber die Natur der Quecksilbertropfelektrode, 

B. P. Nikolski. Die Eigenschaften der Doppelschicht und die Austausohadsorp- 
tion von lonen an nichtmetallischen Oberflachen. 

L. Lepin. Die Oberflftchenoxyde der Kohle und die Adsorption von Elektro- 
lyten. 

H. R. Kruyt. Kapillar-elektrische Untersuchungen an Silberhalogeniden. 

A. J. Rabinowitsch. Adsorption der Elektrolyte und {--Potential. 

L. W. Janssen. Der Aufbau der elektrischen Doppelschicht. 

M. O, Charmadarjan und B. I. Perwuschin. tTber einige Erscheinungen bei der 
Bewegung einer der Elektroden im Elektrolyten und fiber das elektrokinetische 
Potential. 
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F. P, Bowden and A. Dununett. The Influence of the Underlying Surface on the 
Cataphoretic Mobility of Adsorbed Proteins. 

M. Volmer. Uberspannung. 

R. W. Gurney. Quantum Mechanics and Overpotential. 

P. A. Rehbinder und N. Kalinowskaja. Abnahme der Grenzfl^henenergie und 
Zunahme der Dispergierbarkeit fester Kdrper bei Bildung einer Adsorptions- 
schicht. 

W. P. Berdennikow. Messung der Oberfliichenspannung von festen Korpern. 

D. L. Talmud. Meohanische Eigenschaften der Adsorptionsschichten tmd Sta- 
bilit&t der Sch&ume und Emulsionen. 

B. V. Deriagin. Mechanical Properties of Thin Layers of Liquids. 

Space will not permit an evaluation of the individual contributions in this re¬ 
view. Sufiice it to say that many of the papers are of the utmost importance and 
should be carefully read by those interested in the properties of surfaces. The vol¬ 
ume can be secured through the American agents, G. E. Stechert and Company, 31 
E. 10th St., New York City. 

Ross Aiken Gortner. 

Gmelina Handbuck der anorganischen Chemie. 8 Auflage. Herausgegeben von Aer 
Deutschen Chemischen Gesellschaft. System-Nummer 54: Wolfram. 25 X 
17.5 cm.; xi 4- 397 pp. Berlin: Verlag Chemie, 1933. Price: 64 M. Subscrip¬ 
tion price: 56 M. 

This volume includes the sources and ores of tungsten, the preparation of the 
metal, including technical processes and the production of wire for the lamp in¬ 
dustry, physical properties, chemical properties, analysis, alloys, and compoimds. 
Among the latter the salts of tungstic acid are fully dealt with, together with the 
question of the basicity of the tungstic acids. The complex molybdic acids, such as 
boro tungstic, silicotungstic, and phosphotungstic acids, are included. TheT volume 
gives a modern and very complete account of the chemistry of tungsten and is of the 
same high standard as its predecessors. In view of the importance of tungsten in 
modern industry, such a monograph is very welcome. 

J. R. Partington. 

Recent Advances in Physical Chemistry, By Samuel Glasstonb. Second edition. 
14 X 21 cm.; viii -f- 498 pp. London: J. and A, Churchill, 1933. Price: 15 
shillings. 

This well-planned and well-written summary of recent advances in physical 
chemistry has won for itself a place in the library of most advanced students of the 
subject, and the appearance of a second edition will be heartily welcomed. No 
change has been made in the general plan of the book, except that the chapter on 
solubility, perhaps the least necessary or important chapter in the former edition, 
has been omitted; and the space which has thus been made available has been more 
than used up in expansions of the remaining chapters. The groundwork of the book 
remains largely unchanged, although here and there certain paragraphs have been 
rewritten or modified, and the value of the present edition as compared with its 
predecessor lies in the new matter which has been inserted. The new subjects dis¬ 
cussed include: wave mechanics and its applications to problems of valency and the 
calculation of energy of activation; nuclear disintegration and the discovery of the 
neutron and the positive electron; the influence of free and restricted rotation on 
dipole moments; molecular beams and their uses; potential energy curves; atomic 
reactions; the kinetics of photochemical reactions; activated and discontinuous 
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adeorption; surface potentials; the mobility of surface molecules. In the case of a 
number of these subjects many will, perhaps, feel that the treatment is rather slight 
and inadequate, but even if this may be so, the discussion of the various topics, all of 
considerable interest at the present time, will direct the attention of the serious 
student to the paths along which the subject is advancing and will help him to take 
up the fuller study of one or more of the subjects discussed. More than this can 
scarcely be demanded of such a book as the one under review. 

A. Findlat. 

Die Ldeungegleichgewichte der Syateme der Sale ozeanischer Salzablogerung, By J. 
D’Ans. Quarto, 254 pp.; accompanied by 31 tables of graphs and diagrams, 
which are bound separately. lUli-Forschungs-Anstalt, Berlin. Verlagsgesell- 
schaft fUr Ackerbau, M.B.H., Berlin S.W. 11, Dessauer Strasse. 

The writer of this monograph, who worked in the laboratory of van*t Hoff on this 
subject, has here revised and recompiled all of the information relating to it now 
available. It forms a complete summary of the facts known regarding the equilibria 
which exist between water and salts, yielding chloride, sulfate, sodium, potassium, 
magnesium, and calcium ions, in either their simplest or most complex mixtures. 
In^art I, one finds forty-seven pages devoted to a clear and systematic discussion of 
solubility determinations, methods of ascertaining the composition of the solid 
phases left after such determinations, and methods of fixing the constants which 
define invariant points; also the results of the application of the phase rule to the 
study of such data and discussion of the graphical methods of representing such sys¬ 
tems. There are one hundred and eighty-eight pages devoted to the discussion of 
the forty-six salt systems, in which all of the data relating to combinations of water 
and from two to all six of the ions named, have been compiled and submitted to 
critical analysis.' One is surprised at the large amount of such data which has ac¬ 
cumulated since the last summary by van’t Hoff. 

The composition of solutions has been recalculated, where necessary, and tabu¬ 
lated in terms of moles or double moles per 1000 moles of water, and in many cases in 
grams per 100 grams of water also. These data have been plotted on coordinate 
paper on a scale of 2.5 moles or 2.5 degrees per centimeter, the most probable course of 
the corresponding graphs drawn, and the whole reduced by photographic reproduc¬ 
tion to a series of graphs and diagrams on which one centimeter represents 5 moles or 
5 degrees. It is possible therefore, with the use of a lens, to read off compositions 
to 0.1 mole and temperatures to 0.1 degree. These graphs and diagrams make up 
most of the material reproduced on the thirty-one plates of part 11. The volume 
clearly represents the results of an enormous amount of work and gives evidence of 
having been thoughtfully and carefully compiled and edited. 


W. C. Blasdalb. 
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In a recent paper published in This Journal, Stephens (38) has advanced 
some arguments against the dative peroxide theory of auto-oxidation 
(27a, 27b) and concluded somewhat dogmatically that the initial stages 
postulated by this theory have no justification. It is the purpose of this 
paper to point out that Stephens' arguments are not entirely justifiable 
and in several cases are somewhat inconsistent with facts, and to bring 
forth additional evidence in favor of the dative peroxide theory. 

When this theory was first enunciated some years ago, the present author 
made a careful investigation of the chemical behavior of numerous sub¬ 
stances which are capable of auto-oxidation. This study revealed the fact 
that all substances capable of combining with molecular oxygen are known 
to be unsaturated towards reagents other than molecular oxygen. The 
apparent exception of saturated hydrocarbons is easily accounted for by 
the assumption originally made by Mardles (23) and independently by the 
present author (reference 27b, p. 347) that combination of molecular oxy¬ 
gen with saturated hydrocarbons occurs either through free radicals (highly 
unsaturated towards other reagents) or through the exposed electrons re¬ 
sulting from the activation of hydrocarbon molecules prior to their decom¬ 
position. Hydrocarbons, especially of the hexaphenylethane type, are 
known to split very readily into free radicals which add molecular oxygen 
with considerable avidity. 

The presence of unsaturation in auto-oxidant molecules is confined en¬ 
tirely to certain atomic nuclei in each molecule known to possess loosely 
bound molecular valence electrons which can be easily donated to other 
nuclei by sharing. That these electrons are loosely bound in certain nuclei 
of polyatomic molecules has been recently amply demonstrated by Mulli- 
ken (29). This author gives the electronic structures of NHa and H 2 O as 
Is* 2s® 2p (T)^2p(<r)® and Is® 2s® 2pa®2/>fe®2pc®, respectively, and states that 
‘‘the two 2p (cr) electrons in NHa avoid the region of the H nuclei, and as a 

»Contribution No. 94 from the Research Laboratory of Organic Chemistry, 
Massachusetts Institute of Technology. 
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result are relatively loosely bound and reduce the energy of formation of 
the molecule.” “Direct evidence of these electrons in NH» is given by the 
low ionization potential of this molecule, which is 11.1 volts. Many features 
of the chemical behavior of NH», e.g., the formation of NH 4 +, H»N-BCls, 
Cu++(NH 8 ) 4 , etc., are reasonably interpreted as conditioned by the stabil¬ 
ization of the two loosely bound 2p(<r) electrons of NH» under the influ¬ 
ence of an additional nucleus.” The ionization of a 2p(v) electron of NH» 
would take, according to MuUiken, 15 volts, while that of a 28 electron, 
26 volts. 

Although NHs reacts with oxygen only at relatively high temperatures, 
several of its derivatives are known to auto-oxidize quite readily. Soda- 
mide, for example, adds molecular oxygen to form sodium amidoperoxide, 
NaHjN-Oj (36). Several aryl amines, hydrazones, etc., can be isolated 
only in the form of their salts in which the 2p(ff) electrons are stabilized 
(reference 27a, p. 1211). Furthermore, the instability of free radicals, like 
the methyl radical, is, according to MuUiken (29), due to the presence in 
the radical of a 2p(<r) electron. 

It has already been suggested elsewhere (reference 27a, p. 1211) that 
the tendency to auto-oxidize of the hydrides and aryl derivatives of the 
elements of the fifth group of the periodic table increases as the “effective 
nuclear charge” of the central elements increases. If the auto-oxidation 
of these substances proceeds through a preliminary addition of molecular 
oxygen to the unshared pair of electrons present in each molecule, then 
there ought to exist a relationship between the tendency of these substances 
to auto-oxidize and their ionization potentials. That such a relationship 
actuaUy exists not only with the hydrides of the elements of the fifth group, 
but also with those of the sixth and seventh groups, has been recently 
pointed out by the author (28). It has been shown that as we pass down 
in each group from the lightest to the heaviest element, there is a regular 
decrease in the ionization potentials of the hydrides, which means an in¬ 
crease of looseness of the molecular valence electrons. With an increase 
of looseness of these electrons, there ought to be a corresponding increase 
in the tendency to auto-oxidize. This is made obvious when we compare 
the first ionization potentials of the alkali and alkaline earth metals with 
their tendency to oxidize. It has been found that with a decrease in the 
ionization potentials there is a corresponding increase in the tendency to 
auto-oxidize. 

These considerations should not be confined to the inorganic substances, 
since the principles of oxidation and reduction apply equally well to organic 
substances. When molecular oxygen combines with an organic substance, 
the latter contributes two electrons to it, and the ease with which these 
electrons are contributed usually determines the reducing power or the 
oxidizability of the substance. Furthermore, the ease with which molecu- 
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lar oxygen takes up these electrons to form the peroxide group may also 
depend upon its electron affinity, or the energy required to remove two 
electrons from the peroxide ion, O?—. Unfortunately there are no data 
available at present which will enable us to estimate this electron affinity. 
Noyes and Beckman (30) have calculated the electron affinity of atomic 
oxygen for the first electron and found it to be 4.6 volts. Whether that 
of the molecular oxygen for two electrons is of the same order of magnitude 
is not known. As an oxygen molecule approaches an easily oxidizable 
substance, it is easily conceivable that it may attract electrons from the 
latter with a force equal to its electron aflSnity, or, in other words, it may 
reduce the ionization potential of the auto-oxidizable substance. 

Some evidence in favor of the electronic structure of the reacting oxygen 
molecule originally proposed by the author, is to be found in the structure 
of hydrogen peroxide recently proposed by Maas and his students (5,8,21). 
From a study of the dielectric constant, molecular refractive power, and 
the parachor of hydrogen peroxide, these investigators proposed the un- 
symmetrical structure. 



0 O 


or 


H:6:0: 
H * 


which also agrees with the ease with which hydrogen peroxide loses an 
oxygen atom to form water. This structure is probably in equilibrium 
with the symmetrical structure. Since hydrogen peroxide is known to 
form by the addition of hydrogen to molecular oxygen, its unsymmetrical 
structure provides evidence for our electronic structure of the reacting 
oxygen molecule. However, as has been emphasized elsewhere by the 
author (reference 27b, p. 300), the “odd^' electronic structure proposed by 
Lewis should not be excluded in auto-oxidation reactions. 

Although some of the molecular valence electrons, present in many of 
the auto-oxidant molecules, are apparently paired, it is not certain that 
this condition holds when these molecules are activated or excited. More¬ 
over, several of the auto-oxidants, such as nitric oxide, the alkali metals, 
ferrous and chromous compounds, and free organic radicals, in general, are 
definitely known to possess unpaired valence electrons through which 
they interact with other molecules. 

Auto-oxidation reactions are strongly exothermic and in numerous cases 
are chemiluminescent. Backstrom has clearly demonstrated that chemi¬ 
luminescent reactions reveal the presence in the reaction system of mole¬ 
cules of exactly the same kind as are produced by the absorption of light 
of the same or higher frequency as the emitted light. Furthermore, the 
energy transferred diuring auto-oxidation reactions to the reactant mole¬ 
cules, presumably by collisions of the second kind, excites these molecules 
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into those quantum states which are responsible for their ultra-violet 
spectra. That this energy is of chemical origin can be easily shown by the 
fact that the heat of reaction is usually greater than the energy of excita¬ 
tion which corresponds to the wave length of the emitted light. 

In the case of benzaldehyde, for example, B&ckstr6m has shown that the 
region of strong light absorption is approximately 3800 A.U., correspond¬ 
ing to an energy of excitation of 75 kg-cal. The heat of auto-oxidation of 
this substance is 140 kg-cal., which is more than sufficient to cause the 
excitation of benzaldehyde molecules. Another notable example is the 
thermal decomposition of ozone, which shows a heat of reaction of 69 kg- 
cal. whereas the longest wave length in its absorption spectrum corresponds 
to an energy of excitation of only 47 kg-cal. 

If the enei^ of excitation in auto-oxidation reactions were entirely of 
vibrational origin, as Stephens seems to assert, one would expect infra-red 
light to have an accelerating effect in these reactions. As far as the present 
author is aware, there is no evidence that this is the case. On the contrary, 
the decomposition of hydrogen peroxide which follows a chain mechanism 
is totally unaffected by the absorbed infra-red light, while it is greatly 
accelerated by ultra-violet light (18). 

Moreover, there exists a strong parallelism between the photochemical 
and the thermal auto-oxidations. Both have a chain mechanism; both 
are susceptible to the influence of negative and positive catalysts. Another 
parallelism closely related to this one is that between the effects of perox¬ 
ides and ultra-violet light on certain chemical reactions. Both are known 
to accelerate auto-oxidation reactions, to induce poljmierization of unsat¬ 
urated substances and to affect the photographic plate. Furthermore, the 
recent observations of Kharasch and his students (16,17) and of Smith (36) 
seem to indicate clearly that in the presence of oxygen or peroxides the olefinic 
bond is polarized in such a way as to influence the direction of the addition of 
hydrogen bromide to it. Other additional reactions to the double bond 
cannot be easily understood unless we assume with Lowry (22) and with 
Carothers (7) that the reacting molecules are polar or electrovaJent, in 
which two of the electrons have been displaced towards one or the other 
carbon atom. In fact, it is because of this displacement of the electrons 
that we are justified in speaking of these substances as unsaturated mole¬ 
cules (20). The fact that the electric moment of ethylene and of other un¬ 
saturated substances is found to be zero does not disprove the assumption 
that the reacting unsaturated molecules are polar. This has been clearly 
stated recently by Smyth (37). 

Finally, the foregoing considerations lead to the unescapable conclusion 
that the mechanism of the formation of excited molecules is the same in 
the dark or in photochemical auto-oxidation reactions, and that these ex- 
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cited molecules are produced by the simultaneous supply of vibrational 
and electronic energy. 

AUTO-OXIDATION OF HYDBOCABBON8 

The fact that saturated hydrocarbons auto-oxidize is not at variance with 
the general theory proposed by the present author, as Stephens seems to 
insist, since the theory assumes the addition of molecular oxygen to mo¬ 
lecular valence electrons which are exposed either as the result of excita¬ 
tion of the hydrocarbon molecule or of its dissociation to free radicals. 
Whether the final peroxide is an alkyl hydroperoxide or a dialkyl peroxide 
depends entirely upon the hydrocarbon in question and the relative strengths 
of the bonds concerned. This point has been more fully discussed by the 
author elsewhere. 

With regard to the auto-oxidation of unsaturated hydrocarbons, there 
is a displacement of electrons prior to the addition of oxygen, a condition 
which is fulfilled only by the theory of the present author. The effective 
strength of the bond broken in the auto-oxidation of an ethylenic substance 
may be taken as the difference of the strengths of the double and the single 
bonds. Taking the strength of the C—C bond as 80 kg-cal. (33), and that 
of the C==C bond as 123 kg-cal. (39), this difference comes out as 43 kg-cal. 
which is not very far off from the experimentally obtained activation energy 
for the oxidation of ethylene, namely, 35 to 43 kg-cal. (40). This indicates 
that in the activated ethylene molecule the double bond is probably broken 
with subsequent displacement of the electrons to form the polar double 
bond discussed in the previous section. 

AUTO-OXIDATION OP ALDEHYDES, ETC. 

Pure aldehydes are not known to dehydrogenate easily, as Stephens 
claims; in fact, we know of no case in which aldehydes dehydrogenate 
easily, say, to form diketones even in the presence of dehydrogenating 
catalysts. Furthermore, Eyring (10) has shown recently that in the case 
of acetaldehyde, for example, the C—H bond is stronger than the C—C 
bond. Such arguments, therefore, as those proposed by Stephens are 
entirely irrelevant to the auto-oxidation of aldehydes in which the seat of 
unsaturation lies in the carbonyl group. Both Wolf (41) and Smyth (37) 
have concluded that the electric moment of aldehydes is inherent in the 
carbonyl group with the oxygen being the negative end of the dipole. 

Hydrogen peroxide and ozone are stronger oxidizing agents than molec¬ 
ular oxygen, yet in neither case does the hydrogen of the alpha carbon 
atom of aldehydes oxidize easily to a hydroxyl group. In the case of 
hydrogen peroxide stable a-hydroxy peroxides and hydroperoxides are 
formed (34). Ozone, which is known to add on to unsaturated groups very 
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much in the same manner as molecular oxygen, forms alkyledine peroxides 
with aldehydes (13, 12, 11). These peroxides either polymerize or, when 
warmed up, go over to their isomeric acids. 

H H ® 0 

R:C:6: + 0, -> R:C:6:6; or RC<(^| + O, 

0 

In the case of the auto-oxidation of aldehjrdes the very recent work of 
Bodenstein (4), of B&ckstrdm and Beatty (2) and of Kohler and Nygaard 
(19) confirmed the conclusion of earlier investigators that an active molox- 
ide is first formed which subsequently rearranges to the peracid. B&ck- 
strdm and Beatty state definitely that the direct formation of a peracid or 
an activated form of it in one step fails to account for their experimental 
results; accordingly they were forced to assume the existence of an inter¬ 
mediate moloxide originally proposed by Bach. These and various other 
considerations confirm our earlier view in regard to the mechanism of the 
auto-oxidation of these substances. 

A similar view has been adopted in the case of the addition of oxygen to 
the ketones and thioketones. That the double bond in thioketones and 
thioaldehydes is virtually broken imder ordinary conditions is shown by 
the fact that the aliphatic thioketones and thioaldehydes are known to 
exist only in their dimeric or trimeric modifications (3). This conclusion 
is strengthened by the high electric moment recently reported for some of 
these substances by Hunter and Partington (14). Contrary to the assump¬ 
tion of Stephens, no alkyledine peroxides are known to form in the case of 
the auto-oxidation of thioketones. 

With regard to the mechanism of the auto-oxidation of ethers, there 
exists ample chemical evidence on oxonium compounds (31, 32, 24) which 
supports the correctness of our original conclusion that an unstable oxonium 
or dative peroxide is initially formed. 

Finally, the auto-oxidation of tiiethylphosphine and related substances 
proceeds, as has already been shown elsewhere, through the initial forma¬ 
tion of dative or triethylphosphonium peroxide. Stephens disagreed with 
this view and proposed an initial peroxide in which the phosphorus atom 
still retains its original valence of three. This is contrary to our knowledge 
of the chemical behavior of this class of compounds towards oxidizing 
agents. The main stable product of this reaction is triethylphosphonium 
oxide, while secondary products formed by the interaction of this oxide with 
the peroxide have also been isolated (9,16, 25). If the peroxide proposed 
by Stephens were the initial product, one would expect it to hydrolyze in 
presence of water to yield ethyl hydroperoxide. Actually, no such prod¬ 
uct is known to form. That the oxide is the main final product is clearly 
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shown by the auto-oxidation of triethoxyphosphine, (C 2 H 60 ) 8 P, to form 
first the peroxide and then triethoxyphosphonium oxide, (C2H60)3P0 (42). 
Another example of this type is the auto-oxidation of phosphorus tri¬ 
chloride, which yields phosphorus oxycloride (26). 

Trimethylarsine and other alkylarsines are also auto-oxidized to yield 
through the intermediate peroxides alkylarsonium oxides (6). 

SUMMARY 

1. Additional evidence has been given in favor of the dative peroxide 
theory of auto-oxidation originally proposed by the author. 

2. It has been shown that the recent criticism of this theory is entirely 
unjustifiable. 
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The paper immediately preceding this one (6) attempts to defend against 
recent criticism (14) and to substantiate further the dative peroxide theory 
of auto-oxidation (5). It also attempts to refute the aiguments advanced 
by the writer (14) in favor of his own viewpoint. In view of the fact that 
neither the defense of the former theory nor the criticism of the latter is 
convincing, it becomes necessary to extend the earlier criticisms of the 
dative peroxide theory to include the most recent arguments of its pro¬ 
ponent and to add to the justification of the opposing theory of the writer. 

MOLECULAR VALENCE ELECTRONS 

The writer has already conceded (15) that molecules such as those con¬ 
sidered by Mulliken (9) and Birge (1) contain electrons which may be 
properly considered as valence electrons. It may be added that odd mole¬ 
cules and free radicals undoubtedly belong to this group. However, it 
cannot be admitted that such a capacity can be indiscriminately attributed 
to all unshared electrons in molecules. 

In view of the fact that the foregoing article by Milas directs attention 
particularly to the hydrides of the elements of groups V, VI and VII in the 
periodic table it will be convenient to consider them here also. Taking 
ammonia as an example, it is assumed that its two unshared electrons are 
capable of functioning as valence electrons. This is true, however, only in 
a very restricted sense, as it is only* in cases involving the attachment 
of a proton or positive ion to the ammonia molecule, that the unshared 
pair of electrons in the latter plays a r61e similar to that of valence elec¬ 
trons. In other words, the addition reactions of ammonia are highly 
specific and depend upon what is called, in the absence of a more 
general term, the proton affinity of the molecule. In the typical case of 
the addition of HCl, the resultant ammonium ion acquires a positive 
electrovalence of one, which is merely the valence of its fourth proton, 

‘The poBBibility of exceptions in the addition compounds of ammonia with the 
hydrides and halides of boron is, in the meantime, disregarded, owing to lack of knowl¬ 
edge of the structure of these erratically varied substances. 
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the valence of the nitrogen thus remaining unchanged. On the other 
hand, addition reactions of such molecules as CO, CO+, BeF*’ etc., which 
admittedly contain true valence electrons, will necessarily involve val¬ 
ence changes. It will be obvious, then, that direct analogy between 
ammonia and these molecules is of extremely doubtful validity. 

Following further the arguments of Milas, it is clearly implied that the 
formation of -onium compounds is due to “unsaturation” in the donor 
molecules. It has just been indicated, however, that the formation of 
these salts is a highly specific reaction involving the addition of a positive 
ion from the addendum. Typical unsaturated compounds such as ethyl¬ 
ene and its derivatives do not show this specificity nor do their hydrohalides 
in any case exhibit more than a very feeble approach to the properties 
which we associate with salts. Consequently, the addition reactions of 
the ethylenes cannot be compared with those of compounds which form 
-onium salts. If the term “unsaturation” is used at all in the latter cases 
it ought to imply a special connotation. In the opinion of the writer the 
property in question ought to be called proton affinity and sharply dis¬ 
tinguished from unsaturation. To illustrate the necessity for this distinc¬ 
tion may we consider further the behavior of the group V hydrides and 
their derivatives. 

It is common knowledge that the proton affinity of these hydrides de¬ 
creases regularly with increasing atomic weight of the central element. 
When we reach phosphine the capacity of forming a base with water has 
practically disappeared and later the capacity of salt formation vanishes. 
A similar trend is evident in the alkyl and aryl derivatives. 

Now, if we examine the tendency to auto-oxidize we find precisely the 
opposite trend, ammonia and the amines being the least susceptible to molec¬ 
ular oxygen and the activity toward oxygen increasing as we pass down 
the group. Trimethylstibine catches fire in air at ordinary temperature, 
while trimethylamine is relatively difficult to oxidize. 

Furthermore, to make the argument more conclusive, the proton affinity 
of nitrogen increases regularly as the hydrogen atoms in ammonia are re¬ 
placed successively by alkyl groups, as evidenced by the increasing strength 
of the corresponding bases. On the other hand, replacement by aryl groups 
is paralleled by a decrease in proton affinity. 

Once more we find that the tendency to auto-oxidize is exactly opposite 
in trend, as the aryl amines are very sensitive and the alkyl amines rela¬ 
tively indifferent to oxsrgen at ordinary temperatures. The inevitable 
conclusion is that the auto-oxidation of the group Y hydrides is not related 
to their proton affinity. It seems logical to conclude further that proton 
affinity is not related to unsaturation, because decreasing unsaturation 
ought to involve a decrease in the tendency to auto-oxidize. It will be 
evident that such arguments as those above might be mctended to include 
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other compounds which form -onium salts. These would include alcohols, 
ethers and aldehydes, and their sulfur analogues—in brief, the majority of 
the compounds used to illustrate the applicability of the dative peroxide 
theory. 

It has just been pointed out that the tendency of the hydrides of group V 
to auto-oxidize is not related to proton affinity or to unsaturation. It is 
very obviously parallel to the thermal stability of the X—H bond and the 
writer feels justified in adhering to the viewpoint expressed earlier, that 
the point of attack in these hydrides and their organic derivatives is a 
vibrationally activated X—H or X—C bond. The hydrides of groups VI 
and VII are considered similarly, as are also those of group IV. 

IONIZATION POTENTIAL AND AUTO-OXIDATION 

In the preceding article by Milas it is pointed out that there exists a 
parallelism between the ionization potentials of the hydrides of groups V, 
VI, and VII and their tendency to auto-oxidize. This is compared to a 
similar parallelism in the alkali and alkaline earth metals. 


TABLE 1 

Ionization potentials 


ELKMliNTS 

IONIZATION POTENTIAL* 

HYDRIDES 

IONIZATION POTENTIAL* 


volts 


volts 

CI 2 

13 2 

HCl 

13 8 

Bra 

12.8 

HBr 

13.2 

I 2 

10 0 

HI 

12 8 


♦ From Landolt-Bornstein Tabellen E. 384. 


In the latter case the parallelism unquestionably involves a relationship, 
as the peroxides of the active metals are salts and their formation, there¬ 
fore, involves an actual transfer of electrons. In the former case, however, 
there seems every indication that this is not so. The electron affinity is 
undoubtedly smaller for molecular than for atomic oxygen, which, as Milas 
has pointed out, has been estimated at 4.6 volts (10). Therefore if we con¬ 
sider, for example, the oxidation of anunonia, with an ionization potential of 
11.1 volts, the activation energy necessary to accomplish the transfer of two 
electrons to the oxygen molecule could hardly be less than 7 volts. As 
this is an impossibly high value, the natural inference is that the reaction 
proceeds by some other mechanism, involving an activation energy more 
in accord with experience. 

If it were justifiable to assume with Milas that auto-oxidation proceeds 
invariably tlurough donation of a pair of electrons to the oxygen molecule 
and if, as is implied in the foregoing paper, the ease of this donation is de¬ 
termined by the ionization potential of the donor molecule, one would 
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expect, for example, that the halc^ens in molecular form would be more 
readily auto-oxidized than their corresponding hydrides. The ionization 
potentials in question appear in table 1. It might further be expected 
that xenon, with an ionization potential of 11.5 volts, would be more 
readily auto-oxidized than any of the halogen hydrides. 

POLAR STRUCTURE AND AUTO-OXIDATION 

The application of the dative peroxide theory requires the assumption of 
polar structures for ethylene and its derivatives and for the oxygen mole¬ 
cule, to which the writer has objected (16). In this case it is unnecessary 
to argue the fundamental question of the possibility of such structures, but 
merely to consider the application employed by Milas. In the preceding 
paper it is concluded that, in the activation of ethylene, prior to oxidation, 
“the double bond is probably broken, with subsequent displacement of 
the electrons to form the polar double bond.” May we now outUne the 
conditions specified by the dative peroxide theory as necessary for the auto¬ 
oxidation of ethylene: (1) activation energy must be supplied; (2) the 
activated molecule must assume the unsymmetrical electronic structure; 
(3) the polar molecule will react only with a polar molecule of oxygen. 

With respect to condition 2, our general knowledge of the reluctance of 
carbon to participate in the electrovalent type of linkage seems to preclude 
any possibiUty of a definite state with any permanence having the extreme 
separation of charges of the polar molecule (4). It is to be admitted, of 
course, that there will be a certain small probability of such an electronic 
configuration being found instantaneously, but there seems no possible 
reason for such an arrangement having any stability. Therefore, only a 
very small fraction of the already activated molecules of ethylene would be 
instantaneously in a position to react with oxygen. This fact alone ought 
to be sufficient to cast some doubt on the validity of condition 2, but when 
there is further superimposed the restriction that only the polar form of 
oxygen can react with the very small fraction of activated ethylene mole¬ 
cules which happen to be in the polar configuration, the writer feels that 
this interpretation reduces itself to an absurdity. The absence of electric 
moment in oxygen, of course, limits the maximum possible concentration 
of polar molecules to a very small one. 

ACTIVATION IN LOW-TEMPERATURE THERMAL REACTIONS 

It has been pointed out by the writer (17) and elaborated upon by Milas 
(8) that thermal and photochemical auto-oxidations proceed through the 
same initial stage. It is reasonable, therefore, to assume that a Himiln.r 
energy of activation is required in each case. In low temperature dark 
reactions there is no apparent source of energy for electronic activation; 
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therefore the writer concluded that, as vibrational activation alone was 
possible in such cases, it must also account for photochemical oxidations. 
Milas attempts to discredit this viewpoint by pointing out the fact that 
the heat of oxidation, which may be transferred during the propagation of 
chains, is more than sufficient to supply energy of activation. This is 
quite true but irrelevant, as this author has apparently failed to realize 
that chains cannot be propagated before they are initiated. It is the initia¬ 
tion of chains that is the problem in thermal reactions. In the case of 
benzaldehyde, if we accept for the moment Milas^ inference that its energy 
of activation is 75 kg-cal. and if w'e rely upon the Maxwell-Boltzmann 
distribution of energy for the initiation of chains, we find, at room tempera¬ 
ture, approximately 1 molecule in l(P moles with the necessary energy. 
Actually, however, the situation may not be as bad as this, in view of the 
fact that there is some evidence (2, 3,11,18) indicating that chains may be 
initiated at the walls. Even if this is invariably true, it is difficult to con¬ 
ceive of a surface activation involving electronic excitation, although some¬ 
thing akin to vibrational “stretching” is not difficult to picture. Now, if 
chains can be initiated without the intervention of electronic excitation, 
they ought to be capable of propagation through the agency of bonds which 
possess only vibrational energy. The writer, of course, does not intend to 
fly in the face of all the evidence against the so-called radiation hypothesis 
by assuming that infra-red radiation ought to be effective in such reactions. 
The decomposition of hydrogen peroxide, cited by Milas (7), is simply one 
of many cases in which radiation corresponding to, or in excess of, the 
known energy of activation is ineffective. It would be out of place to 
introduce here a discussion of this apparent anomaly. 

In the above arguments the writer has attempted to confine himself to 
essentials in the conflict between his own viewpoint and that of the dative 
peroxide theory, A detailed discussion of all the minor points brought 
forward in the preceding paper would require an unjustifiably large amount 
of space; therefore such points must be left to the judgment of the reader. 
In conclusion, however, it seems desirable to expand slightly and, in one 
instance, to modify the viewpoint expressed earlier in the paper on “The 
Initial Act in Auto-oxidation” (14). 

ADDITION OF OXYGEN TO A SINGLE BOND 

The writer's interpretation of the auto-oxidation of the group V hydrides 
and their alkyl derivatives and of ethers, aldehydes, saturated hydrocar¬ 
bons, etc., in which oxygen is represented as adding to a single bond, appar¬ 
ently does violence to the traditions of organic chemistry. According to 
these traditions addition reactions are characteristic of unsaturation, ex¬ 
hibited by multiple bonds or unpaired valence electrons. In order to 
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reconcile this appwent conflict an analogy will be helpful. If we consider 
the action of, say, chlorine upon a saturated hydrocarbon, 

H H 

R:C;H + :ci:ci: -♦ R:C:C1: + ;C1:H 
H ii 

the sharing of pairs of electrons between chlorine and carbon and hydrogen, 
respectively, necessarily involves splitting of the chlorine molecule. In the 
parallel reaction of molecular oxygen, however, the two odd electrons of the 
latter may be shared without separation of the oxygen atoms. 

H H 

R:C:H + :6;6: ^ R;C:6:6:H 
H " " ii ” " 

From the same point of view the action of oxygen on an aldehyde may be 
compared to the corresponding action of chlorine, which yields acid chlo¬ 
rides 


: 0 : : 0 : 

R:C;H + :ci:ci: -* R:C:ci: + :ci:H 


and 


R;C;H + :6:6; R:C:b:0:H 

In the case of ethers the writer originally proposed the insertion of an 
oxygen molecule between the ether oxygen and one of the alkyl groups (17), 
but it now seems more probable that a C—H bond alpha to the oxygen 
is the point of attack. 


H H 

R:C:b;Ri + :6:6: R:C:b:R, 

H. :b:" 

:b: 

H 

The reason for this modification is based upon the known predilection of 
oxygen for the a carbon atom (13), which is parallel to the behavior of 
halc^ens (12). Chlorination of ethyl ether is known to produce the com- 
poimd CHjCHClOCHjCHs as the primary product. In this latter case. 
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as well as in the case of saturated hydrocarbons, cognizance is taken of the 
fact that thermal stability and reactivity toward a given reagent are not 
necessarily reciprocals of each other. If they were, we should expect 
halogenation of hydrocarbons to rupture a C—C linkage in preference to 
C—^H, owing to the lower energy of the former bond. Similarly, ethers 
would be expected to split adjacent to the ether oxygen on halogenation. 

To consider, finally, the hydrides of group V and their derivatives, it is 
known that chlorination of NH 3 yields NCI3. Phosphine yields PCU, 
which probably is the inevitable addition product of chlorine with the 
primary PCI3. Furthermore, there is evidence that intermediate com¬ 
pounds of the general formulas XH 2 CI and XHCI 2 are formed in the chlo¬ 
rination of NHa, PH3, and AsHa (19). These substitutions by chlorine 
may then be regarded as strictly comparable to those of the hydrocarbons. 
Now, if we carry further our analogy between chlorine and oxygen we 
should represent the first stage in the oxidation of, say, phosphine as 
follows: 


H H 

H:P:H + :6:6: H:P:6:6:H 


In this instance we have no evidence of such an intermediate, but in the 
case of triethylphosphine, as has been pointed out before, the formation of 
a diethyl phosphinic ester is strongly suggestive of the isomeric antecedent, 

R 

R:*P:6:6:R 

It will be seen from the above considerations that the reactions of molec¬ 
ular oxygen may be placed in two categories, comparable to the addition 
and substitution reactions of the halogens. In both cases, however, the 
result is addition of oxygen; therefore unsaturation is not a necessary 
condition for such additions. On the contrary, the majority of additions 
of oxygen must be thought of as totally unrelated to unsaturation in the 
molecule to which the oxygen adds. 
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ON THE RELATIONSHIP OF THE DISPERSION OF GOLD SOL TO 
THE INTENSITY OF REDUCTION AS INFLUENCED BY pH, 
AND A ONE-WAY EFFECT PRODUCED IN GOLD CHLORIDE 
BY CHANGES OF pH THROUGH CERTAIN RANGES 
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That the production of gold sol is a procedure fraught with much uncer¬ 
tainty is admitted both by clinical pathologists, who are faced with the 
problem of production of colloidal gold for the Lange test, and by colloidal 
chemists. In a review of the many methods advanced for making gold 
sol, in which a great diversity of minutiae both as to technic and formulas 
are stressed, it was difficult to extract any generalizations that might lead 
to control of the process. The frequent inability of one laboratory to 
repeat the happy results of another would seem to indicate that we are 
lacking in knowledge of fundamental factors. 

The following work is an attempt to uncover such fundamental factors. 
The work has been divided into four parts: (1) the study of the reducing 
agent with a constant amount of alkali; (2) and (3) the effect of variation 
in the amount of alkali upon reduction with the two agents commonly used 
by clinical pathologists, formalin and potassium oxalate; and (4) the study 
of an effect upon the reducibility of gold chloride immediately following 
alkalization, which I found at ranges below neutrality. 

I. THE EFFECT OF VARIATION IN THE AMOUNT OF REDUCING AGENT UPON 
THE COLOR OF THE SOL, RATE OF REDUCTION, AND TEMPERATURE 

OF REDUCTION 

Technic 

In the work recorded in connection with this point, as well as in that 
subsequently given in this paper, a 0.01 per cent solution of chloroauric 
acid (HAuCl4'4H20), was reduced in J^rex Erlenmeyer flasks. The 
stock solutions from which this dilution was obtained were made by dis¬ 
solving a 1-g. ampule, as delivered by the manufacturer, in 100 cc. of dis¬ 
tilled water, and this was assumed to be a 1 per cent solution. The second¬ 
ary sodium phosphate used was ‘^Baker's Analyzed^^ (Na 2 HP 04 - 12 H 20 ), 
As the work has been carried on over a considerable length of time, the 
distilled water was not uniform throughout. Earlier in the work artesian 
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well water, once distilled in a continuous block tin still, was used. Later, 
the water used was from the city mains, twice distilled from glass. Still 
later, the water was from a triple still run by steam, twice distilled from 
glass with permanganate (1). Under the optimum conditions each gave 
gold which rated as clear orange gold. Water which would not give this 
result was discarded. The water is undoubtedly one factor in the clarity 
of the sol and the criterion of a “clear orange sol” is not an absolute one. 
Many of the “clear orange sols” would probably not have matched one 
another by reflected light. The relative results, however, have been 
consistent. 

In stud 3 dng the effect of variation in the amount of redu6ing agent upon 
the color of the sol, the three reducing agents, formalin, potassium oxalate, 
and glucose, were used. The last reducing agent was included because it 

TABLE 1 


Efect of variation in the amount of reducing agent used upon the color of colloidal gold 


POTABSIUM OKALATB 

GLUCOSE 

FORMALIN 

1 per 

Color 

4 per 

Color 

1 per 

Color 

cent 


cent 


cent 


cc. 


IX 


cc. 


0.50 

Purple 

0 0 

Purple 

0 05 

Colorless 

0.65 

Orange 

0 15 

Orange B 

0.1 

Blue-red 

1.0 

Orange 

0.2 

Orange 

0.2 

Blue-red 

2 0 

Orange 

0 6 

Orange 

0 3 

Orange B 

3.0 

Orange B 

1.0 

Orange 

0 4 

Orange 

4.0 

Blue-red 

3 0 

Orange B 

5 0 

Brownish, blue-red 



5 0 

Blue-red 





7.0 

Turbid blue-red 




is reputed to give gold of an entirely different color from the others (6). 
The reducing agents were neutral and the amount of alkali used in each 
series was constant, but was not necessarily the same in different series. 
In the work recorded in table 1 the gold chloride was added to the boiling 
oxalate and alkali mixture; the formalin was added to the boiling gold 
chloride and alkali mixture; and in the series made with glucose, all re¬ 
agents were mixed and then heated to boiling. With appropriate adjust¬ 
ment of the alkali content, however, the order in which the reagents are 
mixed can be varied. The series run with potassium oxalate •contained 
0.018 per cent of hydrated secondary sodium phosphate, that run with 
formalin contained 0.3 per cent, and that with glucose 0.08 per cent of 
phosphate. Colors of the gold sol were recorded as: blue, purple, blue-red, 
orange-blue (orange with a tinge of blue, especially noticeable at the angles 
of the flask, abbreviated to orange B), and orange. The orange-blue is 
darker than orange and might perhaps be called cardinal. The several 
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series given in table 2 were not run simultaneously, but are a collection that 
have the common quality of 0.0375 per cent crystallized secondary sodium 
phosphate. The colors recorded are the result of comparison within the 
individual series. As a rule, the same run of distilled water was used in a 
series. The results recorded in table 3 were obtained by mixing the re¬ 
agents and heating them simultaneously in a water bath. 


TABLE 2 

Showing that with a given degree of alkalinity there is an optimum range in the amount 
of reducing agent which will produce orange colloidal gold with regularity 


OXALATE, 1 

1 PER CENT 

TRIAL 

1 

2 

3 

4 

h 

CC. 

0.50 

Lavender 

Blue 

Blue 

__ 

. 

1 00 

Purple 

Purple 

Purple 

Blue-red 

— 

1 25 

Blue-red 

Blue-red 

Blue-red 

Blue-red 

—- 

1 50 

Blue-red 

Blue-red 


— 

— 

1 75 

Orange 

Blue-red 


— 


2 00 

Orange 

Blue-red 

Orange B 

Orange B 

— 

2.50 

Orange 

Orange 

Orange 

Orange 

Orange 

3 00 

Orange 

Orange 

Orange 

Orange 

Orange 

4 00 

Orange 

Orange 

Orange B 

Orange 

Orange B 

5 00 

Purple 

Orange B 

Orange B 

Orange 

Orange B 


TABLE 3 


Temperature of formation of colloidal gold in relation to amount of reducing agent present 


GLUCOSE 

PHOSPHATE 

GOLD CHLORIDE 

TEMPERATURE 

per cent 

per cent 

per cent 

degrees C, 

0.28 

0.075 

0.01 

60 to 68 

0.12 

0.075 

0.01 

70 to 71 

0.04 

0 075 

0 01 

78 to 81 

0.016 

0.075 

0 01 

78 to 96 

0.008 

0.075 

0.01 

09 to 100 


Results 

It was found that at a suitable degree of alkalinity, if the quantity used 
of each of the three reducing agents is increased from an amount insufficient 
to r^uce the gold chloride completely, a scale of colors in the gold sol may 
be obtained ranging through pale lavender, dark blue, purple, blue-red 
(due to incomplete reduction), to clear orange free from blue. With still 
further increase in the amount of reducing agent, the gold sol tends to be 
blue-red and finally, turbid. With respect to formalin this finding was 
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early reported by Zsigmondy (16) and was recently repeated by Iwase (8). 
The line of demarcation between the amount of reducing agent necessary 
to produce clear orange sol and that which will only produce a blue-red is, 
for a given degree of alkalinity, well defined. The color at this limit may, 
however, come slowly, and repeated reheating of the medium may be 
required. A rather wide range exists over which orange gold sol is pro¬ 
duced (table 1). From the work recorded in the tables and many other 
series not recorded, the generalization may be made that, contrary to the 
prevailing idea that the color of the sol is intrinsic to the reducing agent, 
each of the reducing agents may be made to produce the same quality of 
gold when appropriately handled. With each clear orange gold sols could 
be made, which showed less differences in color and clarity, one from 
another, than were produced by variation in the amount used of any one 
reducing agent. 

It was found that orange gold sol was most consistently produced when 
the amount of reducing agent approaches the minimum necessary for 
reduction (table 2). 

These results were, on the whole, obtained with the use of secondary 
sodium phosphate as the reducing agent, which, because of its buffer value, 
gave more easily controlled results. Enough work was done with the 
substitution of sodium hydroxide and potassium carbonate, the two alka¬ 
lizing substances heretofore used in making colloidal gold, to see that the 
relationship between the color of the gold sol produced and the amount of 
reducing agent used was independent of the alkalizing reagent. 

With increase in the amount of reducing agent, the speed with which a 
clear orange was obtained increased and the temperature at which it could 
be obtained decreased (table 3). 

II. THE RELATION OF ALKALINITY TO THE PRODUCTION OF GOLD SOL WITH 

FORMALIN 

Euler and Lovgren (7) found that the velocity constant of the reaction 
2HCHO->HCOOH at 50°C. varies from 0.001 to 0.0920 through a range of 
pH 11.20 to 12.97. It would seem probable that the successful production 
of colloidal gold from gold chloride would be influenced by the effect of 
hydrogen-ion concentration upon the oxidation potential of formalin. A 
tabulation, incidentally introduced in an article by Wright and Kermack 
(14), shows that with a variation in the amount of formalin and potassium 
carbonate used in making colloidal gold, there was a central optimum 
area, as does a paper by another author who also does not relate his findings 
to pH. A comparison of the amounts of formalin and alkali recommended 
in some of the standard formulas for making colloidal gold (table 4), in 
which definite amounts of both reagents are stipulated, would not, how¬ 
ever, suggest any definable relationship. Since it would appear from the 
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preceding data that clear orange gold sol is obtained with the greatest 
regularity when the amount of reducing agent used is near to the least 
amount necessary for complete reduction of the gold chloride, a recognition 
of the relationship between the activity of the reducing agent and the degree 
of alkalinity of the medium in which reduction takes place would seem to 
be desirable. Following is a study of the effect of variations in the amount 
of alkali present upon reduction of chloroauric acid to colloidal gold by 
formalin using sodium hydroxide, potassium carbonate, and secondary 
sodium phosphate. The three alkalies were chosen in the hope that their 
use might shed some light upon the mechanism of the reaction, since one had 
no buffer value and the other two exerted their buffer effect in different 
ranges. 


TABLE 4 

Comparison of the relative amounts of formalin and potassium carbonate used in 
standard methods for making colloidal gold 
Using 10 cc. of 1 per cent chloroauric acid in 1000 cc. of water 


1 PER CENT KjCOl 

1 PER CENT 1 

tORMALIN 

i 

TEMPERATURE OP 
REDUCTION 

AUTHOR 

CC 

CC. 

degrees (’. 1 


14 to 16 

10 

90 to 95 

Lange 

14 

5 

90 

Levinson 

14 

10 


Wright and Kermack 

16 

6 

100 

Coc krill 

20 

2.25 

92 to 95 

Stitt 

20 

10 

75 

Breuer 


Technic 

The pH determinations were made with indicators according to Clark 
except that double strengths of the dyes were used to avoid the masking 
effect of the color of the colloidal gold. The standard buffer solutions were 
obtained through the courtesy of Dr. Clark’s laboratory. These were in 
intervals of 0.2. The readings were approximated to 0.1 by interpolation. 
All determinations of pH of gold chloride solutions were made at an in¬ 
terval of more than five minutes after the addition of the alkali. Samples 
of 50 or 100 cc. of the gold chloride solution with the alkali to be tested 
were brought to boiling, upon which the formalin was added with mixing 
by agitation. Where sodium hydroxide and secondary sodium phosphate 
were used, the differences between the pH of the mixtures of gold chloride 
and alkali at 100®C. and at room temperature were negligible. When 
potassium carbonate was used, however, the differences were considerable, 
owing to loss of carbon dioxide. Where more than a relative accuracy was 
desirable, as in the work recorded in table 8, the pH of the alkalized gold 
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chloride solution was taken at boiling point. Since in the course of time, 
from twenty minutes to eighteen hours, gold chloride will change to orange 
sol with a smaller amount of formalin than is necessary to reduce it in a 
few minutes, a limit of five minutes was placed upon the time of reduction, 
in order to facilitate the work. In the more accurate work with secondary 
sodium phosphate, recorded in tables 7 and 8, the time interval was set 
between 4J and 5 minutes. At each degree of alkalinity of the gold chlo¬ 
ride chosen, trials were made with increasing amounts of reducing agent 
until a clear orange was obtained within the required tune limit. This 
often involved a long series of determinations, especially at points of alka¬ 
linity at which the activity of the reducing agent was low. Only the great¬ 
est amount of reducing agent that did not produce orange sol, and the least 
amount tried that would produce it in the given time, are recorded, except 
in the case of data given in table 5. Other series than the ones given were 
run. 

The amount of alkali used and the minimum amount of formalin required 

Potassium carbonaie. A series using potassium carbonate as the alkali is 
given in table 5. 

It will be noted, first, that successful gold was not made by this method 
with 10 cc. of 1 per cent carbonate solution to 1000 cc. of 0.01 per cent 
chloroauric acid, which gave an initial pH of 6.0 to 6.2, nor with 20 cc., 
which gave, initially, a pH of 9.0. Secondly, that with 11,12, and 15 cc. 
of carbonate, which with the gold chloride gave before boiling pH 6.8 to 
8.4 and with which successful gold was produced, there was the same tend¬ 
ency, brought out in the first article in this series, to produce bluish-orange, 
purple, and turbid golds, as the optimum amount of reducing agent was 
exceeded. Thirdly, it will be noted that, as the amount of alkali was in¬ 
creased, the amount of formalin necessary to produce reduction in approxi¬ 
mately five minutes decreased as follows; 11 cc. of 1 per cent carbonate 
to 7 cc. of 1 per cent formalin solution; 12 cc. of 1 per cent carbonate to 

4 cc. of 1 per cent formalin solution; 15 cc. of carbonate to 2 cc. of 1 per 
cent formalin solution. 

In comparing these results with the relative amounts of formalin and 
carbonate called for in the standard methods given in table 4 (3, 5, 9, 10, 
11,14), it is evident that considerably more formalin is stipulated m these 
than proved to be optimum in the above series. In the formulas which 
called for from 14 to 16 cc. of carbonate, the range of formalin added is 5 
to 10 cc., whereas, with 15 cc. of carbonate, the optimum as given in table 

5 would seem to be 2 to 2.4,4 cc. being apparently more than the optimum 
as it gave a blue-orange. Of course, the temperature at which the r^ucing 
agent was added is lower in two of these formulas, being 90° to 95°C., which, 
as has been previously indicated, would require a greater amount of reduc- 
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ing agent. With 20 cc. of carbonate solution, which in the above series 
was unsatisfactory, Stitt (11) and Breuer (3) both succeeded in making 
colloidal gold. By Breuer's method the gold chloride is added to the car¬ 
bonate at 75®C. immediately before reduction with formalin, and in the 
method given by Stitt, the gold and carbonate are added at OO^C. and are 

TABLE 5 

Effect of variation of potassium carbonate on amount of formalin necessary to produce 
colloidal gold within approximately five minutes 


To 1000 cc. of 0.01 per cent chloroauric acid 


1 PXB CENT 

pH AFTER 

1 PER CENT 


KiCOl 

A DOING 
CARBONATE 

FORMALIN 

QUALITY OP GOLD 

CC. 


CC 




20 

Purple 

10 

6.0-^.2 ^ 

40 

Blue-red 

60 

Blue-red 



100 

Turbid purple 



6 

Orange in 6 minutes 



7 

Orange in 7 minutes 

11 

6.8 

8 

Orange in 2 minutes 



11 

Orange in 2 minutes 



20 

Blue-red 



3 

Did not turn in 5 minutes 



4 

Orange in 5i minutes 

12 

6.8 

5 

Orange in 4 minutes 

6 

Blue-red 



8 

Orange in 3 minutes 



10 

Blue-red 


[ 

2 

Orange in 5} minutes 

15 

8.4 

2.4 

Orange in 4 minutes 


i 

4 

Orange, slightly blue 


f 

1 

Purple-red 

20 

9.0 1 

1.4 

Purple-red 

3 

Blue-red 


t 

4 

Blue-red 


then brought up to 92® to 96®C., when the formalin is added. A decreased 
activity of the formalin at the lower temperatures used by Breuer and Stitt 
may account for their success in making colloidal gold with the larger 
amount of potassium carbonate. 

Sodium hydroxide. As sodium hydroxide is an alkaline substance of 
great strength and no buffer value, it is somewhat difficult to handle in such 
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a series of reductions as the foregoing. Such series run mth sodium hy¬ 
droxide as the alkal izing agent showed a decrease in amount of formalin 
with an increase in the amount of hydroxide added. Owing, however, to 
the rapid increase in alkalinity caused by addition of sodium hydroxide, 
the range of amount of sodium hydroxide taken, through which colloidal 

TABLE 6 

Effect of variation in the amount of sodium hydroxide solution upon the activity of 
formalin in the reduction of chloroauric acid to colloidal gold within five 

minutes 

To 1000 cc. of 0.01 per cent chloroauric acid 


iSr/lO NaOH 

INITIAL 

pH 

COLLOIDAL 
GOLD pH 

1 PER CENT 
FORMALIN 

TIME 

cc. 



CC. 


14 

8.2 to 8.4 

6.6 

1.4 

Orange in 3i minutes 

13.5 

7.0 

‘ 

1 4 

Did not turn in 5 minutes 

12.6 

7.0 to 6.8 

5 6 to 5.4 

4.0 

Orange in 2 minutes 

12,0 

6.4 


1 4 0 

Did not turn in 5 minutes 


TABLE 7 

Showing variation in the amount of formalin required to produce colloidal gold in 
approximately five minutes at varying degrees of alkalinity produced by 
secondary sodium phosphate 
To 1000 cc. of 0.01 per cent chloroauric acid 


1 PER CENT 

NatHP04 12HsO 

INITIAL pH 

FIN.4L pH 

AMOUNT OF 1 PER CENT FORMALIN 
ADDED 

Did not give gold 
in 41 min. 

Gave gold sol in 

5 minutes 

cc 



cc. 

cc. 

300 

8.2 

8.2 

1.5 

1.6 

160 

7.6 

7.2 

1.8 

2 0 

120 

7.3 

7.0 

2 4 

2.5 

80 

7 0 

6 8 

5 0 

5.6 

70 

7.0 

5 4 

5.0 

5.5 

60 

6.9 

5.4 to 4 8 

7.0 

8.0 

50 

6.8 

5.4 to 4 8 

10.0 

11.0 


gold could be made, was narrow. In the following, two amounts of forma¬ 
lin were used and the amounts of sodium hydroxide, necessary to add 
before reduction took place within five minutes, were determined with the 
initial and final pH. Results are given in table 6. 

Secondary sodium phosphate. By the use of secondary sodium phosphate, 
two of the diflSiculties which were met with the foregoing reagents were 
avoided; a considerable buffer value was introduced, which was not given 
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by sodium hydroxide, and the apparent irregularities in result due to the 
loss of carbon dioxide from the carbonate radical were obviated. The re¬ 
sults, given in table 7, again indicate an inverse relationship between the 
amount of alkali taken and the amount of formalin necessary for reduction 
of gold chloride to colloidal gold. 

Relation between hydrogen4on concentration and the activity of formalin in the 
reduction of gold chloride to colloidal gold 

The foregoing data would seem to indicate clearly that with an increase 
in the amount of alkali used there is a decrease in the amount of formalin 



Fio. 1. The Amount of Formalin Producino Colloidal Gold in Five Minutes 

Related to pH 

necessary to reduce the given solution of chloroauric acid to colloidal gold. 
It would seem to be a matter of interest to determine whether this increased 
efficiency is due to what Clark (4) calls the “quantity factor” of the alkali, 
or to the “intensity factor.” In other words, is the hydrogen-ion concen¬ 
tration at some stage of the reaction the determining factor? When the 
results given in table 7 are plotted with respect to the initial and final pH 
and the amount of formalin used to effect reduction in five minutes (figure 
1), the curve obtained for the initial pH is, within the errors of the technic 
used, a smooth one, while the graph for the final pH is irregular with re- 
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spect to the amounts of formalin required. This suggestion, that the 
effective factor is the hydrogen-ion concentration at or near the beginning 
of the reaction, is supported when the curves obtained with secondary 
sodiiun phosphate are plotted in conjunction with the data obtained by the 
use of potassium carbonate and sodium hydroxide, an alkali with no buffer 
value, as is done in figure 2. To this graph were also added all other values 
obtained in which an approximate 5-minute period and 100°C. temperature 
was used, and in which the initial and final pH are determined. No high 
degree of accuracy is claimed for this comparison, as the determinations 



Fio. 2. Tbb Auocnt of Fobualin Prooucinq Colloidal Cold Related Rebfec- 
TIVELT TO (I) THE INITIAL AND FiNAL pH PbODDCED BT SECONDARY SODIVU PhOS- 
FBATB, Sodium Htdroxide, and Sodium Carbonate, and (II) the Amount of 
Aleali Used in Terms of “Normal” Value 

were made at wide intervals of time with unidentical solutions and the pH 
determinations in the case of the graph representing the results with po¬ 
tassium carbonate carry the inaccuracy due to loss of carbon dioxide. 
The points of the initial pH, however, do not fall more than pH 0.2 from 
their mean curve, except in one instance in which potasraum carbonate was 
used. The points of final pH are widely scattered. If, on the other hand, 
the “normal” value of the three alkalies used is substituted for the pH 
value, curves are obtained which are independent of one another, but are 
situated parallel and related according to tlw strength of the alkali (figure 2). 
To check these results further, an attempt was made to find the minimum 
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amount of each of the following three alkalies—sodium hydroxide, potas¬ 
sium carbonate, and secondary sodium phosphate—which would give 
orange sol with 0.14 cc., 0.3 cc., and 1.8 cc. of 1 per cent formalin to 100 
cc. of gold chloride solution. With the given amount of formalin, the 
amount of alkali added to the gold chloride solution was increased until a 
clear orange sol was obtained in approximately five minutes. The pH of 
the gold chloride was determined at boiling point immediately before addi- 


TABLB 8 

Relationthip of initial and final pH and combining vahte of alkali used to amount of 
formalin causing reduction in 100 cc. of 0.01 per cent chloroauric acid 


AMOUNT 
OF 1 PKR 
CSNT 

FORMALIN 

N/\0 ALKALI 

INITIAL 

pH 

FINAL 

pH 

TIME OF REDUCTION AND QUALITY 
OF GOLD 

CC. 


cc. 




0.14 

NaOH 

1 40 

8 4 to 8 2 

6 6 

Orange gold in 3} minutes 



1 35 

7.0 


No reduction in 5 minutes 

0.14 

NajHPO, 

11 2 

8 1 to 8 2 

8.1 i 

Orange gold in 6 minutes 



8.4 

8 0 1 


Orange gold in 7 minutes 

0.3 1 

NaOH 

1.36 

7 0 to 7.3 

4 6 to 4.8 

Orange 



1.32 

6 4 


Lavender 

0.3 

K2CO, 

1 74 


6.8 

Orange 



1.6 

6.6 


Blue-red 

0.3 

Na2HP04 

1 95 

6 8 

6.4 

Orange 



1.67 

6.6 


Did not turn 

1.0 

NaOH 

1.39 

6 7 

5 2- 

Orange 



1.38 

6 4 


Blue-red 

1.0 

KsCOa 

1.44 

6.8 

5 2- 

Orange 



1 28 

6.4 


Blue-red 

1.0 

Na2HP04 

1.40 

6 4 

5.2~ 

Orange 



1.28 

6 2 


Did not turn 


tion of the reducing agent. As NaH 8 P 04 gives a pH below the range dealt 
with in this series, it was held that the reaction NasHP 04 -+NaHjP 04 only 
need be considered. A molar solution of Na 2 HP 04 has therefore been 
rated as a normal solution. Each of the three series was run with the same 
gold chloride and formalin solutions, but different solutions may have been 
used for different series, so the three series are only strictly comparable 
within themselves (table 8). These data, when taken in conjunction with 
those previously given, would seem to indicate that hydrogen-ion concen- 
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tration is the factor which determines the amount of formalin necessary to 
produce colloidal gold from gold chloride, and that it is the hydrogen-ion 
concentration at or near the beginning of the reaction which is the 
determinant. 

in. RELATION OF ALKALINITY TO REDUCTION OF GOLD CHLORIDE TO 
COLLOIDAL GOLD BY OXALATE 

What data we have on the optimum relationship between the amounts 
of oxalate and the alkalinity of the medium is derived from standard for¬ 
mulas devised for preparing gold sol for clinical use. A comparison of these 
indicates no relationship. According to Bacon (2), the oxalate radical in¬ 
creases its ability to be oxidized under the influence of sunlight with in¬ 
crease in acidity. As reduction with oxalate proceeds, the medium, of 
course, decreases in acidity, owing to destruction of the oxalic acid radical. 


TABLE 0 

Variation in the amount of oxalate required to reduce gold chloride to colloidal gold with 
variation in amount of sodium hydroxide used 


JV/IO N»OH 

1 PSB CBKT 
POTASSIUM 
OXALATK 

INITIAL pH 

FINAL pH 

QUAUTT OP THX GOLD 

cc. 

CC. 




0.5 

0.6 

3 2 

— 

Blue-red 

0.5 

0.75 

3 2 

6 8 

Brilliant orange 

1.1 

1.75 

5 2 


Blue-red 

1.1 

2.0 

5.2 

7.0 

Brilliant orange 


As the circumstances of oxalate reduction are probably the opposite of those 
with formalin, it seemed probable that the results with oxalate reduction 
would be a mirror image of those already obtained with formalin, provided 
that the gradient obtained with formalin was due to increase in the oxida¬ 
tion-reduction potential of the formalin under increased pH. Since the 
increase in alkalinity of the medium during oxidation of the oxalate would 
tend to check reduction, we would, as with formalin, expect to find a re¬ 
lationship between the amount of oxalate necessary for reduction in unit 
time and the initial pH of the medium. If, however, the gradient was due 
to an effect of alkalinity upon the gold chloride, it would be conceivable 
that results with oxalate would be similar to those obtained with formalin. 

A short series run with sodium hydroxide and two with secondary 
sodium phosphate are given in tables 9, 10, 11. In the series given in 
table 10, the gold sol was made by adding the gold chloride to the boiling 
mixture of alkali and oxalate following the usual method. This necessitated 
determining the initial pH from a blank of the gold chloride and alkali. This 
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determination probably gave the pH at which reduction commenced, since 
with the amounts of reducing agent used there was no evidence of reduction 
until after the gold salt had been added and mixed. The method, how¬ 
ever, was considered unsatisfactory and in table 11 the oxalate was added 

TABLE 10 

Variation in the minimum amount of oxalate required to reduce 100 cc. of 0.01 per cent 
chloroauric acid to colloidal gold in approximately five minutes with variation in 
the amount of secondary sodium phosphate 
Gold added last 


1 PER CENT 
PHOSPHATE 

1 PER CENT OXALATE 

INITIAL pH 

FINAL pH 

CC. 

0 

Did not give a clear gold 

Less than 2.8 


0.5 

0 7 cc. or less, more than 0 6 cc. 

2.8 to 3.6 

4 0 

1 5 

0 75 cc. or less, more than 0 7 cc. 

2 8 to 3.6 

6 8 

2 0 

0 75 cc. or less, more than 0.7 cc. 

2 3 to 3-8 

6 8 

3.0 

10 cc. or less, more than 0.75 cc. 

5.6 

6 9 

4 0 

13 cc. or less, more than 10 cc. 

5 7 

7 1 

6 0 

2.0 cc. or less, more than 1.8 cc. 

6 8 

7.3 

8 0 

3 0 cc. or less, more than 2 75 cc. 

7 2 

7 8 

16 0 

Did not give a clear gold 

7 6 



TABLE 11 

Variation in the amount of oxalate required to reduce 100 cc. of 0.01 per cent chloroauric 
acid to colloidal gold in approximately five minutes with variation in the 
amount of secondary sodium phosphate 
Oxalate added last. (Series 3 in figure 3) 


1 PER CENT 
PHOSPHATE 

1 PER CENT OXALATE 

INITIAL pH 

FINAL pH 

CC, 

4.5 

1 5 cc. or less, more than 1 3 cc. 

6.6 

7.1 

5 0 

15 cc. or less, more than 1 3 cc. 

6 6 

7.2 

6 0 

2,0 cc. or less, more than 1 8 cc. 

6.7 

7 4 

8.0 

4.0 cc. or less, more than 3 8 cc. 

7.1 

7.5 

12.0 

5 3 cc. or less, more than 5 0 cc. 

7.3 

7.6 

14 0 

7 to 10 cc. gold purple, later changed to 
blue-red 




to the hot gold chloride and phosphate mixture. With this modification 
the production of colloidal gold could not be carried down nearly so far 
into the acid side. 

The first few series run indicated the relationship of an increase in effec¬ 
tiveness of the oxalate to produce gold sol with an increase in acidity of 
the medium. The expected relationship of the effective pH being some- 
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where near the beginning of the reaction, as was found to be the case with 
formalin, did not appear. Many series were run over a considerable length 
of time, during which fresh solutions had been made up with different 
batches of distilled water and with slight variations in technic, but appar¬ 
ently with discordant results. At last all series were plotted in terms of 
initial and final pH and the amount of oxalate which produced gold sol in 
5 minutes. The amount which would not produce reduction in 5 minutes 
is indicated by a line attached to the initial pH, which is indicated with the 
solid circles. This is given in figure 3. This charting indicates that, in- 



Fio. 3. Seven Sbbibs in Which the Oxalate Required for Reduction is Plotted 
Against the Initial and Final pH 

stead of the initial pH, it is the final pH that is the uniform factor up to 
pH 7.3, more or less. After this the final pH is scattered and the initial 
pH shows a fair degree of alignment. The two points which are distinctly 
out of alignment belong to a series in which the technic was such that reduc¬ 
tion began at a lower temperature and, therefore, form an exception. 

As was done with formalin, a unit of oxalate was taken in this region in 
which the final pH seemed to be the determining factor; 1 cc. of 1 per cent 
to each 100 cc. of chloroauric acid was used, and the amount of the three 
alkalies—sodium hydroxide, potassium carbonate, and disodium hydrogen 
phosphate—was varied, until orange gold sol formed in 4^ to 5 minutes. 
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With phosphate, four determinations were made in which orange gold sol 
was formed in the required time. The amount of phosphate varied as 
much as 20 per cent. The initial pH was, respectively, 5.5, 5.8, 6.2, and 
6.4. The final pH was in each instance pH 6.8 to 6.9. The mixtures which 
would not give orange gold in the required amount of time had a final pH 
of 7.0 or more. The results with sodium hydroxide and potassium car¬ 
bonate were scattered. I do not believe that any of these pH determina¬ 
tions with oxalate as the reducing agent can be repeated, except with 
phosphate, since a certain amount of buffer value is necessary to damp the 
effect of loss of carbon dioxide which is formed during the reaction, and 
the buffer value of potassium carbonate over this range is low. 

rv. A ONE-WAY EFFECT OF CHANGE OF HYDROGEN-ION CONCENTRATION 

UPON GOLD CHLORIDE 

The rale of change of color of gold chloride upon acidification and alkalization 

In the course of determining the pH of mixtures of gold chloride and 
secondary sodium phosphate, it was noted that there was a considerable 
•time interval before the change of color, which occurs as acid gold chloride 
is made more alkaline, was finally established. This color change was 
studied with relation to change in alkalinity and acidity as follows. 

If 2 cc. of normal hydrochloric acid are added to 100 cc. of approximately 
0,01 per cent chloroauric acid, there is a well-defined increase in the depth 
of the yellow color which in a colorimeter shows approximately a relation¬ 
ship of 2:3 between the depth of the columns of acidified and unacidified 
fluids. When, on the other hand, alkali is added, the yellow color disap¬ 
pears and, finally, with the further addition of alkali, it is replaced by a 
bluish tinge which in turn disappears with the addition of acid, and with 
further addition of acid the yellow color reappears. The change in color 
when the solution is made alkaline is not instantaneous. There is a definite 
time element involved which is greater than that which would be necessary 
for the complete mixing of the ingredients. This is not true of the reverse 
color change upon the addition of acid. 

To correlate the change of color and the pH, secondary sodium phosphate 
was added in var 3 ring amount to a 0.01 per cent solution of gold chloride. 
After 10 minutes, when the color change appeared to be established, a 
comparison was made of the resulting colors through a depth of three 
inches and the hydrogen-ion concentrations were read approximately with 
indicators. There was a gradual decrease in intensity of color with in¬ 
crease of pH from 3.4 to 6.4, The observer failed to discern any yellow 
at pH 6.6, although a faint trace was recorded for pH 6.4. When, how¬ 
ever, the solution of gold salt was made eight times as strong, there was an 
appreciable amount of yellow remaining at pH 7.4. The apparent dis¬ 
appearance of the yellow color at the lower pH in the more dilute solution 



442 


WnnTBBD ASHBT 


is probably real and due to a greater degree of hydrolyzation in the weaker 
solution under the influence of the same degree of alkalinity. 

To make a roi 4 ;h measurement of the time taken to establish the color 
change, a solution was used containing 8 cc. of 1 per cent gold chloride per 
100 cc. of water; to this secondary sodium phosphate was added, and the 
color was compared with a blank of the gold chloride solution to which no 
phosphate had been added. It was foimd that after 2 minutes the depth 
of color of the alkalized gold chloride was five-ninths of that of the blank, 
and after 3 minutes it was three-ninths of the blank. After 30 minutes 
there was no further change, indicating that a period between 2 and 3 
minutes is required for the establishment of the change of color with an 
0.08 per cent solution of gold chloride in the presence of insufficient alkali 
to change the color completely. This time element appeared to be of the 
same degree of magnitude for weaker solutions of gold chloride. 

Upon attempting to see how soon the pH was established with these 
comparatively slow color changes, it was found that, when bromothymol 
blue was added to 0.08 per cent chloroauric acid solution immediately after 
alkalization, the color of the indicator was promptly destroyed, whereas,^^ 
if a time interval of 5 minutes was allowed, the color of the indicator held 
for four hours or longer. As no color destruction was evident upon addi¬ 
tion of the indicator to the gold chloride solution before adding the alkali, 
this destruction of the color of the indicator would seem to be due to some 
increased activity of the gold chloride in the process of changing from the 
acid to the alkaline state. This phenomenon was elicited with 0.5 cc. of 
the usual 0.04 per cent water solution of bromothymol blue, used in pH 
colorimetric determinations, to 5 cc. of the 0.08 per cent gold chloride solu¬ 
tion, after the addition of enough phosphate solution to bring the reaction 
up to pH 6.8 to 7.4. It could also be demonstrated with the 0.01 per cent 
chloroauric acid solution, but it was necessary to use less indicator. The 
effect was masked by more than 0.1 cc. of indicator in 5 cc. of 0.01 per cent 
of gold chloride solution. Bromocresol purple, thymol blue, cresol red, 
and bromophenol blue were similarly destroyed, if added to the 0.08 per 
cent gold chloride solution immediately after alkalization. In the tubes 
in which the color was destroyed there gradually appeared faint pink or 
lavender coloration due to the formation of colloidal gold. 

This retarded change of color with a concomitant instability of the salt 
solution upon alkalization did not occur upon acidification. 

Effect of time interval after alkalization upon the formation of colloidal gold 

This transitory period of sensitiveness of the gold salt to reduction after 
alkalization, observed in an attempt to use indicators, was studied with 
potassium oxalate as the reducing agent. It was examined with reference 
to range of pH and time interval after alkalization. 
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To study the range of acidity through which this effect might be demon¬ 
strated, a series of mixtures of secondary sodium phosphate and 0.01 per 
cent **gold chloride^ ^ was made and the solutions were allowed to stand for 
more than three minutes before bringing to the boiling point. At the 
boiling point 1 cc. of 1 per cent potassium oxalate per 100 cc. of solution 
was added to each. A second series was made containing the same pro¬ 
portions of phosphate, oxalate, and gold chloride, but in order that reduc¬ 
tion might take place during this transitory effect of alkalization upon the 
gold chloride, the gold chloride was added last after the rest of the ingredi¬ 
ents had come to the boiling point. These results are tabulated in the 
first part of table 12. In the course of reduction of gold chloride by po- 


TABLE 12 

Effect of the lime interval after alkalization 
1. With varying amount of alkali 


Af/10 Na*HP04 

PINAL pH 

OXALATE ADDED LAST 

GOLD ADDED LAST 

1 2 cc. per 100 

6.8 

Clear orange 

Clear orange 

0.8 cc. per 100 

6.7 

Bluish red, slightly turbid 

Clear orange 

0.6 cc. per 100 

6.6 

Blue-red, turbid 

Precipitated 

Clear orange 

0.4 cc. per 100 

6.4 

Clear orange 


2. With variation of the time interval between addition of gold salt to alkali and 

reduction 


TIME INTERVAL 

QUALITY OP GOLD 

FINAL pH 

Gold added after oxalate 

Clear orange 

6.4 

Oxalate added 5 seconds after gold 

Clear orange 

6.4 

Oxalate added 16 seconds after gold 

Slightly turbid blue-red 

6.4 

Oxalate added 16 seconds after gold 

Blue-red, more turbid 

6.4 

Oxalate added 30 seconds after gold 

Turbid purple 

6 4 

Oxalate added 1 minute after gold 

Precipitated 

6.4 


tassium oxalate, the increase in alkalinity due to destruction of the oxalate 
radical also contributes to the alkalization of the unreduced gold chloride. 
The final pH, therefore, is the critical pH and it, rather than the initial pH, 
is given in the tabulation. In the series in which reduction took place, 
while, presumably, this transitory effect of the alkalization of the gold 
chloride held, a clear brilliant orange gold sol was produced. In the series 
in which there was a time interval allowed between alkalization and reduc¬ 
tion with potassium oxalate, a clear gold solution was obtained when the 
final pH reached 6.8; but, as the final pH decreased, solutions of greater 
turbidity were obtained. 

The effect of the time interval was next tested, using the least amount 
of phosphate in the preceding series, 0.4 cc. of ilf/10 per 100 cc., which. 
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when the oxalate was added to the gold salt already mixed with the phos¬ 
phate, gave a heavy precipitate. The phosphate and water were brought 
to boiling, the gold chloride was added, and at varying intervals after 
the addition of the gold salt, the oxalate was added. The results are given 
in the second part of table 12. After an interval of 1 minute between the 
addition of the gold chloride and the reducing agent, the gold was heavily 
precipitated; after an interval of 30 seconds there was marked turbidity; 
with an interval of 15 seconds the turbidity was much less; and when there 
was approximately only a 5-second interval, a perfectly clear orange gold 
equal to the control was obtained. 

These results cannot be attributed to inadequate mixing of the reagents, 
which might be a factor in causing the production of turbid gold, because 
the clear gold was produced after the shortest interval when the difficulties 
of adequate mixing were greatest. The production of the more turbid 
gold solution with the longer interval cannot be attributed to any effect of 
the alkali upon the gold chloride during the time that the mixture was kept 
at 100®C., as highly dispersed gold sol was produced under the same condi¬ 
tion at a higher degree of alkalinity. The production of highly dispersed 
gold sol by means of potassium oxalate, when the final pH is less than 6.8, 
seems to be definitely associated with reduction during a short time in¬ 
terval after the alkalization of the gold salt. 

In the series in which reduction took place after this time interval had 
elapsed, and in which turbid gold solution was formed, there was a distinct 
lag before any change of color indicating the beginning of reduction oc¬ 
curred, as compared with the series in which the reducing agent was added 
before or during this transitory effect following alkalization of the gold 
chloride and in which colloidal golds of high dispersion were obtained. 
An attempt was made to relate this effect to the surface of the container, 
but the results were negative. 

DISCUSSION AND SUMMARY 

By the introduction of the use of secondary sodium phosphate in place 
of sodium carbonate or sodium hydroxide, a greater degree of consistency 
has been developed in the production of gold sol by the methods of reduc¬ 
tion of gold chloride with potassium oxalate and formalin. This finding 
would seem to be due to the greater effectiveness of secondary sodium phos¬ 
phate in maintaining an optimum pH over the range through which these 
reducing agents fimction in the reduction of gold chloride to gold sol. 

With the use of the three reducing agents, potassium oxalate, formalin, 
and glucose, it was found that, at appropriate degrees of alkalinity, col¬ 
loidal orange golds of the same quality were produced, when the amount of 
reducing agent used did not greatly exceed the minimum amount required 
for reduction. With the use of an amount of reducing agent near to the 
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minimum, consistent results were obtained. As this amount was exceeded, 
the sol tended to become blue-red and turbid. The color and quality of the 
sol would seem to depend upon the attainment of a certain intensity of re¬ 
duction by the respective reducing agents and not upon the kind of reduc¬ 
ing agent used, which is contrary to the prevailing idea (12). 

By varying the amount of alkali and reducing agent it was found that 
the minimum amount of formalin that would give orange sol in approxi¬ 
mately five minutes at 100®C. varied from 1.5 units to 10.0 units through a 
range of initial pH of 8.2 to 6.8, following a curve suggesting that obtained 
by Euler and Lovgren for the reaction rate of oxidation of formalin. The 
failure of big variations in the final pH, which occurred when sodium hy¬ 
droxide and potassium carbonate were used in place of secondary sodium 
phosphate and through certain ranges of the phosphate alkalizer, to affect 
this relationship indicates that it is the pH somewhere near the beginning 
of the reaction which is effective. 

With the use of oxalate as the reducing agent the same relation apparently 
holds from pH 7.6, where the effectiveness of potassium oxalate as a 
reducing agent begins to disappear, to approximately pH 7.2, after which 
some other factor appears which relates the amount of reducing agent 
required for reduction in a given time to the final pH of the medium. This 
factor would seem to be the effect of the increase in alkalinity, which the 
medium undergoes during the destruction of the oxalic acid radical, upon 
the reducibility of the gold chloride, as discussed below. 

It was noted that the loss of color, which chloroauric acid undergoes when 
made neutral, involved a time element of approximately three minutes, 
while the appearance of the yellow color upon acidification was apparently 
instantaneous. It was found that indicator, added to the chloroauric acid 
immediately after adding alkali, was destroyed; whereas it was not de¬ 
stroyed when added after the change in color was complete, nor with the 
reverse process of acidifying the colorless gold chloride. It was further 
found that, if the gold salt is reduced with potassium oxalate immediately 
after the addition of alkali (secondary sodium phosphate), a highly dis¬ 
persed colloidal gold can be made at a higher degree of acidity than is pos¬ 
sible if the reducing agent is added after this transitory period of instability 
is passed. This entirely different behavior of the gold salt, when the re¬ 
action is changed from the acid to the alkaline side, to that which occurs 
when the reaction is changed from the alkaline to the acid side, is somewhat 
difficult to account for. I offer the following suggestion as a possible ex¬ 
planation of the phenomenon. I assume that the formation of AuCh from 
AuCls and HCl, or the reverse action, is a time-consuming, possibly non¬ 
ionic, process. Further, that the yellow color is produced by the presence 
of the radical AuCh, either as AuCh, or as part of the radical AuCU. The 
yellow color immediately disappears as AuCh is hydrolyzed upon its forma- 
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tion with the addition of alkali, but as the formation of AuCh from AuCh 
is a time-consuming process, and, as we assume that AuCls, whether free 
or in the radical AuCh, produces yellow, the disappearance of the color in¬ 
volves appreciable time. With the reverse process of adding acid to the 
colorless gold salt solution, the ionization of AuCh is suppressed by the 
acid with an immediate return of the yellow color, foUowing which the 
slower formation of AuCU takes place. If this were a fact, it would ex¬ 
plain the slow loss of color upon alkalization, and the immediate return 
with acidification. To explain the temporary period of instability which 
occurs after alkalization to a pH approaching neutrality, and which does 
not occur after acidification, it might be assumed that in this shift involv¬ 
ing the loss of chloride there is a readjustment of intramolecular tension, 
which leads to a greater sensitiveness to reduction. As AuCU goes over 
into Cl and AuCla, there is a state of instability which does not occur when 
the reverse process takes place, and the forces are such that the radical is 
being built up. 

The production of turbid colloidal solutions when certain optimum 
amounts of reducing agent are exceeded at any given degree of activity of 
the reducing agent as determined by the pH, and the production of turbid 
sols by oxalate when the activity of reduction is increased beyond a certain 
limit by increased acidity, and by formalin beyond a certain limit of alka¬ 
linity, would suggest some conunon factor. This could be expressed by 
Zsigmondy^s hypothesis, that turbid sols result when the rate of reduction 
is excessive in relation to the rate of nuclei production, if we had some 
applicable concept of the mechanism of nuclei production. 

If, for the various reasons that Weiser and Milligan (13) have advanced, 
von Weimam^s theory, that nuclei of gold sol result from the formation 
of particulate gold hydroxide, is untenable, the concept of nuclei derived 
from foreign particulate matter would seem to be equally ruled out by the 
above data. It is to me inconceivable that foreign particulate matter can 
explain the fact that, with the use of the same solutions and utensils, clear 
orange gold can consistently be made by adding potassium oxalate to the 
boiling solution of gold salt and phosphate when a final pH of 6.7 is attained, 
but that a very turbid sol is formed, presupposing few nuclei, when the 
phosphate is reduced so that the final pH is 6.4; while, if the same reagents 
are added in a different order, or with a different time relationship, a highly 
dispersed sol is again produced with the lesser amount of phosphate. It 
would seem that this phenomenon introduces the factor of the reducibility 
of the gold chloride into the question of nuclei formation, as there is evi¬ 
dence that the more highly dispersed gold was formed under conditions 
which produced decreased stability of the gold salt. 

The finding of a relationship between the amount of formalin, or oxalate 
(except where the above phenomenon comes into play) required for reduc- 
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tion, and initial pH, together with the fact that as reduction proceeds the 
change of pH in the medium is such that the oxidation-reduction potential 
decreases, would suggest the possibility that nuclei formation is determined 
by the higher oxidation-reduction potential, and that, this initial reduction 
having taken place, more gold chloride is capable of being reduced, under 
the influence of the surface attraction of these nuclei, at the lower pressures 
of reduction produced by the less favorable degrees of alkalinity developed. 
The findings in the more acid ranges of oxalate reduction are not necessarily 
inimical to this hypothesis, but certain of my findings with other reducing 
agents, e.g., sodium tartrate, may be. But the above as a partial explana¬ 
tion will, I think, stand. 
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The deterioration of textiles has been shown by numerous investigations 
to be an atmospheric oxidation process, the speed of which is accelerated 
by light and influenced by positive and negative catalysts (3, 4,15). None 
of the researches has been conducted with a view to estabUshing the mech¬ 
anism of the oxidation process. If the proper steps to prevent the deteri¬ 
oration of textiles are to be taken, such knowledge of the reaction is essen¬ 
tial. Now, in known oxidation process where prevention of the reaction 
by small quantities of an inhibitor is possible, the reaction has been shown 
to proceed by a chain mechanism. Effective inhibition can only be ex¬ 
pected if textile deterioration be a reaction involving long chains. These 
principles of chain processes as applied to deterioration problems have been 
fully developed by Taylor (19), and will not be repeated here. 

Cellulose possesses a molecule chemically similar to the molecules of car¬ 
bohydrates and polyhydroxy alcohols, in that they all consist of a chain 
of carbon atoms with attached hydroxyl groups. Consequently, in most 
of its reactions cellulose behaves as a polyalcohol, a fact w^hich is well 
recognized (5). Now, in the- autoxidation of the analogous substances, 
inorganic materials exert positive accelerating effects, and Taylor has 
pointed out that attention should be paid to the influence of such agents in 
the deterioration of cellulose. The parallelism between the oxidation of 
cellulose and of related substances in reality seems to be very close. For 
example, Traube (22) showed originally that mannitol is oxidized by air in 
the presence of copper salt, and more recently that ferric chloride and alkali 
cause a great increase in the amount of oxygen absorbed by the solution 
(24). The oxidation of sugars by air in the presence of sodium ferropyro- 
phosphate has been demonstrated by Spoehr (17, 18). Dhar and his col¬ 
laborators (14) have many instances of induced oxidations of carbohydrates 
and alcohols by such inductors as ferrous hydroxide, stannous hydroxide, 
and sodium sulfite. With cellulose, the atmospheric oxidation proceeds 
slowly, but can be considerably accelerated by light. Alkali-cellulose, 
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however, shows very appreciable absorption of oxygen (26), and Davidson's 
(6) recent extensive investigation shows the great effect of heavy metals 
as positive catalysts for the oxygen up-take. Apparently, also, sodium bi¬ 
sulfite present in pressed alkali-cellulose induces the aging of the substrate 
(25), much as sodium sulfite is able to induce the oxidation of carbohydrates. 

The polyhydroxy alcohol, mannitol, has been chosen as typical of a 
complex molecule related to cellulose, and its autoxidation in the presence 
of various agents has been studied. The primary purpose has been to 
determine whether or not the oxidation proceeds by a chain mechanism, 
for if the oxidation of this simpler molecule proved not to be a chain reac¬ 
tion, then it seemed unlikely that the oxidation of cellulose and other re¬ 
lated substances could be a chain process. Reaction rates have been 
measured by determining the rate of absorption of oxygen from the gas 
phase, and the usual criteria of chain reactions have been employed to test 
the character of the oxidation. 

EXPERIMENTAL 

Apparatus 

Two types of apparatus have been used to determine the oxygen absorp¬ 
tion rate, a shaker machine and a bubbler apparatus. The former has been 
described elsewhere (1). Its main parts are a Hulett gas buret (20) con¬ 
nected by a short length of pressure tubing to a reaction vessel which is 
clamped securely to a shaker device. The latter, operated by a motor- 
driven eccentric, makes about 260 oscillations per minute. The reaction 
vessel and shaker device are completely immersed in a large thermostat. 
To facilitate photochemical work, a hole was cut in the side of the thermo¬ 
stat and covered with a quartz window. 

The bubbler apparatus was a modification of one used by Egerton (7) ; 
its general principles also have been incorporated in a somewhafc similar 
apparatus by Long and Chataway (13). Its main features are a pump to 
circulate gas around a closed system, a reaction cell to contain the oxidizable 
liquid, and a gas buret to indicate the volume of oxygen absorbed. 

For circulating the gases, the double action pump described by Spence 
and Kistiakowsky (16) was employed, with, however, the ordinary type 
of ground glass valves to control the direction of gas flow. The pump 
operated at atmospheric pressure to give a flow of about 650 cc. of gas 
per minute. 

The reaction cell was designed to insure complete saturation of the liquid 
by the gas. As shown in the sketch, figure 1, a P 3 rrex tube, 3 X 16 cm., 
closed at one end, was fitted by a ground joint to a glass cap. Attached 
to the cap was an outlet tube, and also a tube serving for the introduction 
of liquids into the cell. Likewise, ring-sealed through the center of the 
cap, a 7-mm. Pyrex tube projected downward. At the end of this down- 
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tube, a porous alundum plate in the sketch) was sealed through a 
hole drilled in its center. A hemispherical cup of Pyrex was sealed around 
the porous plate. The cell was attached to the apparatus so the circulat¬ 
ing gas entered through the down-tube and was broken into fine bubbles 
as it was forced through the porous alundum. 

The bubbler apparatus has certain advantages over the shaker machine, 
especially in event of gaseous oxidation products, for suitable absorbents 
for these can be placed in the circulating system. It is superior, also, for 


Fig. 1. The Reaction Cell 

photochemical experiments. A vertical type mercury arc is conveniently 
mounted directly in front of the reaction cell, and for quantum yield work 
with the uranyl oxalate actinometer, the necessary auxilliary vessel is easily 
held in position in rear of the reaction vessel. Thus the position of the 
arc, reaction cell, and auxiliary vessel is readily and definitely fixed, a 
troublesome problem with a shaker device. The chief defect of the pres¬ 
ent bubbler apparatus was the difficulty of accurate pressure adjustment 
during an experiment. Such trouble was due to the rather large total 
volume of the system, but mainly to the pressure fluctuations resulting 
from the pressure head built up by the circulating pump. 

Materials 

The mannite was prepared by recrystallization of a Kahlbaum^s product. 
The solutions w^ere made up by accurately weighing out the desired quanti- 
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ties and dissolving in the necessary amounts of distilled water. The sodium 
hydroxide solutions were prepared from a saturated solution of Merck’s 
c. p. sodium hydroxide by diluting to the desired strengths. A solution of 
ferric chloride vras made up to approximately 0.5 molar, and its strength 
determined by the iodometric method. Portions of this solution were 
diluted to the desired concentrations as the occasion demanded. 

Procedure 

In measuring the rate of oxygen up«take with the shaker machine, the 
general procedure was the following. The apparatus was first filled with 
tank oxygen, and the solutions were then added to the reaction vessel from 
calibrated pipettes. These solutions previously had been made up to such 
concentrations that, when added in the correct amounts to the reaction 
vessel, the final concentrations of the various components were those de¬ 
sired for the particular experiment. The final total volume was 25 cc. in 
every case. After adjustment of the pressure in the system to atmospheric, 
the shaker was started and volume readings, always at atmospheric pres¬ 
sure, taken at suitable time intervals. 

With the bubbler system the procedure was necessarily different. The 
clean dry reaction vessel was first attached to the apparatus by its greased 
ground joint, and a small thermostat then raised up to immerse the vessel. 
By means of a Cenco Hyvac pump, the system was evacuated, and then 
was immediately filled with tank oxygen. The solutions were run into 
the cell through the attached calibrated burets, a final volume of 25 cc. 
being employed as with the shaker machine. After adjusting the pressure 
to atmospheric, the circulating pump was started. The decrease in volume 
at atmospheric pressure with time gave the rate of oxidation. 

RESULTS 

The dark reaction 

Preliminary experiments showed that no oxygen was taken up by pure 
aqueous mannitol solutions, but that on the addition of both ferric chloride 
and sodium hydroxide to the mannitol, absorption of oxygen occurred at an 
appreciable rate. Under these conditions, no precipitation of ferric hydrox¬ 
ide resulted, because, as Traube and Kuhbier (23) showed, a complex ferri- 
mannite compound formed. The research consequently resolved itself 
into an investigation of the effect of th^se inorganic materials on the oxida¬ 
tion rate. As pointed out in the introduction, the deterioration of cellulose 
is most rapid after treatment with these same agents. 

The oxidation by gaseous oxygen of mannitol in the presence of ferric 
salt and alkali is an auto-accelerating reaction. A typical rate curve is 
shown in figure 2, in which cubic centimeters of oxygen (at N. T. P.) are 
plotted against time in minutes. The reaction rate increases with time 
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until a fairly constant value is reached. Record may be made of the fact 
that when ferrous sulfate was substituted for ferric chloride, oxygen was 
taken up immediately on starting the shaking machine, forming a small 
amount of precipitate in the process. The amount of gas absorbed was 
about that necessary to oxidize the ferrous iron to ferric. The reaction 
then proceeded as in those cases where ferric salt was added originally, the 
same kind of slowly* accelerating rate becoming apparent. 

In a good many runs, especially at the lower iron and alkali concentra¬ 
tions, there existed an induction period, varying anywhere from ten to 
sixty minutes in length. During tliis time no absorption of oxygen was 



Time, minutes 

Fia. 2. Typical Rate Curve 
I, The dark reaction; II, the photochemical reaction 

observable. The duration of the period was not the same under any given 
set of conditions, and consequently duplicate runs were not exactly re¬ 
producible. However, the final constant value for the rate of reaction 
could be checked within about 10 per cent, and therefore in comparing 
oxidation rates under different conditions of concentration, etc., this con¬ 
stant value was used as a measure. 

Runs have been made to determine the effect of concentration of mannite, 
of sodium hydroxide, and of ferric chloride on the rate of oxidation for the 
dark reaction. The data are all summarized in table 1, in which are given 
the initial /joncentrations in millimoles per cubic centimeter, the type of 
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apparatus in which the experiments were performed, the temperature of 
the reaction correct to d=0.06®C. and the reaction rate in cubic centimeters 
of oxygen (at N. T. P.) absorbed per minute by a 26-cc. sample of solution. 

An examination of the data shows that with constant initial iron and 
alkali amounts, the oxidation rate is roughly proportional to the mannite 
concentration, up to about 0.1 molar; higher concentrations of mannite 
result in but a small increase in the rate. At constant iron and mannite 
but varying sodium hydroxide, the rates increase with the amounts of alkali 
added; at low alkali concentration they are less than to be expected for 

TABLE 1 


The dependence of rale on concentration and temperature 


MANNITE 

FeCla 

NaOH 

APPARATUS 

TEMPERATURE 

REACTION RATE 

miUimolea 
per ec. 

0.060 

miUtmoles 
per cc 

0 050 

millimdee 
per cc. 

1.00 

Bubbler 

degrees C 

26 

CC. O2 per 
mtnuie 

0.012 

0.075 

0 050 

1.00 

Bubbler 

25 

0.018 

0.100 

0 050 

1.00 

Bubbler 

25 

0 031 

0.250 

0.050 

1.00 

Bubbler 

25 

0.038 

0.100 

0.001 

1 00 

Bubbler 

25 

0.011 

0.100 

0 001 

1.00 

Shaker 

25 

0.012 

0.100 

0 003 

1.00 

Bubbler 

25 . 

. 0 014 

0.100 

0 010 

1 00 

Bubbler 

25 

0.022 

0.100 

0 010 

1 00 

Shaker 

25 

0.023 

0.100 

0 020 

1 00 

Bubbler 

25 

0.028 

0.100 

0.050 

1.00 

Shaker 

25 

0.034 

0.100 

0.001 

1.00 

Shaker 

35 

0.047 

0.100 

0.005 

1 00 

Shaker 

35 

0.112 

0 100 

0.010 

1.00 

Shaker 

35 

0.131 

0.100 

0.050 

1.00 

Shaker 

35 

0.146 

0.100 

0 050 

0 20 

Shaker 

35 

0.006 

0.100 

0.050 

0.50 

Shaker 

35 

0.064 

0 100 

0 050 

2.10 

Shaker 

35 

0.220 


direct proportionality. This behavior very hkely arises from the consider¬ 
able decrease in hydroxyl ion concentration which must result with smaller 
initially added amoimts of sodium hydroxide. 

The data depicting the variation of reaction rate with added ferric chlo¬ 
ride, other concentrations held constant, are shown graphically in figure 3. 
The crossed circles represent the data obtained with the shaker machine. 
The effectiveness of ferric salt in increasing the reaction rate falls off abov- 
concentrations of about 0.005 millimole per cubic centimeter. Since come 
paratively large amounts of ferric salt are necessary to cause even a rather 
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slow oxidation rate, the reaction is evidently not one in which long chains 
are started by a positive catalyst. 

From the data given in table 1, the temperature coefficient, kzh/kubj can 
be calculated at the different iron concentrations. The values vary con¬ 
siderably, being respectively, 4.4, 5.5, 5.4, and 4.6 for 0.001, 0.005, 0.01, and 
0.05 millimoles per cubic centimeter of added ferric salt. The very high 
values obtained are peculiar, but their explanation is probably to be found 
in the temperature eflFect on the complex equilibria which apparently govern 
the oxidation. 



Fig. 3. The Dependence of Reaction Rate on Ferric Chloride Concentration 

I, the dark reaction; II, the true photochemical reaction. 

Concentration rate in millimoles per cubic centimeter; reaction rate in cubic centi¬ 
meters of oxygen absorbed per minute. 

The photochemical reaction 

The oxidation of mannitol in the presence of ferric chloride and sodium 
hydroxide was found to be accelerated by light. A series of photochemical 
experiments were carried out, using a vertical type Cooper-Hewitt mercury 
arc operated hot at 80 dz 1 volts and 3.0 zb 0.1 amperes as alight source. 
The lamp was mounted beside the reaction cell of the bubbler apparatus, 
but outside of the thermostat; a quartz window in the latter transmitted 
the light. 

At the light intensity employed, the rate of the photooxidation was in¬ 
creased some four or five times over the dark reaction. However, as the 
example plotted in figure 2 shows, the typical rate curve possessed no differ- 
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ent features, and therefore the reaction rate was determined as in the dark 
oxidation. 

A series of runs were made at different iron concentrations, with sodium 
hydroxide and mannitol concentrations held constant. The results are 
recorded in table 2. 

In figure 3, the true photochemical rate obtained by subtracting the 
dark rate from the light rate, is plotted against the added ferric salt con¬ 
tent. The type of curve obtained is approximately that which results 
from increased light absorption with increased solution concentration. 
This is borne out by absorption spectra pictures of the solutions, which 
show the usual shift of absorption edge to the longer wave lengths as the 
concentration is raised. Thus for a layer of solution 8 mm. in depth, with 
mannitol and sodium hydroxide at 0.10 and 1.00 millimole per cubic centi¬ 
meter, respectively, complete absorption for a ferric chloride solution of 
0.001 millimole per cubic centimeter begins at about 3000 A.U. and extends 

TABLE 2 


The dependence of photooxidaiion rate on ferric chloride concentration 
NaOH, 1.00 millimole per cc.; mannitol, 0.10 millimole per cc. Arc, 80 volts, 3.0 
amperes. Temperature, 25.0 dr 0.10°C. 


FeCla 

“uoht” rate 

"dark:” rate 

“true light " rate 

milUmolet per cc 

cc. Oa per minute 

cc. Oa per minute 

cc. Ot per minute 

0 001 

0 046 

0.011 

0 035 

0 005 

0.095 

0.020 

0.075 

0.010 

0 117 

0.023 

0 094 

0.050 

i 

0.167 

0 033 

0.134 


to shorter wave lengths. The absorption edge then shifts to longer wave 
lengths, lying at approximately 3950 A.U. and 4500 A.U., for 0.01 and 
0.05 molar ferric chloride, respectively. 

It may be pointed out here that the absorption pictures show clearly the 
formation of a ferri-mannite complex in the presence of alkali. The absorp¬ 
tion edge lies at approximately the same point for ferric chloride alone and 
ferric chloride with mannitol, but on addition of sodium hydroxide, the 
absorption commenced at a much longer wave length. Now, although a 
slow rate of photooxidation was observed for mannitol and ferric chloride 
in the absence of alkali, the rate was much accelerated in the presence of 
alkali. This suggests that the ferri-mannite complexes are chiefly respon¬ 
sible for the increased light absorption and the consequent increas^ photo¬ 
oxidation. 

Since a test of the chain character of a reaction is given by its quantum 
yield, a determination of this quantity was undertaken for this photo¬ 
chemical oxidation. Use was made of the uranyl oxalate actinometer 
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described by Leighton and Forbes (12), a form of their “compound acti- 
nometer^^ being adapted. An auxiliary cell was placed behind the reac« 
tion cell of the bubbler apparatus. When both of these were filled with 
actinometer solution, they corresponded to cells 1 and 2 of Leighton and 
Forbes; when the reaction cell was filled with mannite-iron-alkali solution 
and the auxiliary cell with actinometer solution, they corresponded to cells 
3 and 4. Calculation of the unknown quantum yield, (j)', is given by 




(mn) (mi ~ m2) 
(mi) (mi — mi) 


where 0 is the quantum yield of the uranyl oxalate photolysis, 77 / 1 , m 2 , and 
7724 , the moles of oxalate photolyzed, and 7773 the moles of unknown reacting. 
Determination of the decrease in titer of cells 1 and 2 gave rrii and 7/?2, and 
later, a determination of the amount of oxygen taken up and the decrease 
in titer of the auxiliary cell gave niz and nu. 

The absorption spectra pictures showed that for the depth of lic^uid ob¬ 
taining in the cell, a solution with 0.01 millimole per cubic centimeter of 
ferric chloride (mannitol and sodium hydroxide concentrations as usual), 
commenced to absorb at about the same limit as the actinometer solution; 
consequently the quantum yield determination was made at this one con¬ 
centration of ferric chloride. Also, since the operations were carried out in 
Pyrex vessels, the effective light must lie approximately between 3100 A. U. 
and 4800 A. U. For this region of the spectrum then, the average quantum 
yield of the actinometer photolysis was taken as 0.535. A sample calcula¬ 
tion of the yield, molecules of oxygen reacting per quantum, is given: 


Light reaction — dark reaction — True reaction 

0.118 — 0.023 = 0.095 cc. O 2 per minute. 


0.095 
7W3 - 22 4 


0.00424 millimoles Oi per minute. 


Cell 1 decreased 12.35 cc. of 0.0871 N KMn 04 in 10 minutes, 
mi = 0.0537 millimole per minute. 

Cell 2 decreased 0.59 cc. of 0.0871 N KMn 04 in 10 minutes, 
m-i ~ 0.0025 millimole per minute. 

Cell 4 decreased 0.60 cc. of 0.0871 N KMn 04 in 70 minutes. 
nii » 0.0037 millimole per minute. 

, ^ (0 00424) (0 0537 - 0 0025) 

* ~ (0.0537) (0 0537 - 0 0004) 

- 0.040 


An average value of 0.037 was found for the quantum yield. Thus, only 
one molecule of oxygen reacts for every 25 or 30 quanta of light absorbed by 
the solution. This low efficiency of the process shows that the oxidation 
does not occur by a chain mechanism. 
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The effect of inhibitors 

The effect of small quantities of organic substance in slowing down or 
inhibiting a reaction also serves to indicate the chain character of a proc¬ 
ess. Such effect was sought in the present autoxidation, using known 
effective inhibitors of oxidation reactions (2). In no instance was any 
inhibition observed, as shown by the data collected in table 3. Such re¬ 
sults are in complete accord with the quantum yield determination, and 
indicate more strongly the absence of chains in the oxidation process. 

Hydroquinone acts as an excellent inhibitor of oxidation processes (2) 
under some conditions, but in the present reaction it was a marked accel¬ 
erator. On the addition of freshly prepared hydroquinone solution to the 
ordinary reaction mixture, a very rapid up-take of oxygen occurred in the 


TABLE 3 

The effect of inhibitors on the oxidation rate 


INHIBITOR 

INHIHITOR 

CONCEN¬ 

TRATION 

FeCU 

1 

TEMPERA¬ 

TURE 

REACTION 

RATE 


millimoles 
per cc 

millimoles 
per cc 

degrees C. 

CC 0« per 
minute 

Blank. 

— 

0.01 

25 

0.023 

Ethylamine. 

0 01 

0 01 

25 

0.026 

Phenol . 

0 01 

0.01 

25 

0 022 

Blank. 

— 

0.05 

35 

0.145 

Benzylamine. 

0.01 

0.05 

35 

0.145 

Ethylamine. 

0 01 

0 05 

35 

0.148 

Blank* . 

— 

0.01 

25 

0.064 

Ethylamine*. 

* Photochemical experiments. 

0 01 

0.01 

25 

0.060 


first few minutes of shaking. The rate gradually fell off, to proceed eventu¬ 
ally at a constant value which, however, was greater than ordinarily at¬ 
tained. Undoubtedly, in this alkaline medium the hydroquinone is itself 
rapidly oxidized, and in the process induces the oxidation of the mannitol. 

The accelerating action of hydrogen peroxide 

On the addition of hydrogen peroxide to the usual alkaline solution of 
mannitol and ferric chloride, the rate of absorption of oxygen by the sol¬ 
ution was much enhanced over the usual dark rate. At the same time, 
the peroxide was destroyed. Thus, not only was the oxygen from the de¬ 
composing peroxide used up by the mannitol, but additional oxygen was 
simultaneously absorbed from the gas phase. Figure 4 shows the type of 
oxygen absorption-time curve obtained in the presence of peroxide; the 
millimoles of atmospheric oxygen absorbed are plotted against time. Also 
included in the figure is a plot of the millimoles of peroxide decomposed with 
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time. This latter curve was obtained by determining the peroxide con¬ 
centration existing at the end of definite time intervals, the determinations 
being made by the iodometric method. Since this depends on the titra¬ 
tion with thiosulfate of the iodine liberated from potassium iodide by the 
peroxide, and since the ferric iron present also liberates iodine, the proper 
correction for the ferric iron had to be previously determined. Blank runs 
on iron-peroxide mixtures showed that reasonably reliable results could be 
obtained in this manner. 

More extended runs with peroxide present showed that after twenty-five 
to thirty minutes of shaking the oxidation rate slowed down to continue at 
a constant value. This rate was about 70 per cent faster than the final 



Fig. 4. Rate Curves for the Oxidation Accelerated by Hydrogen Peroxide 
I, millimoles of oxygen absorbed; II, millimoles of hydrogen peroxide decomposed 

value attained in the dark under the usual conditions without peroxide. 
Furthermore, qualitative tests showed that no peroxide existed at the end 
of such runs. 

The initial rates of oxygen up-take in the presence of peroxide depended 
on the concentration of ferric chloride, as did the final rates attained after 
the peroxide had all disappeared. For both these rates, the plot of the 
dependence of rate on ferric salt concentration gave a curve of practically 
the same form as shown in figure 3 for the unaccelerated autoxidation. 
With no ferric chloride present, however, oxygen was evolved, although 
not quantitatively. The initial rate of oxidation was also shown to be 
dependent on the initial peroxide concentration, and an approximate tem¬ 
perature coeflicient determination gave a value of 2.6 for 
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DISCUSSION 

The experimental evidence on the oxidation of mannitol in the presence 
of alkali and ferric salt indicates clearly that the oxidation is not a chain 
reaction. The low quantum yield, the absence of inhibivOry effect by 
added organic substances, and the evidence that the ferric salt does not 
function as a trace catalyst, all point to the fact that a chain process is not 
operative. 

As to* the actual mechanism of the autoxidaiion, but little can be said 
since the data are not readily amenable to kinetic treatment. The auto- 
accelerating type of rate curve observed cannot result from preliminary 
oxidation of impurities acting as inhibitors, for such an explanation holds 
only in event of a chain process. The auto-acceleration is explicable, how¬ 
ever, on the assumption that products are formed during the oxidation 
which themselves are more easily oxidized than the original substance. 
On the other hand, Spoehr (17, 18) has demonstrated that glucose, and 
mannitol also, in the absence of oxygen were capable of reducing his sodium 
ferripyrophosphate catalyst to the ferrous compound, and he considered 
that the induction period found in the reduction reaction accounted for the 
induction period of the oxidation. 

The dependence of the reaction rate on iron salt concentration in the 
manner shown in figure 3 would suggest that the oxidation process is very 
complicated and that complex equilibria regulate the speed of reaction. 
Certainly these data show definitely that the concentration of ferri-mannite 
complexes is not the rate controlling factor, since their concentration must 
be very nearly directly proportional to the amount of ferric salt initially 
added. 

The acceleration of the oxidation by hydrogen peroxide may furnish 
evidence of some importance. Haber and Willstatter (9) have proposed a 
chain mechanism for the enzymotic oxidation of alcohols and aldehydes. 
They have suggested that free hydroxyl radicals served as active links in 
the chain, operating to produce organic radicals which were then oxidized 
by atmospheric oxygen. Now, the decomposition of hydrogen peroxide 
supposedly proceeds through a chain also involving hydroxyl radicals, and 
Haber and Weiss (8) have recently indicated how the chain can be started 
in catalytic peroxide decomposition by iron salt. Consequently, in the 
- presence of a high concentration of hydroxyl chain propagators furnished 
by decomposing hydrogen peroxide, an alcohol might be expected to show 
increased up-take of oxygen from the gas phase. Taylor and Gould (21) 
have demonstrated that such is the case for the interaction of ethyl alcohol 
and oxygen in the presence of photodissociated peroxide. Figure 4 amply 
demonstrates a parallel behavior for mannitol and thermally decomposed 
peroxide. Now, the evidence on the autoxidation of mannitol in the 
presence of iron and alkali indicates that any chain theory for the oxidation 
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of polyalcohols at least is untenable. Furthermore, whereas the Haber- 
Willstatter chain theory would require the up-take of at least one oxygen 
molecule for every hydrogen peroxide molecule decomposed, a comparison 
of the rates of peroxide decomposition and oxygen absorption given in figure 
4 shows that initially about eight peroxide molecules decompose for every 
one of oxygen absorbed; only when nearly all the peroxide has disappeared 
is a one to one ratio approached. Thus, although a chain process for the 
oxidation cannot be presumed, some sort of an oxidation mechanism involv¬ 
ing free radicals may be operative in both the accelerated and the normal 
oxidation. Qualitative evidence obtained from the fact that hydroquinone 
is an activator lends support to this view, because the oxidation of such a 
substance falls into the Haber-Willstatter scheme. In the present instance, 
the hydroquinone can operate as an acceleratqr by supplying an increased 
concentration of hydroxyl. 

Turning to the deterioration of cellulose, the close parallelism which 
exists between the oxidation of alkali-cellulose and of alkaline mannitol 
solutions by atmospheric oxygen is brought out by a comparison of the 
experimental results reported by Davidson (6) and those presented above. 
The same auto-accelerating type of curve is obtained for both oxidation 
processes, and the dependence of the oxidation rate on iron concentration 
is very similar. Since the oxidation of mannitol in the presence of iron 
and alkali is not a chain process, this suggests that the oxidation of cellulose 
or alkali-cellulose does not involve a chain. Attempts to prevent the 
deterioration of cellulose by addition of inhibitors, w hich wwks so effec¬ 
tively in the retardation of the aging of rubber for example, would most 
probably be ineffective with cellulose. Methods w^hich involve removing 
positive catalysts or the prevention of any catalytic activity by such would 
be more likely to yield desirable results. 

Certain empirical observations are closely analogous to the acceleration 
of oxygen up-take caused by hydrogen peroxide in the oxidation of the 
alkaline mannite~iron mixtures. It is well-known, of course, that fabrics 
are tendered in peroxide or chlorite bleach liquors, the more rapidly if first 
impregnated with heavy metal (10). Likewise, the aging of alkali-cellu¬ 
lose is accelerated manyfold by the addition of small quantities of iron and 
peroxide (27). Chemical evidence cited by Kauffmann (11) indicates that 
in the decomposition of chlorite bleaches and in the accompanying dye 
bleaching, a chain mechanism might operate. Thus in the presence of 
activators, notably hydrogen peroxide, the chlorite bleach showed a much 
increased oxidation activity for dyes and other substrates such as cellulose. 
Presumably the peroxide served to maintain a high concentration of the 
chain carrier, the hydroxyl radical. How^ever, the evidence presented in 
the case of the mannitol oxidation accelerated by peroxide w^ould indicate 
tliat the oxidation of a comparable substrate such as cellulose would not be 
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a chain process, although it could be considerably accelerated by the pres¬ 
ence of the peroxide. 


SUMMARY 

1. The effect of inorganic substances, ferric chloride and sodium hy¬ 
droxide, on the autoxidation of mannitol has been investigated for both 
the dark and the photochemical oxidations. 

2. The oxidation is auto-accelerating in nature. 

3. The oxidation is not a chain process. This is shown by the low quan¬ 
tum yield of the photo-reaction, and by the absence of any inhibition by 
known effective oxidation inhibitors. 

4. A considerable acceleration of the rate of absorption of oxygen from 
the gas phase by mannitol solutions is produced by thermally decomposing 
hydrogen peroxide. 

6. The application of the results obtained in the autoxidation of manni¬ 
tol to problems of oxidation of related substances, particularly to the de¬ 
terioration of cellulose and to bleaching processes, is indicated. 

The author wishes to express his sincere thanks to Professor Hugh S. 
Taylor, who suggested this line of work, and who served for the Textile 
Foundation as director of the research. Without his continued aid and 
interest the problem could not have been carried through to its present 
stage of development. 

Grateful acknowledgment is made to the Textile Foundation for the 
fellowship under which this work was carried out. 
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THE OXIDATION OF MANNITOL BY OXYGEN PHOTO¬ 
SENSITIZED BY HYDROGEN PEROXIDE 
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In a previous paper (3) on the autoxidation of mannitol in the presence 
of ferric chloride and sodium hydroxide, evidence was presented to show 
that the oxidation was not a chain process. The importance of this find¬ 
ing]; to problems of oxidation of related substances, particularly in connec¬ 
tion with the deterioration of cellulose, was indicated. Furthermore, its 
bearing on the Haber-Willstiitter (2) chain theory of alcohol and aldehyde 
oxidation was emphasized. It was pointed out that, although in the case 
of polyalcohols a chain theory was unnecessary, experiments in which the 
rate of oxygen up-take was markedly accelerated by thermally decompos¬ 
ing hydrogen peroxide suggested that a mechanism of the Haber-Willstiit- 
ter type might be applicable. 

Taylor and Gould (4) have recently shown that ethyl alcohol interacts 
with gaseous oxygen when photosensitized by hydrogen peroxide. The 
induction of oxidation in this manner is convenient and efficient, as com¬ 
pared with methods involving thermal peroxide decomposition, and should 
yield results of a quantitative nature. 

For their particular oxidation, Taylor and Gould established the exist¬ 
ence of short chains, and concluded that the experimental results were 
compatible with the ideas of Haber and Willstiitter. The photosensitiza¬ 
tion may be formulated in the following manner: 

H 2 O 2 -f- - 20H (a) 

/ 

OH 4- RCH,OH « RCH(OH) + H 2 O (b) 

/ 

RCH 2 OH -f- RCH(OH) + O 2 « 2RCHO -f Oil -f H 2 O (c) 

On the basis of the above scheme, each hydrogen peroxide molecule de¬ 
composed by light should cause the absorption of not less than two oxygen 
molecules. Many more will react if a long chain follows the initial step. 
A comparison of the simultaneous rates of peroxide decomposition and 

1 Research Fellow, The Textile Foundation. 
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oxygen absorption therefore should give some idea as to the chain length 
involved in the reaction. Only at the higher concentrations of the alcohol 
will approach be made to the true chain length, as then the probability is 
greatest that each hydroxyl radical will start an oxidation step. In such 
a range, the observed reaction rates should be independent of the alcohol 
concentration. With these considerations in mind, an examination of the 
oxidation of aqueous mannitol solutions photosensitized by hydrogen per¬ 
oxide has been made over a range of both peroxide and mannitol concen¬ 
tration. 


EXPERIMENTAL 

The shaking machine used previously in the autoxidation of mannitol, 
and also used by Taylor and Gould, was employed in these experiments. 
A quartz reaction vessel was available, and a quartz window was fitted in 
the thermostat in which the shaker device carrying the reaction vessel was 
immersed. The thermostat was regulated at 25®C. d: 0.05°C. Two verti¬ 
cal type Cooper-Hewitt mercury arcs placed side by side in front of the 
quartz window served as the source of light. They were each operated 
at 70 d= 1 volts and 4.0 ±0.1 amperes. 

The mannitol solutions were made up by accurately weighing out samples 
of a recrystallized Eastman product and dissolving in the required amounts 
of distilled water. The hydrogen peroxide solutions were obtained by 
diluting Merck’s Superoxol to the desired concentrations. 

In carrying out a run, the general procedure was to fill the apparatus 
with oxygen, and then introduce the solutions from calibrated pipettes. 
The added solutions were of such concentrations that the sample in the 
reaction vessel possessed the concentrations desired for the particular 
experiment, and also totaled 25 cc. in final volume in all cases. After a 
10-minute period of shaking in the dark, the reaction was initiated by 
removing a shutter from before the window. Runs of ten minutes in 
length were made in most cases. The rate of oxygen absorption was 
followed by observing the decrease in oxygen volume at constant pressure. 

At the end of the run, determination of the acid produced was made by 
titration of the total contents of the reaction vessel with 0.1 iV sodium 
hydroxide with phenolphthalein indicator. This titration was carried out 
as rapidly as possible, and the hydrogen peroxide was then determined by 
the iodometric method. Appropriate control analyses were made in all 
cases. 


RESULTS 

Preliminary experiments showed that on illumination with a mercury 
arc, aft aqueous solution of mannitol and hydrogen peroxide absorbed 
oxygen from the gas phase. No reaction whatever was ob^rved wlien the 
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mixture was shaken in the dark for periods of ten to thirty minutes, and, 
also, no oxygen absorption persisted in the dark after cutting off the light. 
Mannitol alone did not take up observable amounts of oxygen when rayed 
ten to thirty minutes under existing conditions. Such behavior is to be 
expected from the fact that absorption spectra pictures of aqueous mannitol 
solutions indicated that even weak absorption did not take place for light 
of wave length longer than about 2300 A.U. 

A series of runs was made to determine the variation of both the oxygen 
absorption and the peroxide decomposition with change in mannitol concen¬ 
tration. This was done for each of three initial peroxide concentrations. 
Also, the rate of photolysis of pure aqueous hydrogen peroxide solutions 
was followed by measuring the production of oxygen. This was possible 
because the apparatus is equally well adapted for observing oxygen absorp¬ 
tion or evolution. 


Hydrogen peroxide photolysis 

In a given experiment, the rate of photolysis of pure aqueous hydrogen 
peroxide solutions did not quite follow the equation of a first order reac¬ 
tion. When approximately 50 per cent of the peroxide had disappeared, 
the calculated constant had drifted to a value about 20 per cent greater 
than the initial. The decomposition rate was thus not exactly directly 
proportional to the initial peroxide concentration. 

The value chosen for the rate of peroxide photolysis was that given by 
the oxygen evolution (at N. T. P.) observed during the first two minutes, 
at the end of wliich time the concentration was still about 85 per cent of 
the original. The rate so obtained was expressed in millimoles of peroxide 
decomposed per minute for 25 cc. of solution. In view of the fact that 
duplicate runs agreed only within 15 per cent, this method of choosing the 
initial rate of reaction provided a value within the limit of accuracy of the 
experiments. 


Photosensitized mannitol oxidation 

For a typical experiment in which oxygen was taken up by an illuminated 
mannitol-peroxide mixture, a plot of the cubic centimeters of oxygen 
absorbed against time gave an exact straight line. Although most of the 
individual experiments were but ten minutes long, tests indicated that this 
linear relationship extended for thirty minutes or more in almost every 
case. The slope of the straight line obtained from the graph was taken 
as the rate of reaction, and expressed as cubic centimeters (at N. T. P.) of 
oxygen absorbed per minute for a 25-cc. sample. 

The rate of photodecomposition of hydrogen peroxide in the presence 
of mannitol was obtained simply by determining the amount disapftearing 
in a 10-minute run, dividing this by ten, and expressing the result as milli- 
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moles of peroxide decomposed per minute. This procedure is justified by 
the fact that in every case, the peroxide concentration at the end of ten 
minutes was still over 78 per cent of the initial, so the rate can be taken 
essentially as linear for such a period. In fact, determinations at the 

TABLE 1 


The dependence of reaction rate on concentration 



MANNITOL 

I/Io 


HATE OF 

REACTION 


RATIO OF 
RATE OF 0* 
ABSORBED 
TO HiOa 
DECOM¬ 
POSED 

PBSOXIDB 

Oi absorption 

HjfOj de¬ 
composition 

Acid forma¬ 
tion 

fnitlimolea 
per rr. 

0.0110 

milhmdea 
per cc. 

0 0 

1.09 

cc per 
minute. 

0 2.50* 

miUirnoleH 
per minute 

0.0114* 

milhmolea 
per minute 

0.0227 

milhmolea 
per minute 


0,0110 

0 001 

1 09 

0 052 

0 0023 

0 0059 

0 0043 

0 4 

0 0110 i 

0 005 

1 09 

0 082 

0 0037 

0 0044 

0 0037 

0 8 

0 one 

0 010 

1 09 

0.092 

0 0041 

0 0042 

0 0034 

1 0 

0.0110 

0 10 

1 09 

0 111 

0 0049 

0 0025 

0 0021 

1 9 

0 0108 

0 10 

1 09 

0 no 

0 0049 

1 

0 0021 

0 0024 

2 2 

0.0256 

0 00 

1 07 

0 500* 

0.0223* 

0 0447 

_ 

_ 

0.0269 

0.00 

1 07 

— 

— 

0.0410 



0 0266 

0.001 

1 07 

0.042 

0.0019 

0 0120 

0 0068 

0 1 

0.0271 

0 005 

1 07 

0 141 

0 0063 

0 0096 

0.0071 

0 7 

0.0266 

0 010 

1.07 

0 162 

0.0072 

0 0075 

0.0064 

1 0 

0.0271 

0 050 

1.07 

0 208 

0.0093 

0 0052 

0 0054 

1.8 

0.0266 

0 10 

1.07 

0.208 

0 0093 

0 0050 

0 0053 

1 9 

0 0271 

0 10 

1 07 

0.208 

0 0093 

0.0045 

0 0051 

2 0 

0 0522 

0 00 

1 00 

— 

_ 

0 0974 

_ 

_ 

0 0529 

0 00 

1 00 

1 015* 

0 0453* 

0 0907 


— 

0.0525 

0 001 

1 00 

0.125* 

0 0055* 

0.0234 

0 0076 


0.0514 

0 005 

1.00 

0.151 

0.0087 

0.0166 

0.0127 

0 4 

0.0527 

0 010 

1 00 

0 213 

0 0095 

0.0154 

0 0117 

0.6 

0.0515 

0 050 

1 00 

0 293 

0.0131 

0 0100 

0 0094 

1 3 

0.0496 

0 10 

1 09 

0.298 

0 0133 

0.0087 

0 0084 

1 5 

0 0521 

0 10 

1 07 

0 302 

0 0135 

0 0088 

0 0086 

1.5 

0 0527 

0 10 

1 00 

0 302 

0 0135 

0.0095 

0.0089 

1.6 

0.0518 

0.10 

1.00 

0 296 

0 0132 

0.0082 

0 0087 

1.6 


* In these experiments, oxygen was evolved at this rate. 


higher mannitol concentrations showed that this linear behavior held over 
a period as long as thirty minutes. 

The rate of formation of acid was also taken as linear for a 10-minute 
period. The amount resulting in that time was ascertained and the rate 
was determined as millimoles formed per minute. In longer runs the acid 
was produced in amoimts greater than a linear rate would provide. 
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The reproducibility of the rates of oxygen up-take was good, check runs 
agreeing within 2 to 3 per cent. The rates of peroxide decomposition and 
acid formation were not so readily checked, however, variations of 10 per 
cent occurring between duplicates. 

In order to check the light intensity for each series of runs at a given 
peroxide concentration, a reference run was always made under the stand¬ 
ard conditions of 0.052 millimole per cubic centimeter of peroxide and 
0.10 millimole per cubic centimeter of mannitol. The runs of the several 
series could then be related. Variations in the light intensity amounted 
to no more than 10 per cent. 

The rates of reaction as determined according to the methods outlined 
above are recorded in table 1, and the other pertinent data are also given. 
(The figures in the column ///o are the factors obtained from the reference 
runs made to check the light intensity. The rates actually observed have 
been divided by these factors, and the quotients so obtained are the values 
recorded in the table as rates of reaction.) 

DISCIUSSION 

Examination of the data of the table indicates that at a constant initial 
peroxide concentration, variation of the mannitol concentration causes an 
increase in the rate of absorption of oxygen and a simultaneous decrease 
in the rate of decomposition of peroxide. As a case in point, the data ob¬ 
tained with a peroxide concentration of 0.027 milHmole per cubic centi¬ 
meter are plotted in figure 1. This graph shows the dependence of both 
the oxygen absorption rate and the peroxide decomposition rate, respec¬ 
tively, on the initial mannite concentration. At zero mannite content, 
oxygen is evolved in amount equivalent to the peroxide decomposed; then, 
at comparatively low mannitol concentrations, oxygen absorption com¬ 
mences while peroxide destruction is inhibited. In some cases, as much as 
eight- or nine-fold inhibition is observed. The graph also makes apparent 
the important fact that at sufficiently high mannite concentrations the 
rates of both the peroxide decomposition aijd oxygen absorption are inde¬ 
pendent of the mannite concentration. 

This behavior is practically repeated with the two other peroxide concen¬ 
trations used. Taking the values obtained with the mannite concentra¬ 
tion of 0.10 millimole per cubic centimeter, a plot is made in figure 2 of 
the dependence of the oxygen absorption rate and the peroxide decom¬ 
position rate on the initial peroxide content. The rate of disappearance 
of peroxide appears as directly proportional to the amount of peroxide 
initially present. The same is not true, however, for the rate of oxygen 
absorption, as the oxygen up-take at the higher peroxide concentrations is 
less than that necessary for direct proportionality. Such conduct can be 
explained on the basis that at sufficiently high peroxide content the perox- 
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ide is not completely efficient in sensitizing the oxidation. Some of the 
peroxide may be decomposed with evolution of oxygen, thereby causing an 
apparently slower rate of oxygen up-take. 

Emphasis has been laid on the important fact that at sufficiently high 
mannite content, the rates of peroxide decomposition and oxygen absorp¬ 
tion become independent of the mannitol concentration. As pointed out 
in the introductory paragraphs, the existence of such a range suggests that 



Fia. 1. The Dependence or Reaction Rate on Mannite Concentration 

Concentration in millimoles per cubic centimeter; reaction rates in millimoles per 
minute. 

I. Oxygen absorption. The negative coordinates indicate oxygen evolution. 

II. Hydrogen peroxide decomposition. 

very nearly every photodecomposed peroxide molecule starts off an oxidar 
tion process, and therefore comparison of the two rates of reaction obtaining 
in this region of mannite concentration should serve as a measure of the chain 
length. The figures for the ratio of the rates of oxygen absorption to peroxide 
decomposition have been calculated over the whole range and are recorded 
in table 1. These bring out the fact that a maximum of two oxygen mole¬ 
cules is absorbed for each peroxide molecule decomposed, this maximum 
being attained under the most favorable conditions. 
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The optimum ratio of two oxygen molecules absorbed for each peroxide 
molecule decomposed indicates that chains are not set up in the oxidation 
process. On the accepted basis (5) that photodissociation of a peroxide 
molecule results in two hydroxyl radicals, each hydroxyl must induce the 
absorption of but one oxygen molecule. The scheme previously given in 
the introduction would indicate at least a one to one ratio of hydroxyl pro¬ 
duced to oxygen absorbed, and suggests that a much higher ratio is possible. 
The magnitude of the ratio will depend, of course, on the relative efficiencies 



Fia. 2. The Dependence of Reaction Rate on Hydrogen Peroxide 

Concentration 

Concentration in millimoles per cubic centimeter; reaction rates in millimoles 
per minute. 

I. Oxygen absorption. II. Hydrogen peroxide decomposition. 

of the chain propagating process to the various possible chain breaking 
reactions, and low ratios are not impossible. Therefore, although the 
evidence indicates that for the oxidation of polyalcohols a chain mecha¬ 
nism is unnecessary, the original scheme for the photosensitization cannot 
be excluded. The fact that photodissociation of peroxide causes absorp¬ 
tion of oxygen is explicable on a mechanism of the Haber-Willstatter type 
involving hydroxyl. 

The formation of acid during the oxidation of the mannitol occurs in a 
reasonable manner. At the low mannite concentrations, very nearly all 
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of the oxygen and peroxide used up appears as acid formed. Furthermore, 
the indications are that oxidation of both primary alcohol groups of the 
mannite molecule takes place, for slightly less than two moles of acid are 
formed/ for each mole of polyalcohol originally present. In the high manni¬ 
tol concentration range, the amount of oxygen used up cannot be accounted 
for quantitatively as acid. Only partial oxidation to an aldehyde stage 
must occur in such cases. This is to be expected, as the concentration 
relationships favor the probability of oxidation of a new polyalcohol mole¬ 
cule rather than of one already partially oxidized. However, the fact that 
some acid is formed, as well as the observations at low mannite concentra¬ 
tion, indicate that the specific oxidation rate of the first reaction product 
is greater than that of the mannitol itself. 

The fact that oxidation proceeds to an acid does not affect in any way 
the conclusion drawn concerning the chain length in the reaction. The 
aldehyde oxidation to the acid stage was supposed by Haber and Willstat- 
ter to proceed in the same manner as the alcohol oxidation, and the im¬ 
portant point is that each peroxide molecule induces the absorption of 
only two oxygen molecules, whether these go to oxidize aldehyde or alcohol. 

Several rims were made in an attempt to determine the effect of an in¬ 
hibitor on the photosensitized oxygen absorption. Ethylamine was the 
only substance tried; it has been shown to be a very eflScient inhibitor for 
the photolysis of peroxide (1) and at the same time exhibits no ‘^internal 
light filter’^ effects. Experiments were performed with hydrogen peroxide 
and mannitol concentrations of 0.052 and 0.10 millimole per cubic centi¬ 
meter, respectively. 

At an ethylamine concentration of 0.01 millimole per cubic centimeter, 
the oxygen absorption rate was decreased, for example, from the normal 
value of 0.302 cc. per minute to 0.254 cc. per minute; at the same time the 
peroxide decomposition rate was increased from 0.0092 millimole per 
minute to 0.180 millimole per minute. These figures represent a 16 per 
cent decrease and almost a 100 per cent increase, respectively. Similar 
results, but of lesser magnitude, were obtained at an ethylamine concen¬ 
tration of about 0.002 millimole per cubic centimeter. 

The reason for the acceleration in the peroxide decomposition rate is 
not clear. The fact is known that ethylamine increases the thermal de¬ 
composition, probably because the solution is rendered alkaline, and a 
similar effect may enter here. In any event, this acceleration does not 
result in efficient sensitization of the mannitol to oxygen absorption. In 
fact, destruction of the peroxide with partial evolution of oxygen must 
occur, rendering an apparently slower oxygen absorption rate. These 
effects with ethylamine as an inhibitor do not, therefore, influence the 
previous result, namely, that reaction chains are not present in the 
oxidation. 
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SUMMARY 

1. The oxidation of aqueous mannitol solutions by oxygen, photosensi¬ 
tized by hydrogen peroxide, has been investigated over a range of mannitol 
and peroxide concentrations. 

2. At sufficiently high mannite concentrations, the rates of both the 
oxygen absorption and peroxide decomposition become independent of the 
mannite concentration. 

3. In such a concentration range, but two oxygen molecules are absorbed 
by the mannitol solution for each peroxide molecule disappearing. 

4. It follows that the photosensitized oxidation is not a chain process. 

5. The bearing of the observations on the Haber-Willstatter theory of 
alcohol and aldehyde oxidation is discussed. 

The author wfshes to express his sincere thanks to Professor Hugh S. 
Taylor for his assistance and interest during this work. 
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fellowship under which this research was carried out. 
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11. THE ADSORPTION OF CALCIUM AND COPPER FROM 
AMMONIACAL MEDIUM BY SILICA GEL^ 

1. M. KOLTHOFF and V. A. STENGER 
School of Chemistryf University of Minnesota, Minneapolis, Minnesota 
Received July 21^, 1933 

A detailed study has been made of the adsorption of calcium hydroxide 
alone and of copper hydroxide and of calcium hydroxide in the presence of 
ammonia and ammonium salts by silica gel with the purpose of finding 
out in what forms the cations are held at the surface of the gel. 

The gel used and the general procedure followed are described in previous 
communications (5, 6). 


ANALYTICAL 

The amount adsorbed was determined by analysis of the supernatant 
liquid and of the solution obtained after extraction of the washed gel with 
a known volume of standard acid. Calcium was determined by the oxalate 
procedure, ammonia in the absence of copper volumetrically by oxidation 
with calcium hypochlorite, and copper iodometrically. It was found that 
ammoniacal copper solutions on standing give rise to the formation of ni¬ 
trite, which interferes badly with the A olumetric determination. The in¬ 
terference was eliminated by removing the nitrite by evaporation with sul¬ 
furic acid. If the presence of nitrite is ignored, deviating results may 
be obtained from the direct iodometric analysis. A solution originally 
0.0522 molar in copper, 0.02 molar in ammonium chloride, and 1.1 molar 
in ammonia gave an iodometric titer of 0.0522 after three days, 0.0538 after 
seven days, 0.0568 after twelve days, 0.0588 after nineteen days. After 
seven months the results of the titration were inconsistent, but at least 20 
per cent high. 


ADSORPTION OF CALCIUM HYDROXIDE 

Although the solubility of the silica gel in calcium hydroxide solutions 
was very small, no adsorption equilibrium could be attained even after long 
periods of shaking. This is clearly shown by the curves in figures 1 and 2. 

In the former case 0.5 g. of gel and in the latter 0.2 g. of gel was shaken 

^ From a thesis submitted by Vernon A. Stenger, J. T. Baker Fellow in Analytical 
Chemistry, 1932-1933, to the Graduate School of the University of Minnesota in 
partial fulfillment of the requirements for the degree of Doctor of Philosophy, 1933. 
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Fig. 1. Time Effect. Adsorption of Calcium Hydroxide 



Mxy/fs s5/K4/ceA/ 

Fig. 2. Time Effect. Adsorption of Calcium Hydroxide 
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with 100 cc. of solution. The calcium hydroxide is strongly adsorbed by 
the gel; however, since the calcium silicate formed is insoluble, the adsorbed 
base obstructs the capillaries and inhibits or prevents the diffusion of more 
base into the interior of the gel. 

In order to compare the adsorption of calcium hydroxide with that of 
alkali hydroxides, experiments were made in which 0.5 g. of gel was shaken 
for four hours with hydroxide solutions. The results are plotted in figure 3 
of the previous paper (6) and given here in table 1. 

MIXTURES OF CALCIUM HYDROXIDE AND AMMONIA 

The adsorption of calcium and ammonium hydroxides was determined 
after various periods of shaking. Even after seven days of continuous 
shaking, no adsorption equilibrium was attained, as can be seen from the 
curves in figures 3 and 4. 


TABLE 1 

Adsorption of calcium hydroxide 


0.5 g. of gel; 4 hours of shaking 


CONCENTRATION OF Ca(OH)t 


Ca(OH )2 AD 80 KUED 

Initial 

Final 


Analysis solution 

i Analysis extract 

iV 

N 

per cent 

milliequiv per gram 

milheqmv per 
gram 

0.00535 

0.0012 

4 07 

0 87 

0 93 

0 0111 

0 0033 

4 34 

1 64 

1.64 

0.0221 

0 0138 

0 86 

1 68 

1 69 

0.0227* 

0 0186 

2 66 

2 10 

2 12 

0.0356 

0 0271 

1 16 

1.72 

1 71 

0.0443 

0 0339 

1 47 

2 10 

! 

2 03 


* 0 2 g. of gel used. 

The points of the curves in figure 3 were obtained by shaking 0.5 g. of 
gel with 100 cc. of 0.022 N calcium hydroxide in 0.0375 N and in 0.75 N 
ammonia, respectively. The points in figure 4 were obtained by shaking 
0.2 g. of gel with the same solutions. The molar ratio of ammonia to cal¬ 
cium hydroxide adsorbed decreases with the time of shaking. For com¬ 
parison with the adsorption of the ammino copper complex, it is of interest 
to report some results. This is done in table 2. 

The adsorption of calcium hydroxide, or more probably its speed of 
adsorption, increases with increasing concentrations of ammonia in the 
solution. A maximum is reached in about 0.3 N ammonia, and with in¬ 
creasing concentration of the latter, the adsorption of calcium hydroxide 
decreases (see figure 5). This is easily seen from some results reported in 
table 3 after a shaking period of four hours. 

In order to be able to compare the adsorption of calcium with that of 
copper from ammoniacal medium, experiments have been made with 
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Fig. 3. Time Effect. Adsorption from Calcium Hydroxide-Ammonium 
Hydroxide Mixtures 



Fig. 4. Time Effect. Adsorption from Calcium Hydroxide-Ammonium 
Hydroxide Mixtures 
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TABLE 2 


Adsorption of calcium hydroxide and ammonia (time^adsorpiion) 
0.2 g. of gel; concentration of Ca(OH) 2 , 0.0227 N 


TIME OP 
SHAKING 

FINAL NORMALITY 

! 1 

1 1 

1 GEL DI3- 1 

j SOLVED 1 

1 

1 BASE ADSORBED 

MILLlEQUIVALENTS PER GRAM 

MOLAR 

RATIO 

NHa 

Ca(On)j 

ADSORBED 

Ca(OHh 

NH4OH 

Total base 

Ca(On)2 

NHa 



Initial concentration of NH 3 = 

= 0.037 N 



hours 

4 

1 N 

0 0172 

N 

0 0368 

per fent 

2 5 

3 08 

2 81 

0 27 

0 19 

12 

0 0156 

0 0366 

3 1 

3 97 

3 63 

0 34 

0 19 

24 

0 0146 

0 0364 

3 3 

4 53 

4 17 

0 36 

0 17 

168 

I 0 0102 

0 0364 

4 7 

6 75 

6 37 

0 38 

0 12 



Initial concentration of NH 3 = 

0.75 A 



4 

0 0178 

1 

2.3 

4 63 

2 41 

2 22 

1 84 

12 

. 0 0163 

— 

2 8 

5 72 

3 32 

2 40 

1 45 

24 

0 0158 

— 

2 8 

5 87 

3 45 

2 42 

1 40 

lOS 

0 0114 

— 

4 9 

8 66 

5 83 

2 83 

0 97 


TABLE 3 

Adsorption of calcium hydroxide and anunonia {influence of concentration of ammonia 
0.5 g, of gel; 100 cc, of solution; 4 hours of shaking 


1 

INITIAL NORMALITY | 

FINKL NORMALITY 

(.EL DIS¬ 
SOLVED 

BASE ADSORBED 

1 MILLl EQUIVALENTS PER (.RAM 

MOLAR 

RATIO 

NHa 

Ca(OII)2 

ADSORBED 

(’H (011)2 

NHa 

Ca(()H)2 

NHa 1 

"I otal 

Ca(()H)2 

1 NHa 

N 

0 0111 

iV 

0 

N 

0 0033 

N 

0 

per cent 

4 3 

1 64 

1 64 

_ 

_ 

0 0109 

0 0185 

0 0023 

0 0179 

5 6 

1 97 

1 80 

0 17 1 

0 19 

0 0109 

0.0376 

0 0018 

0 0363 

5 7 

2 24 

1 94 

0 30 

0 31 

0 0221 

0 j 

0.0138 

0 

0 9 

1 69 

169 ; 

__ 

— 

0 0222 

0.0183 

0.0119 

0 0178 

1 3 

2 19 i 

2 05 

0 14 

0 14 

0 0222 

0.0374 

0.0108 

0 0365 

1 1 

2 52 

2 28 

0 24 

0 21 

0 0217 

0 0750 

0.0086 

0 0731 , 

1 0 

3 06 

2 62 

0 44 

0 34 

0 0180 

0.250 

0 0030 

0 25 

2 3 

4 06 

3 01 

1 05 

0.70 

0.0180 

0 50 

0 0038 

0 50 1 

2 0 

4 48 

2 86 

1 62 

1.1 

0.0180 

1.00 

0 0066 

1 0 

1 1 1 

4 65 

2 25 

2 40 

2 1 


mixtures of calcium chloride and ammonia, some in the presence of am¬ 
monium chloride. The results are given in table 4. 

The tremendous inhibiting effect of the excess of ammonium salt upon 
the adsorption of calcium hydroxide is clearly demonstrated by the curves 
in figure 6. 
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Fig. 5. Four-hour Adsorption from Ammonium Hydroxide-Calciuia Hydroxide 

Solutions 


TABLE 4 

Adsorption of calcium hydroxide and ammonia from mixtures of Q.0SB9 N calcium 
chloride^ ammonia^ and ammonium chloride 
0.2 g. of gel and 100 cc. of solution 


TIMK 

SHAKEN 


FINAL NORMAUTY 


Ca 


NH, 


OBL DIS- 
80LVBD 


BASS ADSORBED 
MILLIBQUIVALENTS PER ORAM 

Total 

Ca(OH), 

NH» 


MOLAR 

RATIO 

NHi 

Ca(OH)i 

ADSORBED 


Concentration of NH 3 * 0.0373 N 


hours 

4 

N 

0.0189 

Wi 

per cent 

9.1 

2 61 

2.27 

0.34 

0.30 

12 

0.0175 

l£S9 

12 1 

3 46 

3 10 

0.36 

0.23 

24 

0.0175 


11.7 

3.57 

3 21 

0.36 

0.22 

168 

0.0161 

0 0298 

11.8 

4.36 

3 97 

0 39 

0.20 


Concentration of NH 3 »■ 0.75 AT 


4 

WSM 

imH 


5.06 

■9 

1.99 

1.30 

24 



6 5 

6 26 

Kill 

2,19 

1.08 

335 


HU 

9 0 

8.31 

4.99 

3.32 

1.33 


Concentration of NH, - 0.75 N; of NH 4 CI - 0.75 N 


4 

0.0220 

HHjjH 

— 

3.04 

0.63 


7.65 

12 

0.0217 



3.44 

0.84 


6.20 

24 

0.0216 



3.58 

0.91 


5.86 

168 

0 0214 



3.85 

0.99 


5.78 

335 

0.0214 



5.15 

0.92 

4.23 

9.20 














ADSORPTION OF CALCIUM AND COPPER 


481 



Fig. 6. Time Effect. Adsorption from Calcium Chloride-Ammonium 
Hydroxide-Ammonium Chloride Solutions 

TABLE 5 

Adsorption of copper and ammonia (lime effect) 

0.2 g. of gel and 100 cc. of solution containing 0.025 M Cu(NH 8 ) 4 S 04 and excess of 
ammonia and ammonium chloride 


TIMB OK 
8HAK1NC» 

INITIAL NOKMAI.ITY 

FINAL COP- 
PBR MO¬ 
LARITY 

GEL DIS¬ 
SOLVED 

BARE ADSORBED 
MILLIEQCIVALENTS PER GRAM 

MOLAR 

RATIO 

NIL Cu 

ADSORBED 







NHs 

NH4CI 



NHs 

Cu(C)H)j 

Total 

hours 

4 

.V 

0 10 

TV 

0 

M 

0 0229 

p(r cent 

4 7 

2 94 

2 28 

5 22 

2 6 

24 

0 1 

0 

0 0220 1 

4 5 

3 76 

3.14 

6 90 

2 4 

168 

0 1 

0 

0 0183 

95 

4 65 

7 52 

12 17 

1 2 

672 

0 1 

0 

0 0171 

8 6 1 

4 71 

8 70 

13 41 

1 1 

4 

0 1 

0 50 

0 0240 

5 7 

2 58 

1 12 

3 70 

4 6 

24 

0 1 

0 50 

0 0236 1 

10 1 

3 20 

1 72 

4 92 

3 7 

168 

0 1 

0 50 

0 0235 

10 1 

3 26 

1 80 

5 06 

3 6 

672 

0 1 

0 50 

0 0234 

9 0 

3 01 

1 81 

4 82 

3 3 

4 

0 75 

0 

0 0223 

12 7 

5 15 

3 18 

8 33 

3 2 

24 

0 75 

0 

00218 

26 0 

6 55 

4 22 

10 77 

3 1 

168 

0 75 

0 

0 0190 

27 8 

7 29 

8 40 

15 69 

1 7 

672 

0 75 

0 

0 0184 

29 0 

8 41 

9 34 

17 75 

1 8 

4 

0.75 

0 50 

0 0243 

6 8 

3 52 

0 80 

4 32 

8 8 

24 

0 75 

0 50 

0 0239 

14 6 

4 38 

1 30 

5 68 

6 7 

168 

0 75 

0 50 

0 0240 

13 1 

4 46 

1 24 

5 70 

7 2 

672 

0 75 

0 50 

0 0240 

13.6 

5.74 

1 18 

6 92 

9 7 


Finally a set of experiments was carried out with mixtures of calcium and 
sodium hydroxide. Both bases were adsorbed, the adsorption of each of 
them being decreased by the presence of the other. 
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ADSORPTION OF COPPER FROM AMMONIACAL SOLUTION 

The adsorption of the copper and total ammonia (as complex copper ion 
and free base) depends upon the time of shaking, and the concentration of 
copper, ammonia, and ammonium salt in the solution. From the results 


TABLE 6 

Adsorption of copper and ammonia from mixtures with various concentrations of 

ammonium chloride 


0.5 g. of gel with 100 oc. of solution 0.025 M in Cu(NH 8)4 SO 4 ; 4 hours of shaking 


INITIAL CONCBNTBATIONS 

FINAL Cu 

GEL DIS¬ 
SOLVED 

BASE ADSORDED 
MILLIEQVIVALSNT8 PER ORAM 

OF GEL 

MOLAR 

RATIO 

NHs 

r’i./'r'iwu 

NHo 

NH4CI 



NH3 

Cu(OH)t 

Total j 

ADSORBED 

N 

0.1 

N 

0 

.V 

0.0197 

per cent 

1.7 

2 75 

2 18 

4 93 

2 5 

0.1 

0 1 

0 0195 

3 6 

2 68 

2.23 

4 91 

2 4 

0.1 

0 5 

0 0221 

4 3 

2 30 

1.25 

3 55 

3.7 

0 1 

1.0 

0 0232 

4 3 

2 15 

0 75 

2 90 

5 7 

0.4 

0 

0 0177 

5.9 

3 70 

3 28 

6 98 

2 3 

0.4 

0 5 

0 0222 

4.8 

2.92 

1.10 

4 02 

5 3 

0.4 

1.0 

0 0235 

4 2 

2.57 

0.54 

3 11 

9 5 

0.75 

0 

0 0189 

10 8 

4 62 

3.02 

7 64 

3 1 

0 75* 

0 

0 0223 

12 7 

5 15 

3.18 

8 33 

3 2 

0.75* 

0 5 

0 0243 

6.8 

3.52 

0 80 

4 32 

8 8 

1.0 

0 

0 0192 

14.1 

4 90 

3 00 

7 90 

3 3 

1.0 

0.5 

0 0227 

6.7 

3 50 

0 94 

4 44 

7 4 

1.0 

1.0 

0 0238 

6.2 

3 11 

0 46 

3.57 

13 5 


* 0.2 g. of gel taken. 



A/MfOA/ /Vc^^AL/ty: 
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Fig. 7. Four-hour Adsorption from Cu(NHi)4S04-NH40H-NH4C1 Solutions 



ADSORPTION OF CALCIUM AND COPPER 


483 


in table 5 it is evident that no adsorption equilibrium is attained even after 
a long period of shaking. The molar ratio of ammonia to copper adsorbed 
decreases continuously with the time of shaking. 

Ammonium chloride decreases the adsorption of copper and of the total 
base very strongly. This is clearly demonstrated by the figures in table 6 
and the curves plotted in figure 7. 

DISCUSSION OF THE RESULTS 

1. Calcium hydroxide is much more strongly adsorbed by silica gel than 
the alkali hydroxides are. This could be expected, since the calcium sili¬ 
cate formed at the surface is very slightly soluble. From the investigations 
of Michaelis (8), Kiihl and Wang Tao (7), and especially of Baylis (1), and 
of van der Burgh (9) there is no doubt that silica and lime react in a chemi¬ 
cal way. The last author found that if enough calcium hydroxide is 
supplied to the lime a compound is formed with a molecular ratio of Si 02 
to CaO of 1:1, which is in equilibrium with a solution of 0.003 to 0.004 N 
calcium hydroxide. This compound can take up more lime (final molecu¬ 
lar ratio, 1.4 CaO: 1 Si02). In our experiments there was always a large 
excess of silica, and the final concentration of the calcium hydroxide was 
often found to be smaller than 0.001 N, Therefore the concentration of 
calcium hydroxide in equilibrium with the solid phases, silica and calcium 
silicate, must be much smaller than that given by van der Burgh. In our 
experiments with calcium hydroxide alone and with mixtures containing 
ammonia, equilibrium was not attained even after ten days of shaking. 
This can be explained by the formation of insoluble calcium silicate in the 
pores of the gel resulting in a much slower rate of diffusion of the electro¬ 
lyte in the interior of the gel. 

2. Addition of ammonia promotes the adsorption of calcium hydroxide. 
At a concentration of ammonia of about 0.3 N, the lime adsorption reaches 
a maximum. At such high concentrations of ammonia the latter exerts a 
replacing effect upon the adsorbed calcium hydroxide, similar to that dis¬ 
cussed in a previous paper (6). 

Charriou (4) found the same effect of ammonia upon the coprecipitation 
of calcium with hydrous ferric oxide. The amount of calcium coprecipi¬ 
tated first increases, then reaches a maximum, and finally decreases with 
increasing ammonia concentration in the solution. He attributes the de¬ 
crease to the formation of a complex compound between ammonia and 
calcium. However, from a special study to be reported later, it could be 
concluded that calcium hydroxide does not form complex compounds with 
ammonia even if the concentration of the latter is 2 N in the solution. It 
remains to be explained then why ammonia in smaller concentrations favors 
the adsorption of calcium hydroxide by silica gel. In the first place, it has 
to be considered that ammonia is much faster adsorbed than calcium hy- 
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droxide. It also exerts a dissolving effect and thus widens the pores of the 
gel. In order to prove this assumption, experiments were made in which 
the gel was shaken two hours with 0.1 iNT ammonia and then quickly washed 
with dilute acid and water. By such a process the adsorbent properties 
of the gel for calcium hydroxide had markedly increased, but not enough 
to account for the large effect noticed in the experiments described in 
table 3. Therefore, we have to assume that the adsorbed ammonia favors 
the chemical reaction between silica and lime. A solution of silica in dilute 
ammonia yields a white flocculent precipitate of calcium silicate upon the 
addition of calcium hydroxide. Such a precipitate is not noticed outside 
of the gel in the experiments with mixtures of calcium hydroxide and dilute 
ammonia. However, this reaction takes place in the interior of the gel, 
the adsorbed ammonia forming ammonium silicate, which has a tendency 
to diffuse out. On its way it meets the calcium hydroxide and forms the 
insoluble silicate in the interior of the gel. In many cases the gel becomes 
opaque by the calcium silicate formed. Summarizing then, the ammonia 
by its dissolving effect upon the gel widens the pores, and the ammonium 
silicate formed reacts in a chemical way with the calcium hydroxide in the 
interior of the gel. 

3. Addition of ammonium salts decreases the pH and increases the solu¬ 
bility of the calcium silicate very markedly. Consequently, the adsorp¬ 
tion of calcium hydroxide is strongly decreased by addition of ammonium 
chloride to a mixture of calcium chloride and ammonia. In a previous 
paper (6) a similar effect has been described of the influence of ammonium 
salts upon the adsorption of potassium hydroxide from a mixture of potas¬ 
sium chloride and ammonia. 

4. The molecular ratio of ammonia to copper adsorbed is much greater 
than that formed under comparable conditions with ammonia and calcium. 
This and the dark blue color of the gel indicate clearly that the copper is 
first adsorbed as ammino complex. It is hard to say which complex of 
copper is adsorbed, since the ratio of NHs to Cu decreases with the time of 
shaking, whereas certainly part of the ammonia is adsorbed as such (com¬ 
pare with the adsorption of ammonia in the mixtures containing calcium). 
Berthon (2) claims that the copper is adsorbed as diammino complex by 
silica gel. As he made experiments after tw^enty-four hours of shaking 
only, it was quite accidental that he found a molecular ratio of ammonia to 
copper adsorbed of 2 to 1. Since part of the ammonia is certainly adsorbed 
as such, the ammonia content of his complex must have been less than two 
molecules per one copper. Experiments have been made in 0.1 ammonia 
as reported in table 5, but in which the analyses were made after 15 min¬ 
utes, 1 hour, and 2 hours of shaking. The molar ratios of ammonia to 
copper adsorbed were 3.6, 3.0, and 2.7. After one month of shaking the 
ratio decreased to 1.1. With higher concentrations of ammonia higher 
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ratios are found; here, however, the amount of uncombined ammonia ad¬ 
sorbed becomes much greater. From the figures in table 5 and by com¬ 
parison with those in table 3 one may infer that at small ammonia concen¬ 
tration the copper is originally adsorbed as tri- or di-ammino complex. On 
further shaking this complex loses ammonia and finally approaches the 
composition of the monoammino complex. J. Bjerrum (3) from an ex¬ 
tensive study concluded that various complex copper ammino ions exist, of 
the general formula 


Cu(NH3),(H20)4-x^ 

in which x may vary from 0 to 4. Upon prolonged electrodialysis practic¬ 
ally all the ammonia could be removed from the gel, whereas all the copper 
remained behind.^ The color of the gel during this process changed from 
blue to green. Originally all the copper in the solution was present as 
ammino complex. Therefore, first of all it had to be adsorbed as Cu(NH8)x 
(H20)4 ~x (0H)2 or more likely as Cu(NH3)x(H20)4.-x SiOs, in which x had 
a value of approximately 2. This silicate is not in equilibrium with the 
solution, and on standing is transformed into Cu(NH 3 )(H 20 ) 3 Si 03 . A 
different equilibrium therefore exists at the interface than in the solution. 
On electrodialysis the complex is forced to give off its last molecule of 
ammonia and the least soluble compound, aquo copper silicate, remains 
behind. The fact that the copper originally is adsorbed as ammino com¬ 
plex is also quite evident from the influence of ammonium chloride. The 
latter decreases not only the adsorption of the copper but also that of the 
ammonia very markedly (table 6), whereas in the case of calcium, which 
does not form a complex, the adsorption of ammonia is slightly increased 
(table 4). 

5. The adsorption of calcium from ammoniacal solution is strictly com¬ 
parable with that of copper, with the understanding that the former is 
primarily adsorbed as aquo ion and the latter as ammino ion which on 
standing returns ammonia to the solution. 

SUMMARY 

1. It has been explained why ammonia up to concentrations of 0.3 N 
promotes the adsorption of calcium hydroxide by silica gel. 

2. The adsorption of calcium and copper is greatly decreased by the 
addition of much ammonium salt. 

3. Copper from dilute ammoniacal solution is adsorbed as a complex 
ammino ion. At the surface it forms a silicate Cu(NH 3 ) 2 (H 20 ) 2 Si 03 , 
which on standing is transformed into Cu(NH3)(H20)3Si0s. Upon elec¬ 
trodialysis in water it loses its last molecule of ammonia. 

* Experiments performed by Dr. W. G. Mitchell. 
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ON THE ORIGIN OF THE ACTINIUM SERIES OF RADIOACTIVE 

ELEMENTS. IP 

A. V. GROSSE 

Kent Chemical Laboratory^ University of Chicago^ Chicago^ Illinois 
Received September 18^ 1933 

We have recently discussed the origin of the actinum series in the light 
of F. W. Aston’s mass spectrum analysis of uranium leads and our own 
measurements of the protoactinium: uranium ratio (12). 

In the meantime, F. W. Aston has communicated new results at the 
Chicago meeting of the American Association for the Advancement of 
Science and has just published them (4). His results give fresh support 
to the actino-uranium theory and its discussion is warranted, especially 
since at the same meeting other views on the actinium series and their 
bearing on geological time measurements were expressed and our conclu¬ 
sions were far from being accepted. 

I. THE ACTINO-URANIUM THEORY AND DISCUSSION OF LATEST RESULTS OF 

F. W. ASTON 

The actino-uranium theory can be summarized as follows: The actinium 
series is independent of the uranium-radium series and is derived from 
actino-uranium (Ac-U), an isotope of uranium, which has a period equal 
to 4.0 X 10^’ years and which occurs in all the uranium minerals in a con¬ 
stant ratio to uranium I (U-I), independent of their age. The ratio of dis¬ 
integrating atoms of actino-uranium to uranium I at our present geological 
epoch equals 4,0:100. 

Aston’s recent results on uranium leads, the chemical analysis of the 
minerals from which they were extracted, and other data pertaining to 
these minerals are given in table 1, which is also a continuation of table 1 
from a preceding paper (Paper I, see reference 12). 

The results with the Morogoro lead (column 4) are in complete agree¬ 
ment with the predictions of the actino-uranium theory, and the percentage 
of actinium D atoms found in this lead (7.4) is exactly the one to be ex¬ 
pected from its age. (See figure 1, Paper 1.) 

The analysis of this lead is especially ^^aluable because it is, like the Ka¬ 
tanga lead, free from ordinary lead (as seen from the absence of the Pb^'^® 

1 Reported in part at the Chicago meeting of the American Association for the 
Advancement of Science, June, 1933. 
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line), and therefore, the total amount of found can be attributed, 
without any corrections, to actinium D. 

The analysis of the Thorite lead (column 6), kindly supplied by K. Fa- 
jans, allowed F. W. Aston (5) to determine the ''hydride effect,'’ i.e., the 
contamination of a Pb" with the Pb^“*H^ line. The effect was found to be 
2.3 per cent of the line intensity and this correction has to be made for all 
his measurements. 

We can also apply this correction to the Broeggerite lead, the first ura¬ 
nium lead to be analyzed by Aston (2), where the rather high values led A. 



Aqe of viraTiium mmeral m lo’' years 

Pig. 1. The Activity and Actinium D to Radium G Ratios as a Function of a 

Mineral's Age 

A =* ratio of actinium D to radium G in uranium lead determined directly by 
F. W. Aston with mass spectrograph. 

G *= ratio of protoactinium to uranium I disintegrating atoms or activity ratio 
determined by A. V. Grosse and I. D. Kurbatov. 

Holmes (13) to object to the actino-uranium theory. The corrected figures 
are given in column 7. From these the concentrations of radium G and 
actinium D are derived in the following way: W'e calculate the amount of 
thorium D from the thorium-content and approximate age of the mineral, 
and by subtracting it from the percentage of Pb^®« we obtain the amounts 
due to isotopes of ordinary lead. Correcting Aston's values for these, we 
obtain the real percentages of radium G and actinium D. They are given 
in two columns corresponding to the two still disputable values of the dis¬ 
integration constant of thorium, i.e., Xxh = 4.0 X or 6. 0 X 

10-11 a-i. 
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The mean value for actinium D (7.7) again lies on the theoretical curve 
at the point corresponding to its age, which we derive in the most exact 
possible way from the radium G: uranium I ratio. 

These results, combined with data of our previous paper are shown in 
figure 1. The agreement is far better than one could expect. The experi¬ 
mental results supplied by the mass spectrograph and the protoactinium: 
uranium activity ratio determinations can be explained satisfactorily only 
by the actino-uranium theory. 



ItTne m in 1 1 lion years 

Fig. 2. Activity due to Actino-ubanium and Uranium I as a Function op Time 
r,, « 4.4 • 10® years; value of International Radium Standard Committee, 1931 

Figure 2 shows the activity due to actino-uranium and uranium I, re¬ 
spectively, as a function of time, and illustrates the actino-uranium theory 
in a simple way. We see how rapidly the actino-uranium activity in¬ 
creases as we go into the past; for instance, at the time of formation of 
Wilberforce uraninite (987 X 10* years ago) about twenty-two atoms of 
actino-uranium disintegrated for every one hundred and eighteen atoms 
of uranium I, whereas now it has dropped to four per hundred; this high 
initial quantity of actino-uranium in an old mineral of course now mani- 
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fests itself in the large amount of accumulated actinium D in the uranium 
lead. 

Figure 2 is also instructive in another respect. The energy and heat 
evolution by members of the two series is directly proportional to the activ¬ 
ity of the mother element, and we see how important a part the actinium 
series played in the heat balance and geological processes of the earth's crust 
in the early days of its history. The theories of J. Joly, H. Jeffreys, and 
A. Holmes will have to be reconsidered from this angle. 

DISCUSSION OF OTHER THEORIES 

We take this opportunity to discuss two theories which arose from other 
investigations. 

1. A. Kovarik’s theory (14) that the relative amounts of actino-uranium 
to uranium I and uranium II are initially the same, in all uranium-bearing 
minerals, is inconsistent with our protoactinium: uranium I ratio determina¬ 
tions; besides, it implies the unnatural idea that if an old uranium mineral, 
in which the actino-uranium has already decayed, goes into solution and a 
new uranium mineral forms from it, the actino-uranium will again be 
present in the initial ratio, appearing, so to speak, spontaneously. 

2. E. R. Bishop (6, 8) and C. S. Piggot (16), interpreting the minima 
obtained from radioactive elements (1, 7, 10), using the magneto-optic 
method of F. Allison, have suggested schemes of four radioactive families, 
with eight isotopes of uranium, and Piggot (16) has discussed the •sig¬ 
nificance of these findings in geological age determinations. 

The radioactive schemes proposed contradict many well-established 
facts of radioactivity. 

The interpretation of the minima is open to many objections and we 
think a clarification of the problem can best be accomplished by the use 
of definite radioactive elements as indicators. 

The validity of the family schemes themselves can be easily checked with 
protoactinium. Contrary to the statement of E. Bishop (6) that no mem¬ 
ber of the actinium series has been isolated, pure protoactinium is avail¬ 
able in centigram quantities (11) and since, according to E. Bishop (6) 
and C. S. Piggot(16) four isotopes of protoactinium exist, all of which gave 
birth to isotopes of the new elements ^Virginium" and ^^alabamine," their 
appearance in protoactinium preparations could be easily verified. 

Even if the correctness of the family schemes suggested will be proven, 
which we doubt, the concentration and order of abundance of the individual 
isotopes still remain undecided. The statements concerning the last point 
are unclear and contradictory. The order of abundance of bismuth and 
thallium isotopes is absolutely against the mass spectrographic and chemical 
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atomic weight facts.^ The following is another example: Piggot (16) 
assigns a magneto-optic minimum to radium B or presumably formed 
from traces of uranium, which he states are always present in lead salts; 
a simple calculation shows that from these uranium traces only a fraction 
of an atom of radium B can be formed in the whole apparatus, which we 
doubt even the magneto-optic method will be able to detect. 

Under these circumstances, we consider the discussion of magneto-optic 
data premature. Even if they prove to be correct they would in no way 
affect the reliability of age determinations based on the experimental radium 
G: uranium I ratio. 

THE GREAT BEAR LAKE PITCHBLENDE AND THE ACTINO-URANIUM 
THEORY^S CRITERION OF ALTERATION AND LEACHING 

The only apparent exception to the actino-uranium theory is the Great 
Bear Lake pitchblende. It is reported (17) that this pitchblende has an 
age of about 1400 X 10^ years and belongs to the oldest known; it is further 
reported (15) that it has a chemical atomic weight close to 206, suggesting 
an unusually small content of actinium D in uranium lead in contradiction 
to the demands of the actino-uranium theory. 

On the other hand, this pitchblende shows definite signs of alterations; 
the mineral is tremendously brittle and traversed all over by veins, 
the larger ones seen with the unaided eye. Further, the lead:uranium 
rat^o varies very much from sample to sample, i.e., from about 0.19 to 
0.21, and in some cases reaches the limits 0.11 and 0.27 (17). 

Aston’s analysis (3) shows that the amount of actinium D is similar to 
the Morogoro and Broeggerite lead, indicating an error in the chemical atomic 
weight determination. Nevertheless the actual actinium D content is 
smaller than one would expect from the actino-uranium theory on the basis 
of its age, as given by the lead: uranium ratio. The theory demands, how¬ 
ever, a relationship as expressed by formula 2 of Paper I only for unaltered 
minerals. Since the demands of the theory have been, as far as we see, 
sufficiently proven by experimental evidence, we can safely conclude that 
the lead: uranium ratio (c5^0.20) does not give the real age of Great Bear 
mineral and some of the lead or uranium, or both, have been leached. We 
infer generally that if (in the age range up to 1 X 10® years) the age does 
not check with the actinium D : radium G ratio, leaching or alterations of 
some kind have taken place. 

* Magneto-optic data indicate Bi*“ and to be the most abundant isotopes, 
whereas Bi*®® is so far the only one found by Aston, in complete agreement with the 
chemical atomic weight 209.00; also the most abundant minimum of thallium is 
attributed to 207, whereas Aston (Proc. Roy. Soc. London 134A, 577 (1932)) and also 
H. Schtiler and J. E. Keyston (Naturwissenschaften 19, 320 (1931)) found only 205 
and 203, in agreement with the chemical atomic weight 204.39. 
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A safe estimate of the age of a leached mineral from this ratio alone is 
not possible, as the lead might be leached out to different extents at differ¬ 
ent times in the mineral's history; besides, there is always a possibility of 
infiltration of ordinary lead. This seems to be the case here as Pb*®® is 
present (= 2.3 per cent), which can not be thorium D, since thorium is 
reported absent in the mineral (17). Summing up, the Great Bear Lake 
lead, because of alteration, cannot be used as evidence against the actino- 
uranium theory; instead, we have in the experimental actinium D:radium 
G ratio, a new check for alteration in uranium minerals. 

FUTURE INVESTIGATIONS AND CONCLUSIONS 

It is very important to continue the mass spectrographic investigations 
of uranium and thorium leads so successfully started by F. W. Aston. The 
mass analysis of the lead halides, instead of lead methyl,® would be desir¬ 
able to avoid completely the correction due to hydride effect and to increase 
precision. 

Data on the oldest obtainable uranium leads from minerals unaltered as 
far as possible are especially desirable, to test the applicability of the actin¬ 
ium D: radium G ratio formula beyond a billion years. (The Manitoba 
uraninite, for instance, discovered by H. V. Ellsworth (9), with a lead/ura¬ 
nium = 0.27 should prove worth while). They might also be interesting in 
another respect: In case the experimental curve should deviate in that 
range from our theoretical it might indicate the existence of a second actino- 
uranium isotope (still a possibility as we mentioned in paper I), not yet in 
equilibrium with our present isotope. The Rutherford-Soddy disintegra¬ 
tion theory allows one to calculate in a simple way the ratio of actinium D 
to radium G for different possible cases; it would be, however, premature to 
discuss these points at the present time. 

Besides supplying dat a for the development of the actino-uranium theory, 
the mass analysis allows one to determine, besides the isotopic constitu¬ 
tion of the lead, the radium G: uranium I ratio, the exact age of the min¬ 
eral and the atomic weight of the lead in a much shorter time and with 
greater reliability and accuracy than a chemical atomic weight determi¬ 
nation. 


SUMMARY 

The latest mass spectrographic results of F. W. Aston with radiogenic 
leads are discussed and found to support completely the Piccard-Ruther- 
ford actino-uranium theory. 

It is pointed out that the interpretation of magneto-optic minima by E. 

* Perhaps the rapid advance in the Washburn method of concentrating H. Urey’s 
H* will soon allow the preparation of Pb(CH 3 ) 4 , where the hydride effect will of 
course not interfere in any way with the measurement of actinium D. 
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Bishop and C. Piggot and their schemes of radioactive families contradict 
well-established facts of radioactivity. 

The anomaly of the Great Bear Lake pitchblende Is traced back to 
alterations. 
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The object of the present investij^ation was to improve and simplify the 
pressure of displacement method for measuring adhesion tension (1,3, 4, 6, 
11, 12), to adapt it for use with softer and less rigid materials than had 
previously been employed, and to obtain additional adhesion tension data 
with hydrophilic solid systems. It had been found that maximum pressure 
values obtained with receding liquid columns were more reproducible and 
more readily obtained than those determined with advancing liquid col¬ 
umns (8, 9). Accordingly pressures were measured which were just suffi¬ 
cient to cause the liquid column in the compressed powder membrane to 
recede. 


APPAli.\TrS 

Since it had been found that the original hydraulic press method of 
packing cells caused crushing or cleaving of solid materials such as barite, 
new methods of packing the compressed powder membrane were studied. 
A tamping method of packing was finally adopted. Reproducible results 
were obtained by tamping even when the tamping plunger was operated 
by hand. Identical volumes were obtained by tamping the powder wet 
or dry. Hand tamping had the disadvantage that the force of impact of 
the packing plunger could not be measured in definite units, hence one in¬ 
vestigator had difficulty in reproducing the results of another. A mechani¬ 
cal tamping machine was constructed which could be regulated so as to 
give definite and reproducible degrees of packing. 

1'he cell to be packed was placed on a base, mounted on a stiff coil spring, 
which vibrated with each impact of the plunger. A packing guide directed 
the packing plunger as it fell into the cell. The plunger was raised by a 
small chain which passed through a pulley mounted above the cell. The 
pulley was adjustable and its position determined the distance of fall of 
the plunger. A rachet device attached to the chain released the packing 
plunger, which fell freely with each revolution of a hand-turned crank shaft. 
It was necessary to determine the weight of the packing plunger and the 
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distance of fall advisable for each solid. For the measurements with barite 
reported herein, a plunger weighing 360 g. was dropped 20 mm. fifty times 
with each added increment. About five 1-g. increments were used in the 



Pig. 1. Cell and Manometer Assembly 
A, displacement cell; li, indicator tube; C, bulb, intermediate section; D, mano¬ 
meter tube; E, auxiliary tube; F, mercury reservoir and drop control. 

preparation of the membrane. A circular disc of linen cloth was placed 
in the cell before packing and a second disc was placed over the powder 
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during the tamping process and was left in place after the last tamping. 
The tamping method of packing eliminated almost entirely difficulties 
previously encountered which were traceable to improperly packed cells. 

The displacement cell assembly used in this investigation is shown in 
figure 1. This apparatus is similar to that used by Bartell and Whitney 
(8). All measurements were made in a constant temperature thermostat 
held at 26°C. ± O.l^C. 


MATERIALS 

The liquids used in this investigation were acetylene tetrabromide, ben¬ 
zene, carbon tetrachloride, heptane, butyl acetate and water. The liquids 
were all purified before use. In general, the purification was not rigorous, 
but was sufficient to give a reasonably pure product. The surface and 
interfacial tension values were determined for all the liquids. 

The solid used was mineral barite, which contained less than one per 
cent of silicious material. The barite was heated in an electric oven for 
two hours at 400®C. and then ground in a ball mill. It was then washed 
with acetone (the very fine material was removed by decantation), dried 
for three hours at 110®C., and finally sifted through a series of screens to 
give definite particle size, 200 to 300 mesh. 

METHOD OF MEASUREMENT 

The graded powder was packed dry into the cell by tamping. The cell 
plunger was put in place and securely fastened. The liquid to be used 
was then drawn into the cell by suction until the powder was completely 
wetted, and the liquid column was caused to extend from the cell into the 
capillary indicator tube. For the pressure of displacement measurement 
of liquid-air systems the pressure was slowly built up by very fine drops of 
mercury which were caused to fall into the auxiliary arm E of the manom¬ 
eter D (see figure 1). As soon as the movement of liquid outward in the 
indicator tube was definite and constant, the auxiliary arm of the manom¬ 
eter was closed, leaving the manometer directly connected to the cell. 
The pressure in the manometer now continued to decrease as the liquid-air 
interface continued to move outward. Finally movement of the liquid 
column ceased and the pressure remained constant. This pressure was 
readily reproducible and was taken to represent the equilibrium pressure. 
The most consistent results were obtained when the interface was caused 
to come to rest near the middle of the membrane. 

Measurements with liquid-liquid systems were carried out in a similar 
manner. The membrane was first wetted with the displacing liquid (for 
hydrophilic solids, water). In this case the indicator tube, B, was left 
full of liquid. The second liquid (organic liquid) was put into the glass 
bulb, C, which formed the intermediate section between the cell and 
manometer. 
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It was necessary to eliminate air completely from the liquid-liquid inter¬ 
face. This was accomplished by making a connection to the end of the 
indicator tube and applying enough pressure to cause the liquid in the cell 
to move through the small metal tube leading to the intermediate section. 
This section containing the organic liquid was tilted so as to bring the two 
liquids together and the interface, now free from air, was forced back into 

TABLE 1 

Adhesion tension measurements with barite 
Air-organic liquid-barite 
r * 1.43 X 10-» cm. 


LlQmD 

B 


01* 

s* 

Alt 

Acetylene tetrabromide. 

grams 
per cwi*. 

57 7 

i 

0 822 

34** 

49.07 

40 5 

a-bromonaphthalene. 

56 9 

0 909 

25*^ 

44 00 

39 9 


P « Displacement pressure. 

Oia * Contact angle solid-organic liquid-air. 

028 “ Contact angle solid-organic liquid-water. 

S 2 = Siuface tension organic liquid. 

^28 Interfacial tension organic liquid against water. 
Ai 2 » Adhesion tension organic liquid against solid. 
Ai 8 » Adhesion tension water against solid. 


TABLE 2 

Adhesion tension measurements with barite* 
Water-organic liquid-barite 


UQUID 

P 

cos 

0M 

0JI 

-S*i 

Alt 

Acetylene tetrabromide. 

grams 
per cm*. 

50.7 

0.928 

22® 

38.32 


a-Bromonaphthalene. 

52.3 

0.883 

27® 

41 57 


Benzene. 

45.7 

0 935 

21® 

34 31 

44 3 

Heptane . 

61.8 

0.877 

28® 

49.40 

33.1 

Butyl acetate. 

16.8 

0 896 

26® 

13.17 

64.6 


* See footnote to table 1, 

the membrane. Final connections to the manometer were made by means 
of ground glass joints and the procedure from this point was exactly the 
same as described for liquid-air systems. 

DISCUSSION OP RESULTS 

A summary of the adhesion tension values obtained for the different 
liquids against barite is given in tables 1 and 2. Each of the values is 
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the average of several separate determinations. The equations used 
and methods of calculating results have been presented in previous 
articles from this laboratory. The three liquids, benzene, carbon tetra¬ 
chloride, and water were used to determine the pore radius (r). The radii 
as determined with these liquids showed excellent agreement. The ad¬ 
hesion tension values obtained for the series of liquids against barite were 
of the same order of magnitude as those which had been obtained for these 
liquids against silica (8) and against aluminum oxide (7). Table 3 gives 
the adhesion tension values obtained with five different liquids against 
these three different solids. In checking the data obtained in two hundred 
thirty-three different measurements made with these three different solids 
by the receding contact angle method, it was found that the largest aver¬ 
age deviation in any one system was less than 1.5 per cent. 


TABLE 3 

Comparison of adhesion tension values for hydrophilic solids 


SOLIDS 

a~ 

BROMO- 

NAPH¬ 

THALENE 

1 

APEXy- 

L£N£ 

TETRA- 

BROMIDE 

BENZENE 

BUTYL 

ACETATF. 

WATER 

Barite. 

39 9 

40 5 

44 3 

64 6 

76 4 

Aluminum oxide (7). 

40 1 i 

43 0 

45 0 

64 5 

76 7 

Silica (8). 

39 6 

42 8 

44 1 

64 5 

76 7 

Silica (2) (Single capillary method)... 

41 1 

43 3 

45 4 

66 6 

75 9 

Calcium fluoride (1). 

43.C 

— 1 

50 1 

65 2 

76 5 


The fact that these hydrophilic solids tend toward similar adhesion ten¬ 
sion values indicates that they possess free surface energy values of the 
same order of magnitude.' It has been noted also that these solids exhibit 
similar behavior in settling experiments. With a series of liquids the degree 
of packing of the powders of these different solids on settling is always in 
the same order and usually of the same magnitude. It would be unreason¬ 
able to assume that all the solids per se possess the same free surface energy 
values. It would be more reasonable to assume that their surfaces when 
exposed to atmospheric conditions become altered. Probably water Vapor 

^ Bartell and Osterhof (5) have pointed out that the adhesion tension values which 
they obtained for different liquids against Tripoli, based on a water-Tripoli value of 
81.5 dynes, are ab{)ut 6 dynes higher than the values obtained with the same liquids 
against other silicas by other investigators (2, 8). Their value of 81.5 dynes was 
established with the use of only one contact angle liquid, a-broinonaphthalene. We 
are inclined to believe that this one measurement is in error, inasmuch as the values 
they obtained with other liquids (assuming the reference value above mentioned to 
be in error) are similar to those obtained by other investigators. If it be true that 
this value is in error, it follows that the adhesion tension values of all the hydrophilic 
solids measured thus far give values of approximately the same magnitude. 
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is adsorbed. We are led to agree with other investigators ( 10 , 13, 15, 16) 
that a primary water film is tenaciously adsorbed on the surface of hydro¬ 
philic solids and that the water molecules are definitely oriented. 

Although considerable care has been exercised in all the displacement 
pressure researches in this laboratory to produce a reasonably clean sur¬ 
face on the solids used, it is doubtful if the procedure followed has prevented 
the formation of a water film (which may or may not be complete, i.e., it 
may be polymolecular or even monomolecular in thickness) on the capillary 
surfaces of the powdered membrane at some time before the final measure¬ 
ment was made. With the barite and aluminum oxide investigations con¬ 
ditions were certainly favorable for the formation of a complete water film, 
for the equilibrium pressure measurements were made by forcing the or¬ 
ganic liquid into membranes which were already wetted by water. Under 
these conditions, however, it could be shown experimentally that this film 
was such that it possessed properties different from those of a liquid in 
mass. For example, when the organic liquid was forced into the* water- 
wet barite membrane rapidly by building up an opposing pressure consider¬ 
ably above the equilibrium pressure and then the system allowed to come 
to an apparent equilibrium, in a short time a pressure was obtained which 
was the same as the pressure value demanded by a zero interfacial angle, 
that is a value of A 13 ~ A 12 equal to the interfacial tension value of the 
organic liquid-water system was obtained. This indicated the presence 
of a complete water film, having the properties of a plane surface of water. 
In other words, this procedure gave a method, as had been previously 
pointed out ( 8 ), for measuring interfacial tension of organic liquid against 
water in water-wet capillaries. On the other hand, if the opposing pressure 
was built up slowly so that the organic liquid displaced the water slowly 
and the equilibrium pressure was only slightly exceeded, then a stable 
equilibrium condition was finally reached at a pressure lower than that de¬ 
manded by the interfacial tension value. This indicated that a finite con¬ 
tact angle had formed and indicated further that no complete water film 
was present which possessed the property of a plane surface of water. The 
values given in tables 1 and 2 were obtained by the latter method. 

It bas previously been shown (2, 8 ) that the same values for adhesion 
tension of a given organic liquid against a solid are obtained by measure¬ 
ment of the solid-organic liquid-air contact angle as are obtained by meas¬ 
urement of the solid-organic liquid-water contact angle. The question 
may be raised as to the reliability of the adhesion tension data obtained 
with the pressure of displacement method, particularly with solids whose 
surfaces are not distinctly free from water films. Will data obtained en¬ 
able one to detect differences in surface conditions of a strongly hydrophilic 
solid? The answer is that the data obtained are indicative of the nature 
of the surfaces as they actually exist, and that such data do enable one to 
predict the behavior to be expected with solids possessing such surfaces. 
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SUMMARY 

A modification of the original pressure of displacement method for deter¬ 
mining adhesion tension, termed a receding contact angle method, is de¬ 
scribed in some detail. This method is far more rapid, is easier to operate, 
and can be used with less danger of experimental error than the original 
method. An improved method is described for the preparation of mem¬ 
branes from finely divided powders. This method involves packing of 
powder by tamping. A tamping apparatus is described which gives a uni¬ 
formly packed powder. The adhesion tension value of each of a series of 
liquids against barite is given. Comparison of the adhesion tension values 
of each of a series of liquids against each of several different hydrophilic 
solids shows that corresponding values are of very nearly the same magni¬ 
tude. From this fact the conclusion is drawn that the surfaces of strongly 
hydrophilic solids are covered with an adsorbed film of water which gives 
to these solid surfaces such properties that their measured free surface 
energy values are of the same order of magnitude. 
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For adhesion tension studies, solids may be divided into two classes, 
hydrophilic solids which are wet more readily by water than by organic 
liquids, and hydrophobic solids which are wet more readily by organic 
liquids than by water. 

Silica and oxides in general are hydrophilic. Carbon and various sul¬ 
fides are hydrophobic. Quantitative experiments on Prussian blue indi¬ 
cate that it has non-selective wetting properties and is wet as readily by 
organic liquids as by water. Different hydrophilic solids show different 
degrees of preferential wetting by water, and different hydrophobic solids 
show different degrees of preferential wetting by organic liquids. In the 
present investigation a series of solids was sought whose wetting character¬ 
istics would cover the range from the extremely hydrophobic type to the 
extremely hydrophilic type. A major aim of this investigation was the 
correlation of the changes in free surface energy which occur when such a 
series of solids is wet by liquids. 

Sulfides such as stibnite are slightly unstable at ordinary temperatures, 
and at slightly elevated temperatures they are readily oxidized. Prelimi¬ 
nary tests showed that ordinary stibnite, Sb 2 S 8 , was hydrophobic, though 
not so strongly hydrophobic as carbon. Samples of stibnite were there¬ 
fore subjected to successive limited oxidations to determine whether the 
material so treated could be caused to change its properties, step by step, 
from a hydrophobic solid to a hydrophilic solid. 

PREPARATION OF MATERIALS 

A quantity of relatively pure stibnite was ground and carefully graded. 
Samples of this stibnite will be referred to as stibnite A. Other samples 
of stibnite were prepared by heating stibnite A to 170®C. for different 
lengths of time. The series of stibnites was as follows: 

Stibnite A » Unheated, finely ground stibnite graded to 250 to 300 mesh and 
air floated. Mixed thoroughly in a rotating cylinder for 2 hours. 

Stibnite B « Stibnite A heated 1 hour 

Stibnite C * Stibnite A heated 2 hours 
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Stibnite D » Stibnite A heated 3 hours 
Stibnite E « Stibnite A heated 4 hours 
Stibnite F « Stibnite A heated 5 hours 
Stibnite G = Stibnite A heated 6 hours 
Stibnite H — Stibnite A heated 8 hours 

Stibnite I « Stibnite A heated 8 hours (400-420'‘C.) in a nitrogen atmosphere 
containing 0.7 per cent oxygen. This sample was graded to 
250 to 300 mesh, but was not air floated. 

Preliminary tests showed that stibnite I was hydrophilic and that each 
of the stibnites in the series with progressive degrees of oxidation was pro¬ 
gressively less hydrophobic than stibnite A. It was observed also that if 
stibnite I were treated with hydrogen sulfide gas for a few minutes at a 

TABLE 1 


Adhesion tension data for water against different stibnites 
Water-air-stibnitc system 
Sz = 72.08 dynes per centimeter 


STIBNITE 

r X 10'< CM. 

p 

cos Oi3 

Oij 

.413 

A 

8 52 

grams per cm'^ 

135 

0 785 

38° 

dynes per cm 

56 5 

B 

8 52 

137 

0 794 

37° 

57.2 

C 

8.52 

139 

0 806 

.TO” 

58 1 

D 

8 52 I 

144 

0 836 

33° 

60 3 

E 

8.52 

154 

0 890 

27° 

64 2 

F 

8 52 

159 

0 922 

23° 

66 5 

G 

8 52 

169 

0 979 

12° 

70 5 

H 

8 52 



0° 

76 0* 

I 

11 1 



0° 

77 1* 


* Values obtained from interfacial contact angle determinations. 


slightly elevated temperature, it could be converted back into the hydro- 
phobic t 3 T)e. 

In addition to the stibnite powders, aluminum oxide was also used. It 
was graded to 300 to 350 mesh by sieving. The powder was treated twice 
with boiling hydrochloric acid (Itl) and allowed to stand in contact with 
the acid for several hours. It was washed six times with hot distilled water 
and was then washed twenty times with boiling distilled water while being 
filtered. It was dried at 110°C., then heated at 400° to 480°C. for 2 hours. 
The powder was thoroughly mixed, then heated at 510° to 530°C. for 8 
hours and again mixed. 

LIQUIDS 

The water used was twice distilled and the accepted surface tension of 
72.08 at 25°C. was used in all calculations for water. 

The organic liquids used were very carefully purified and their surface 
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tensions and interfacial tensions against water were determined and used 
in all calculations. 


METHOD AND APPARATUS 

The displacement pressure cells and method used in this investigation 
for the determination of adhesion tension w^ere the same as developed by 


TABLE 2 

Adhesion i< nsion data for contact angle liquids against stibnites II and 1 


STIBNITE 

LIQriD 

rXlO i 

fM 

P 

! 

On 

rofi Oj2 

Si 

A 12 

1 

H I 

a-Bromoniiphthalcne 

8 52 

fjrams j 
per rm^. \ 

104 1 

8" 

0 988 

dynes 
per cm. 

44 00 

dyne*> 
pir cm 

43 5 

1 

«-Bromonaphthalene 

11 1 

73 5 

25° 

0 910 

44 00 

40 0 

1 

Acetylene tetrahromide 

11 1 

79 8 

i 

28° 

0 885 

49 07 

43 4 


TABLE 3 

Comparison of adhesion tension data of several liquids as determined against stihniie 

A and stibnite I 



STIBNITE A (r * 8 52 X 10’« cm ) 

STIBNITE I (r s= 

1 11 X 10-«CM ) 

i.mrii) 

Sur¬ 

face 

ten¬ 

sion 

In- 

terfa- 

cial 

ten¬ 

sion 

P 

Cos 

023 

Ad¬ 

he¬ 

sion 

ten¬ 

sion 

P 

Cos 

023 

Ad¬ 

he¬ 

sion 

ten¬ 

sion 

1. Water 

dynes 

per 

cm 

72 08 

dynes ; 
p<r 
cm 

grams 

ptr 

cm- 

135 


dynes 

per 

cm 

56 5 

grams 

per 

cm 


dynes 

per 

cm 

77 1* 

2. Isoamyl alcohol i 

22 90 

5 00 

8 12 

-0 679 

59 9 

5 70 

0 621 

74 0 

3. w-Butyl acetate 

24 06j 

13 17 

23 0 

-0 729 

66 1 

22.3 

0 923j 

64 9 

4. Benzene 

28 22 

34 31 

52 3 

-0 638 

78 4 

58 2 

0 924 

45 4 

5. Acetylene tetrahromide 

49 07, 

,38 32 

58 9 

~0 642 

81 1 

79 8 

— 

43 4 

0, a-Bromonaphthalene 

44 00 

41 57 

68 2 

-0 686 

85 0 

73 5 

— 

40 0 

7. n-Heptane 

19 80 

49 40 

69 9 

-0 592 

85 7 

81.4 

0 897 

32 8 


* Value obtained from interfacial contact angle determination. 


Bartell and Jennings (3). The temperature was maintained constant in 
an air thermostat at 25®C. zb 0.05°C. 

ADHESION TENSION AND CONTACT ANGLE MEASUREMENTS 

From pressure of displacement measurements it was found that with 
progressive oxidation of the stibnite surface, the contact angle between 
water and solid decreased progressively. This is show n from the data pre¬ 
sented in table 1. The adhesion tension values for water against all the 
solids except stibnite H and stibnite I w^erc determined directly from the 
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solid~liquid~air displacement pressure data (4) and the values obtained 
ranged between 56.5 and 70.5 dynes per centimeter. Adhesion tension 
values for a-bromonaphthalene and acetylene tetrabromide against stib- 
nite H and stibnite I were also determined directly. Having this latter 

TABLE 4 

Adhesion tension data of zero contact angle liquids against different stibnitcs 


Water-organic iiquid-stibnite systems 


i 

1 . 


BUNZENB 

n-BUTYL ACETATE 

a-BROMONAPHTRALENB 

n 

g 

x8 

s 


P 

es3 

coa On 

Ai2 

P 

013 

cos O^i 

All 

P 

On 

cos 0*3 

A18 



dynes 

gm. 



dynes\ 

gm 



|(fyn 0 s' gm. j 



\dynes 



per 

per 



per 

per 



per 1 

per 



per 



cm. 

cm*. 



cm. 

cm*. 1 



cm. 

cm*. 



cm. 

A 

8.52 

56.5 

52.3 

130® 

-0 638 

78 4 

23 0 

137° 

-0.729 

66.168.2 

134® 

-0 686 

85 0 

B 

8 52 

57 2 

46.5 

124® 

-0 566 

76 6 

22 0 

134° 

-0.697 

66 4:60.2 

127® 

-0 605 

82 4 

C 

8.52 

58.1 

42.9 

121® 

-0 522 

76 0 

18 5 

126® 

-0 587 

65 855 2 

124® 

-0 555 

81 2 

D 

8.52 

60.3 

29.4 

111® 

-0 358 

72 6 

13 C 

114® 

-0 414 

65 8 

38 8 

113® 

-0 389,76 4 

E 

8.52 

64 2 


>90® 




>90° 




>90® 

1 


F 

8.52 

66.5 


<90® 




<90® 




<90® 

i 


G 

8 52 

70.5 

37 0 

63® 

-0.452 

55 0 

13 1 

65® 

-0 417 

65.0' 

38 4 

68® 

-0 386 

54 5 

H 

8 52 

76.0 

69.4 

32® 

-0 845 

47.0 

26 7 

31® 

-0 854 

64 8,77 6 

39® 

-0 780 

43 5 

I 

11.1 

77.1 

58 2 

22® 

-0.924 

45.4 

22 3 

23® 

-0.923 

64 9168 0 

1 

27® 

-0 891 

i40 0 


Interfacial angle <90®—water displaces organic liquid. 
Interfacial angle >90®—organic liquid displaces water. 


TABLE 5 

Adhesion tension data for several liquids against aluminum oxide 
r » 8 42 X 10”* cm. 


UQUID 

P 

cos Osi 

ADHESION 

TENSION 

1. Water . 

grams per cm*. 

6.77 

29.4 

76 7 

104 

97 

105 

0.556 

0.924 

0.924 

0 878 

0 884 

1 0.877 

dynes per cm. 

76.7* 

73 9 

64 5 

45 0 

43 0 

40 1 

33.4 

2, Isoamyl alcohol. 

3. w-Butyl acetate.. 

4. Benzene. 

5. Acetylene tetrabromide. 

6. a-Bromonaphthalene. 

7. n-Heptane . 



* Value obtained from interfacial contact angle determination. 


data, the adhesion tension value of water against each of the two solids 
was obtained indirectly from liquid-liquid-solid displacement pressure 
data by using in turn each of these organic liquids and water against each 
of the stibnites. Stibnite H gave an adhesion tension value with water of 
76.0 dynes per centimeter, and stibnite I gave a value of 77.1 dynes per 
centimeter (table 1). 
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A comparison of adhesion tension data of several liquids against stibnite 
A and stibnite I may be made from the data given in table 3. Adhesion 
tension data for a series of liquids against the different stibnites are given 
in table 4. Data for a series of liquids against aluminum oxide are given 
in table 5. 


CORRELATION OF ENERGY CHANGES OCCURRING ON THE WETTING OF SOLIDS 

Bartell and Osterhof (1) had observed that when the adhesion tension 
values of carbon and silica were compared, the order of increasing adhesion 



INCREASINGLY HYDROPHOBIC INCREASINGLY HYDROPHILIC 
WETTING CHARACTERISTICS 

Fig. 1 


tension values for the one solid against a series of liquids was just opposite 
to the order of increasing adhesion tension values of the other solid against 
this same series of liquids. They suggested (5) that the results might be 
correlated diagrammatically so as to show linear relationships for the ad¬ 
hesion tension values of a series of liquids against a series of solids when 
these values are plotted against the wetting characteristics of the solids. 
This proposed relationship had but little significance at the time, inasmuch 
as no adhesion tension data were available for systems whose wetting char¬ 
acteristics were intermediate between those of carbon and silica, with the 
exception of qualitative data on Prussian blue which showed that it was 
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wetted to practically the same degree by all the liquids used. Its wetting 
characteristics would then place it near the middle of such a diagram. 

In this proposed diagram the adhesion tension values of the different 
liquids (i.e., liquids No. 1,2,3,4, and 6) were to be plotted as ordinates and 
wetting characteristics, in arbitrary units, as abscissae. Such a diagram 
was constructed and an attempt was made to place the values for the differ¬ 
ent stibnites on it. 

The adhesion tension values for carbon and silica were placed in vertical 
positions at the ends of the wetting characteristics axis. A straight ^^tie 
line'' was drawn to connect the adhesion tension values for water against 
these solids. The positions for the adhesion tension values of water against 
the different stibnites were located upon this tie line and a vertical line 
drawn through each point. It was a fact of great interest that the adhesion 
tension values for the different liquids against each of the different stibnites 
were found to correspond to the ordinates of points on the 'Hie lines" set 
up between carbon and silica where these "tie lines" were intersected by 
the vertical lines. These relationships are shown in figure 1. 

It may be noted that heat treatiDent of the original stibnite A for l-hour 
and 2-hour periods had but little effect on the adhesion tension values. As 
the time of heating was increased, the surface energy changes were found to 
be greater and the state of the solid surface to have progressed toward that 
of the hydrophilic solids. 

The adhesion tension values for water and for isoamyl alcohol against 
the solid were observed to have increased in a linear manner with increase 
of surface oxidation. The adhesion tension values for heptane, benzene, 
a-bromonaphthalene, and acetylene tetrabromide were observed to have 
decreased in a linear manner with increased oxidation. The adhesion ten¬ 
sion of w-butyl acetate was observed to have remained at practically the 
same value for all samples of stibnite regardless of degree of oxidation. 
This liquid appeared to wet all the solids to practically the same degree. 

The adhesion tension data for other solids against the same series of 
liquids were collected and also plotted (figure 1). The similar wetting 
tendencies of the hydrophilic solids should be noted. 

It will be seen that as the middle of the diagram is approached from either 
side, the difference in energy levels becomes less and less, hence the degree 
of selective wetting of the different solids by given liquids becomes corre¬ 
spondingly less and less. At the center of the diagram the ^Hie lines" have 
almost a common point of crossing. If this were actually a common point, 
it would represent a ^^point of non-selective wetting." The interfacial 
contact angle at this point would be exactly 90®. If a solid possessed sur¬ 
face properties represented by this position on the diagram, it would be 
wetted equally well by all liquids (at least by liquids of the type of those 
studied). At this ^^point of non-selective wetting" all interfacial energy 
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levels would be the same, and hence the adliesion tension values of all 
liquids against the solid would be the same. In a displacement pressure 
cell there would be no displacement of liciuid by liciuid (organic liquid- 
water) in either direction. That liquid which wetted the powder first 
would not tend to be displaced by the second liquid. Stibnites E and F 
fall near the middle of the diagram. 1'he difference in energy levels of the 
different liquids against these solids was so low that accurate measurement 
of them was not possible. Accordingly adhesion tension values of the 
organic liciuids against these solids were not determined. Our only criter¬ 
ion of their surface condition (i.e., the hydrophilic or hydrophobic nature) 
was obtained through the adhesion tension value of water, which was deter¬ 
mined by measurement of the solid-water-air contact angle. 

In passing outward in either direction from this region of non-selective 
wetting, the difference in energy levels becomes greater and greater. The 
ease with which one li(iuid will displace another from the solid becomes 
correspondingly greater, 

QUALITATIVE TESTS FOR THE DETERMINATION OF RELATIVE DEGREE 

OF WETTING 

When the (luantitatiAe work of the relative degree of wetting had been 
practically completed, it was decided to make some qualitatixe tests which 
might gi\'e further and optically convincing evidence that the surface 
properties of the original stibnite had been altered in a definite and regular 
manner. It was hoped that those tests might be indicative of the practical 
importance of the datji obtained. Tw'o series of (]ualitative tests were 
run. One series will be designated as the ‘Vlrop on powder test” and the 
other as the ^^degree of packing upon settling test.” 

Drop 071 pmvder test 

In the first series of tests a drop of water was placed on smoothed out 
samjiles of the different powdered stibnites. When placed on stibnite A 
the drop appeared to give a large contact angle against the powder and 
showed no tendency to disappear into the powder, but persisted until the 
water evaporated. AVhen the stibnites with the progressively altered 
surface characteristics were tested, the drops of water which remained 
upon them were progressively smaller and the contact angles formed like¬ 
wise were progrcwssively smaller. AMien water Wiis placed on stibnites H 
and I no drops formed, the angle of contact of water against the solid was 
zero, the water wetted the stibnite completely and disappeared entirely 
into the powder. The results obtained in this series of tests wTre w hat one 
might expect to obtain with a series of powders with surface properties 
ranging from strongly hydrophobic to strongly hydrophilic. 
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Degree of packing on settling test 

In the second series of tests the powdered solid was suspended in liquid 
media and observations were made of the degree of packing of the powder 
on settling. This test was suggested by work previously done on ‘liquid 
absorption^’ (1, 2). Altogether six separate experiments were run. 

The six experiments were as follows: (1) water, (2) n-butyl acetate, 
and (3) a-bromonaphthalene, with each of the nine different stibnites, 
and (4) stibnite A, (5) stibnite E, and (6) stibnite I with each of the seven 
different liquids. 

In each of the experiments 10 g. of powder, together with 7 cc. of liquid, 
was put into each of a series of test tubes of uniform diameter, thoroughly 
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mixed, and allowed to settle. The stibnite samples were similar to, but 
not the same as, those that were used in the adhesion tension work. The 
tests were made upon finely ground, ungraded stibnite which had been 
subjected to the same treatment as the previously described samples of 
graded powders. The symbols used to indicate the different heat, treat¬ 
ments are the same as those used for the graded powders. The liquids 
used were numlxjred as for the adhesion tension experiments, viz., 1 — 
water, 2 = isoamyl alcohol, 3 = n-butyl acetate, 4 = benzene, 5 = acety¬ 
lene tetrabrornide, 6 = a-brornonaphthalene, and 7 = //-heptane. The 
test tubes labeled X contain 10 g. of stibnite, but no liquid medium. 

A photograph of the tubes, figure 2, clearly presents the results obtained. 
The photograph was taken about a week after the settling test was started. 
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After four months the heights of the settled powders were practically un¬ 
changed. A similar set of settling tests made with finely divided silica 
(Silex) gave similar effects upon settling and the heights of the different 
powders have remained unchanged for a period of over two years. 

The results obtained in each of the six experiments mentioned may be 
briefly summarized in the statement that the degree of packing of the pow¬ 
der upon settling is greatest in that liquid against which it possesses the 
greatest adhesion tension and is progressively less in those liquids against 
which it has a progressively le^r adhesion tension. 

The experiments showed conclusively that the surface properties of the 
stibnites were altered by the simple heat treatment. They showed that 
it is possible to alter greatly the preferential wetting properties of certain 
solids; that one can cause surfaces to function either as hydrophobic or 
hydrophilic surfaces. Moreover, it is possible to reduce surfaces to a 
condition in which they show no selective wetting tendency, that is, they 
are preferentially wetted neither by water nor by organic liquids. 

In the present paper we shall make no attempt to discuss the character 
of the different surfaces studied, nor of the theories pertaining to the change 
in surface properties. It may be of interest to mention that the appearance 
of the surfaces was unaltered, the particle size of the powder was unaltered, 
and the pore radii formed with each sample of the different graded powders 
were the same. This work is being considerably extended in our labora¬ 
tories and we expect to present more comprehensive generalizations in the 
near future. 
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Tetravalent titanium, like tin, is said to form two distinct acids: ortho- 
or alpha titanic acid and meta- or beta titanic acid. Since the work of 
several investigators has shown that the stannic acids (13) are in reality 
hydrous stannic oxides differing essentially in the size of the primary 
particles, it seems not unlikely that the so-called titanic acids are also hy¬ 
drous oxides whose properties are detennined by the size and physical 
character of the particles. 

The product commonly called orthotitanic acid, or alpha titanic acid, is 
a white gelatinous precipitate formed by the addition of ammonia or alkali 
hydroxide to a solution of a tetravalent titanium salt. The highly hydrous 
gel is readily soluble in dilute acids and is easily peptized by dilute alkalies 
and suitable salts to give stable sols. On the other hand, the product re¬ 
ferred to as meta titanic acid, or beta titanic acid, is a granular, difficultly 
soluble, and but slightly peptizable substance obtained (a) by the inter¬ 
action of nitric acid and titanium, (b) by the aging under water of the pre¬ 
cipitated gel of the so-called orthotitanic acid slowly in the cold and more 
rapidly in the hot, (c) by precipitation in the hot, and (d) by hydrolysis of 
solutions of tetravalent titanium salts. 

The composition of the preparations referred to above varies with the 
method of precipitation and with the subsequent treatment. The only 
evidence for the existence of definite hydrates corresponding to the formu¬ 
las of the acids that earlier investigators (2, 6, 9, 10, 11, 12) have assumed, 
is the analysis of the products formed and dried under arbitrary conditions. 
Camelly and Walker (1) obtained a smooth temperature-composition 
isobar for a precipitated gel and hence concluded that no definite hydrates 
were formed, unless it is assumed that a large number exist, each stable 
over a very narrow temperature range. Morley and Wood (8) prefer to 
assume that the change from the so-called alpha to beta form consists of a 
condensation to complex salt-like compounds, but there is no experimental 
justification for this point of view. More recently Gutbier and coworkers 
(3) obtained smooth composition-temperature isobars for several prepara¬ 
tions, indicating the absence of definite hydrates of titania. 
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No systematic study of the constitution of the alleged titanic acids has 
been made by the x-ray diffraction method. Hedvall (4) states that ^'ti¬ 
tanium hydroxide^^ precipitated at some unspecified temperature is crys¬ 
talline, since it gives a good interference pattern both when moist or when 
dried at room temperature. On the other hand Gutbier and coworkers (3) 
report that the freshly precipitated products give no interference pattern, 
but the gels thrown down with ammonia at 20®C. to 100®C. and subse¬ 
quently ignited give the pattern of the mineral rutile or a mixture of rutile 
and anatase, and the product obtained by oxidizing Ti 203 *xH 20 , followed 
by heating to 490®C., gives the x-ray pattern of anatase. 

In the following section will be given the dehydration isobars of two 
typical gels of titanium dioxide and the results of the x-ray examination 
of precipitated oxides obtained under widely varying conditions. 

EXPERIMENTAL 
1, Preparation of samples 

Precipitation with ammonia, A solution of 17 g. of titanium tetrachlo¬ 
ride in 75 cc. of 6 A" hydrochloric acid was treated with ammonia at room 
temperature and the resulting precipitate washed thoroughly by decanta¬ 
tion by the aid of the centrifuge until only a trace of chloride remained. 
This sample, which will be designated as No. 1, was treated in different 
ways, as given in table 2. A second sample, designated as No. 6, was pre¬ 
pared by treating a boiling solution of the tetrachloride with a small excess 
of ammonia, boiling the mixture for 15 minutes, and finally washing and 
drying like sample No. 1. 

Oxidation of Ti 203 xH20. A solution of 8 g. of titanium trichloride in 
100 cc. of water was treated with 15 cc. of 15 N ammonia, the mixture 
diluted to 400 cc. and allowed to oxidize in the air. The original black 
precipitate changed rapidly to a gray color which changed slowly to white 
on conducting a current of air into the suspension. This precipitate (No. 
2) was thoroughly washed and air-dried at room temperature. 

Hydrolysis, A dilute solution of titanium tetrachloride in hydrochloric 
acid was hydrolyzed by boiling for four hours, using a reflux condenser. 
The resulting granular precipitate was washed with hot water and air-dried 
at room temperature. Similar preparations were made by hydrolysis of 
the nitrate and sulfate. 


2, Isobaric dehydration 

Temperature-composition isobars for sample No. 1 precipitated at room 
temperature and sample No. 2 made by oxidation of Ti 203 ‘xH 20 were 
obtained in the following way. The samples in glass-stoppered weighing 
bottles were placed in a thermostated electric oven through which dry 
air was circulated at the rate of 72 liters per hour. The air was dried by 
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passing it through a large calcium chloride tower, a sulfuric acid bottle, 
and finally through a tower filled with glass wool and phosphorus pentoxide. 

TABLE 1 


Thermal dehydration isobars of hydrous iitamum dioxides 



COMPOHITION MOLES HaO TlOs j 


COMPOSITION MOLES ^IjO/TlOj 

TEMPBRATrHE 

No 1 

Pptd at room 
tem|)erature 

No 2 

Oxidation of 
'I’ljOa xH?0 

TEMPERATURE 

No I 

Pptd at room 
temperature 

No 2 

Oxidation o! 
Ti2f)» xHsO 

degreen C. 

35 1 

0 970 

1 030 

degrees (' 

122 5 

0 288 

0 291 

71 3 

0 562 

0 590 

150 

0 218 

0 217 

87 2 

0 425 

0 454 

184 

0 184 

0 154 

92 6 

0.415 

0 402 

205 

0 114 

0 101 

100 0 

0.362 

0 361 

224 

0 081 

0 084 

105 4 

0 308 

0 306 

255 

0 054 

0 061 

no 0 

0 295 

0 296 

270 

0 046 

0 053 



Fig. 1. Dehydration Isobars of Hydrous TiOa 
1. Precipitated at room temperature. 2. Made by oxidation of Ti20i xH20 in 
air. 

The rate was measured with a calibrated oil-filled flow meter left perma¬ 
nently in the line. The air was filtered through cotton just before passing 
into the oven. The air was preheated by passing through a 15-foot coil of 
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glass tubing inside the oven and was then conducted into a small enameled 
pan with a loose fitting cover, which held the samples. This arrangement 
is similar to that of L. H. Milligan (6). The temperatures were measured 
with standardized thermometers and a standardized thermocouple. The 
temperature was kept constant to within 1 to 2°C. To attain equilibrium 
conditions at a given temperature, each sample was heated at least four 
days and in some cases for as long as thirty days. In general, less time 
was required to attain equilibrium at higher than at lower temperatures. 
The results are given in table 1 and figure 1. In agreement with the results 
of Gutbier, the smooth isobars for both samples indicate the absence of 
hydrates of the oxide corresponding to the alleged acids. 

TABLE 2 


X-ray examination, of hydrous titanium dioxides 



IIBTROD OF PREPARATION 

RESULTa 

1 

Precipitated at room temperature 

No visible lines or bands 

3a 

No. 1 aged at room temperature 14 weeks 

No visible lines or bands 

3 

No. 1 aged at room temperature 30 weeks 

Anatase pattern, very broad bands 

5 

No, 1 aged 6 hours at 100®C. 

Anatase pattern, broad bands 

4 

No. 1 heated to 184°C. 

Anatase pattern, broad bands 

11 

No. 1 heated to 1000®C. 

Rutile pattern (and trace of anatase?) 

6 

Precipitated at 100®C. 

Anatase pattern, broad bands 

2 

Oxidation of Ti20rxH20 

No lines or bands visible 

14 

No. 2 heated to 184®C. 

No lines or bands visible 

12 

No. 2 heated to 1000°C. 

Rutile pattern (and trace of anatase?) 

9 

Hydrolysis of TiCb 

Rutile pattern, broad bands 

9a 

Hydrolysis of Ti(N03)4 

Rutile pattern, broad bands 

7 

Hydrolysis of Ti (804)2 

Anatase pattern, broad bands 

10 

Mineral rutile, TiOg 

Rutile pattern, sharp lines 

8 

Mineral anatase, Ti02 

Anatase pattern, sharp lines 

13 

Mineral brookite, Ti02 

Brookite pattern, sharp lines 


3, X-ray analysis 

The specimens listed in table 2 were examined as described in preceding 
papers of this series. The diffraction data are given in table 3 and are 
shown in chart form in figure 2 for purposes of comparison. 

Densitometer curves of the films from samples 1, 4, 6, and 8 are given in 
figure 3. These curves were obtained with a simplified and inexpensive 
recording photodensitometer that has already been described (7). From 
these data it is apparent that the samples precipitated in the cold give little 
or no x-ray diffraction pattern, whereas both the aged oxide and the one 
thrown down at 100®C. give the anatase pattern. The precipitate freshly 






X-RAY STUDIES ON HYDROUS OXIDES. IV 


517 


foraied in the cold consists either of amorphous Ti 02 with adsorbed water 
or, what is more likely, of anatase crystals so minute that little or no x-ray 
diflFraction effect is observed. 

As already noted, Hedvall obtained an x-ray diffraction pattern with a 
precipitated titania. Since both Gutbier and ourselves failed to get a 
pattern with the cold precipitated oxide, it is probable that HedvalFs 

TABLE 3 


X-ray diffraction data 


BAMPLli 

NO 4 

(Heated at 
184*C.) 

SAMPLK 
NO, 5 
(Aged at 
100®C.) 

SAMPLE 

NO 6 ! 

(Pptd. at 
100*0 

SAMPLE 

NO 8 

(Auataae) 

SAMPLE 

NO 0 

(Hydroly¬ 
sis of 
TtCU) 

SAMPLE 

NO 10 
(Rutile) 

SAMPLE 

NO 11 
(Heated at 1 
1000*0 ) i 

SAMPLE 
NO. 12 
(Heated at 
1000*C ) 

D 

I 

D 

I 

n 

I 

D 

j I 

1 

D 

I 

D 

I 

D 

I 

D 

I 

3 50 

10 

3.50 

10 

3 50 

10 

3 49 

10 

3 24 

10 

3 24 

10 

3 51 

1 

3 23 

10 

2.37 

5 

2 37 

6 

2 37 

5 

2 37 

5 

2 48 

8 

2 48 

9 

3 24 

10 

3 00 

1 

1 890 

8 

1 890 

8 

1 890 

8 

1 883 

8 

2 18 

3 

2 29 

1 

2 48 

8 

2 84 

1 

1 669 

5 

1 695 

5 

1 694 

! 6 

1.695 

6 

2 045 

2 

2 18 

4 

2 29 

1 

2 47 

8 

1 472 

5 

1 670 

5 

1 675 

6 

1 655 

6 

1 685 

10 

2 04 

2 

2 18 

5 

2 29 

1 

1 260 

4 

1 480 

5 

1 471 

5 

1 477 

5 

1 616 

3 

1 685 

10 

2 05 

2 

2 18 

3 

1 160 

3 

1 360 

2 

1 356 

1 

1 358 

2 

1 480 

2 

1 617 

3 

1 895 

1 

2 11 

1 



1 340 

2 

1 260 

4 

1 334 

2 

1 360 

Is 

1 479 

2 

1 685 

10 

2 04 

1 



1 261 

3 

1 160 

3 

1 261 

4 

1 337 

r o 

} 

1 448 

2 

1 623 

3 

1 89 

1 



1 162 

1 



1 161 

3 

1 090 

1 

1 351 

8 

1 481 

1 

1 788 

1 



1 04 j 

1 



1 044 

2 

1 038 

1 

1 240 

1 

1 450 

1 

1 683 

10 







1 015 

2 



1 167 

1 

1 359 

8 

1 617 

4 







0 951 

1 



1 144 

1 

1 242 

1 

1 474 

1 







0 913 

1 



1 092 

1 

1 169 

1 

1 444 

1 







0 892 

1 



1 037 

1 

1 145 

1 

1 428 

1 







0 876; 

1 





1 092 

1 

1 359 

4 







0 8431 

1 



i 


1.039 

1 I 

1 345 

4 







0 824| 

* 1 







1 240 

1 







0 806: 

1 







1.167 

1 







0 795 

1 







1 145 

1 







0 740 

1 







1 093 

2 







0 702 

1 







1 038 

! 2 







0 668 

1 I 










precipitate was obtained in the hot and that the pattern showed the lines 
of anhydrous TiOa (anatase modification) as we observed. 

The samples ignited at about lOOO^C. consist for the most part of rutile. 
Inspection of table 3 shows that sample No. 11 gives in addition to the 
rutile pattern very weak lines at 3,51 A.U. and 1.895 A.U. It will be 
observed that the two most intense anatase lines are 3,49 A.U. and 1.883 
A.U. It seems likely that a small amount of unchanged anatase is present 
in this ignited sample. Sample No. 12 also consists of rutile with the 
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addition of lines of weak intensity at 3.00 A.TJ., 2.11 A.U., 1.89 A.U., and 
1.79 A.U. Since the sample was precipitated originally from TiCU solu- 



PRecipitated at room temperature 
Ti,03 xH,0 oxidized in the air 

No I Aged 30 weeks at room temp 
Nal Heated to 184* 

No I Aged 6 HOURS at 100’ 
Precipitated at 100* 

Hydrolysis of TilSOj* 

Mineral anatase.TiO* 

HYDROtysis OF TCl4 0rTi(NO,)4 
Mineral rutile, TiO* 

No I Heated to 1000* 

No. 2 Heated to 1000* 


PiQ. 2. Chart of X-ray Diffraction Patterns 



R<ecpitatedat room temperature 



No I Heated to 184* 


6 


6 




Precipitated at 100* 

Mineral Anatase. TiO, 


Fio. 3. Densitometer Curves of X-bat Diffraction Pattebne 

tion and oxidized in the air, it may contain some impurities not present in 
the other samples. 
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SUMMARY 

The following is a brief summary of the results of this investigation: 

1. X-ray diffraction examination of hydrous titanium dioxide freshly 
precipitated at room temperature or freshly prepared by the oxidation in 
air of Ti2()8-xH20 gives no lines or bands. Thermal dehydration isobars 
for these two samples show the water to be given off in a continuous manner. 
The dehydration experiments of Gutbier and coworkers for their similar 
samples are confirmed. There is no indication of the existence of any 
definite hydrate. 

2. Aging under water at room temperature for fourteen weeks of hy¬ 
drous titanium dioxide precipitated at room temperature produces no 
change detectable by x-ray diffraction methods. Further aging of this 
sample for thirty weeks at room temperature or for 6 hours at 100°C. under 
water, gives minute anatase crystals; heating of the freshly formed material 
to 184°C. gives anatase. 

3. Hydrous titanium dioxide precipitated at 100°C. shows the x-radio- 
gram of anatase. 

4. Hydrous titanium dioxide prepared by the hydrolysis at the boiling 
point of solutions of titanium tetrachloride and titanium nitrate, shows the 
x-radiogram of rutile, whereas hydrolysis of titanium sulfate under similar 
conditions gives anatase. 

5. The product obtained by ignition at approximately 1000°C. of the 
hydrous oxide precipitated in the cold, shows the x-radiogram of rutile 
with indications of the presence of a little unchanged anatase. 

6. X-ray analysis and thermal dehydration isobars indicate that no 
definite hydrates of titanium dioxide have been prepared. 

7. Precipitated titanium dioxide is a hydrous oxide consisting, especially 
when precipitated or aged in the hot, essentially of anhydrous Ti 02 (ana¬ 
tase modification) and adsorbed water. 
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HIGH CONCENTRATIONS OF RADIUM AND MESOTHORIUM 
I IN NATURE ANT3 REGULARITY OF THEIR 
MIGRATION 

I. D. KURBATOV 
Received September 5 , 1933 

All beds of radioactive ores, as is well-known, are accumulations of 
uranium minerals. Accumulations of radium in large quantities have not 
been known without uranium and ionium. Usually it is considered that in 
nature there are neither concentrations of radium without parent elements 
nor separate radium minerals without uranium. Therefore, an individual 
geochemistry of radium without uranium and ionium seemed to be scarcely 
possible, owing to the short life of radium in the solid crust. 

However, during the last few years several authors have published papers 
discussing discoveries of unexpected radium concentrations in natural 
waters (18), in which the radium was unaccompanied by corresponding 
equilibrium amounts of uranium. 

The first papers, with results of analyses, were published in the Russian 
language and gave a great amount of material which is very interesting 
from many points of view. Namely, in the region of petroleum beds, some 
salt springs were discovered which contained radium in quantities up to 
1.8 X 10~® g. per liter of water. 

Similarly, it was found by Cherepennikov that the spring which issues 
from the pit-hole ‘Tvasennaya No. 1” in the petroleum district of Uchta 
in the northeastern part of European Russia contains 7.4 X 10~® g. of 
radium per liter of water (4). 

The precise radioactive and chemical analysis of the water of this pit- 
hole was carried out in the radiological laboratory of the University of 
Moscow, where the concentration of radium mentioned above was con¬ 
firmed and a high concentration of mesothorium I was also found to be 
present. 

Analyses of radium in the water from Grosny petroleum district were 
carried out in the Radium Institute of Leningrad and showed that the pit- 
holes No. 1/28, 3/28, and 1/31 contain 1.83 X 10“®g. of radium per liter 
of water and that pitrliole No. 31/13 contains 3.5 X 10“® g. of radium 
per liter of water (5). 

The greatest amount of radium in the water of mineral wells and springs 
known previously was discovered by A. Becker (1) in the Radium-Sol- 
Terme of Heidelterg. It amounts to 1.79 X 10“** g. of radium per liter of 

621 
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water, that is to say, the concentration is one-tenth of that in the new found 
radium-containing salt waters which are associated with the petroleum 
beds. 

In table 1 are given the highest concentrations of radium in the newly 
found mineral springs under discussion and for comparison, the content of 
radium in the Eadium-Sol-Terme of Heidelberg. In table 2 are given con¬ 
centrations of radiiim discovered in the water of some other springs, together 
with old analyses of rich radium springs. 

TABLE 1 


Springs imth the highest concentrations of radium 


KAMK AND OSOGRAPHICAD 
BITUATION OP THE BPRXNQ 

DEPTH OF THE PIT-HOLS AND 
OTHER CHARACTERISTICS OP 
THE WATER 

CONTENT OP 
RADIUM IN 
GRAMS PER 
LITER OP 
WATER 

AUTHOR 

Pit-holes No. 1/28, 3/28, 
1/31. Petroleum dis¬ 
trict Grosny. North 
Caucasus, Russia 

600-700 meters. Lay¬ 
ers of Chokraksky. 
Layer 13. Water 
without petroleum, 
contains SO4 — ions 

1 8 X 10-* 

B. A. Nikitin 
(1930) 

Pit-hole No. 31/13. Pe¬ 
troleum district Gros¬ 
ny. North Cauca-S 
BUS, Russia 

About 460 meters. Lay¬ 
ers of Chokraksky. 
Layer 1. Water with 
petroleum emulsion 
contains SO4 — ions 

3 5 X 10-® 

B, A. Nikitin 
(1930) 

Pit-hole “Kasennaya 
No. 1.'' Petroleum 
district of Uchta. 
Northeastern Euro¬ 
pean Russia 

Water without petro¬ 
leum contains Ba+^ 
and Cl"; does not con¬ 
tain SO4 — ions 

T 

0 

X 

r- 

V. I. Baranov, 

I. D, Kurbatov, 
A. A. Chere- 
pennikov (1928) 

Radium pit-hole of Hei¬ 
delberg in Germany 

Depth of 998 meters. 
Salt-Terme 

179 X 10 -' 

A, Becker (1918) 


The second fact of importance is the great flow of water, and 
accordingly the large quantity of radium brought up to the surface of the 
earth. The quantity of radium carried up by a group of springs in a single 
district often amounts to more than one gram per year. 

Two scientific problems of special interest arise from these discoveries: 
(1) the geochemistry of radium, apart from that of uranium, in the 
earth’s crust; (2) the development of a technique for separating the 
radium from salt waters without the necessity of using a large quantity of 
reagents. 
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MIGRATION OF THE RADIOACTIVE ELEMENTS RADIUM, MESOTHORIUM I, 
THORIUM X, AND RADIOTHORIUM IN NATURE 

In studying the geochemistry of radium, it must first be made clear 
whether radium and its isotopes are formed directly from their parents in 

TABLE 2 


Springs of high radium concentrations 


NAME AND CiEOCiRAmiCAL 
BITUATtON OF THE SPRING 

1 

DEPTH OF THE PIT-HOLE AND 
OTHER CHARACTEKlSncft OF 
THE WATER 

CONTENT 8 OF 
RADIUM ELE¬ 
MENTS IN 
ORAMB PER 
LITER OF 
WATER 

author 

Pit-hole No. 1/35. Pe¬ 
troleum district of 
Grosny. North Cau¬ 
casus. Russia 

More than 1000 meters. 
Layer 22 . Water 

with petroleum odor 
contains SO 4 ions 

SOX 10 -« 

B. A. Nikitin 
(1930) 

Pit-hole Stolb Berecley. 
Petroleum district 

Dagestan in Caucasus. 
Russia 


sox 10 “»o 

I 

A. A. Cherepenn- 
ikov (1928) 

Spring Slavyanovsky. 
Watering place of Gel- 
esnovodsk. North 
Caucasus. Russia 

About 60 meters. The 
water is running from 
the trachyte of the j 
Gelesnaya (moun¬ 
tain). Contains 

SO 4 and Cl~ ions 

2 21 X lO-iOj 

I. D. Kurbatov 
V. Baranov 
(1928) 

Karlsbad, Czechoslova¬ 
kia 

Sprudel (9, 11 ) 

1.0 X 10“W 

0.35 to 0.54 
X 10“« 

W. Kolhorster 
(1912) 

H. Mache and F. 
Kraus (1928) 

Saratoga, New York, 
America (12, 15, 16) 


1.1 X lO-i® 
to 

1.0 X io~*® 1 

H. Schlundt 
(1909), R. B. 
Moore and C. 
F. Whittemore 
(1914) 

Bath, England (13) 

— 

1.4 X 10-»« 

W. Ramsay (1912) 


the mineral water of the spring, or whether they are extracted from the 
neighboring rocks. 

The parent substance of radium is ionium, that of mesothorium I is 
thorium, and that of thorium X is radiothorium. If radium and its iso¬ 
topes are formed directly in the water, the parent substances of these ele¬ 
ments would be present, either in quantities corresponding to radioactive 



524 


I. D. KURBATOV 


equilibrium, or in amounts approximating it. It follows that we have to 
study the geochemistry of the radioactive elements—ionium, thorium and 
radiothorium—together with the geochemistry of radium and its isotopes. 

The results of the radioactive analysis of the mineral springs cited above, 
as well as the method of analysis described, are naturally based on the 
chemical properties of these elements or on their place in the periodic sys¬ 
tem. Therefore, the genetic relation of these elements is given in figure 
1 along with the weight proportions when in radioactive equilibrium. 

We have studied the content of the radioactive elements, radium, meso- 
thorium I, thorium X, and radiothorium, in mineral springs in the four 
watering places which are united under the title of mineral waters in North 
Caucasus.^ 

In this paper we will treat only the contents of radioactive elements in 
the spring waters of Gelesnovodsk, North Caucasus, and in the water of 
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Fig. 1. Genetic Relation of Radioactive Elements and Weight Proportions 
WHEN in Radioactive Equilibrium 

the pitr-hole of the petroleum district of Uchta, North European Russia 
(see tables 3, 4, 5). 

The method of analysis of the mineral water is as follows: 6 liters of water 
were taken for the analysis in the case of high concentrations of the radio¬ 
active elements (from lO*-^ g. of radium to g. of radium per liter). If 
the content of active elements was not large (from g. of radium to 
g of radium per liter), 20 to 40 liters of water were taken. 

A. Jirst, barium carbonate was added, then the water was warmed to 
80 C. on the steam bath and while being stirred, was acidified very slowly 
by hydrochloric acid until weakly acid. Thereby, if the water contained 
804 “ ions, barium and radium were precipitated; if the water was free 
from SO 4 ions, sulfuric acid was added very slowly, for the complete 

1 These watering places are Kislovodsk, Essentuky, Pyatigorsk, and Gelesno¬ 
vodsk, situated in the northern part of the Caucasus. 
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precipitation of barium and radium sulfates. In this way, one precipita¬ 
tion was suflScient to separate all of the radium and all of its isotopes from 
the water. Moreover, it was found that it was not necessary to add to the 
water a large excess of barium. It w^as quite suflScient to add from 0.5 g. 
to 0.4 g. of barium carbonate per liter of mineral water independent of the 
quantity of SO4 ions. By this method we received a small quantity of 
barium-radium sulfates and their slow conversion into chlorides was 
facilitated. 

Nevertheless, barium chloride was added to the water for a control, and 
the process of precipitation of barium sulfate was performed a second time 
during the period of twenty-four hours. 

B. The first and the second portions of barium-radium sulfate were 
separately transformed into chlorides. The solutions were then poured 
into standardized volumetric vessels. 

C. Thorium X was measured by the emanation method by means of 
special equipment for that purpose. After that the vessel with the solu¬ 
tion w^as sealed and put aw ay for four to ten days for the accumulation of 
radium emanation (18). After the accumulation of the emanation, the 
measurement of radium w^as made by the same emanation method. For 
this measurement unifilar and bifilar electrometers were used, depending 
on the concentrations of active elements. The equipment was calibrated 
with standard solutions of radium and thorium X. After the measurement 
of radium, thorium X was measured again, then the measurement of ra¬ 
dium was repeated. In this way a curve of decay of thorium X was ob¬ 
tained which gave the right quantity of thorium X and which checked the 
completeness of separation of thorium X from radiothorium. 

D. After the decay of thorium X the vessel was put away for several 
months, for the accumulation of radiothorium from mesothorium I. Then 
the curve of the accumulation of radiothorium w as measured by the emana¬ 
tion method once a month, and from this curve the content of mesothorium 
I was calculated. 

E. After the elimination of radium and its isotopes from the water, the 
same sample of water w^as taken for the determination of thorium isotopes 
(ionium and radiothorium). Ferric chloride was added to the water and 
ferric hydroxide precipitated with ammonia. The ferric hydroxide was 
filtered, dissolved in hydrochloric acid, and then put into a standardized 
volumetric vessel. The solution was immediately measured by the emana¬ 
tion method in order to be certain of the absence of thorium X and radium. 
After that, the solution w^as put away for one month for the accumulation 
of thorium X from radiothorium. The curve of decay of radiothorium 
was measured and the quantity of radiothorium was calculated. 

The results of analysis of the spring waters of Gelesnovodsk and of the 
pitrhole in the petroleum district of Uchta show that the radiothorium in 



526 


I. D. KUBBATOV 


TABLE 3 


Watering place — Geleenovodsk* 



SPRlNa 8LAVYA- 
NOVSKT 

SPRINO NO. 1 

BPBINO 8BMA8HKO 

Temperature of water on the sur- 




face CC.). 

55.5 

44 0 

55 0 

1. Active elements in grams per 
liter of mineral water: 




Radium . 

2 2 X 

0 52 X 10-“ 

0 60 X 10-“ 

Thorium X. 

4 37 X 

26 8 X 10-^ 

32 3 X 10-* 


(Th-unitf) 

(Th-unit) 

(Th-unit) 

Mesothorium 1. 

3 65 X 10-*® 

19 5 X 10“« 

29.8 X 10-' 

Radiothorium leas than 

(Th-unit) 

5 X 10-« 

5 X 10-® 

(Th-unit) 

5 X 10-« 

2. Other ions in grams per liter of 
mineral water: 




sor-. 

0 8611 

0 7602 

0 7485 

Cl-. 

0 2898 

0 2378 

0 2506 

HCOr. 

1.3270 

1 1956 

1.1956 

K+. 

0 0364 

0 0362 

0 0338 

Na+. 

0 6369 

0 5392 

0 5517 

Mg++. 

0 0502 

0 0477 

0 0422 

Ca++. 

0 3035 

0 2728 

0 2755 

Fe++. 

0 0021 

— 


Dry residue. 

2 8850 1 

2 5426 

2 5470 


* The watering place Gelesnovodsk is situated on the sloj^es of the mountain Ge- 
lesnaya. The water of these springs passes through eruptive rocks (Trachytes). 

t In all calculations thorium X and mesothorium I are given in grams of thorium 
in radioactive equilibrium with the measured quantity of thorium X. This is desig¬ 
nated (Th-unit). Owing to this designation, the calculation of decay and of rising 
is simplified. The standard solution was used for all measurements containing 
thorium, mesothorium I, radiothorium, and thorium X in equilibrium. 


TABLE 4 

Watering place—Gelesnovodsk (small springs) 


NAME OP THE SPRINGS 

TEMPERATURE 
OP THE 
8PRINOB 

CONTENT OF RADIUM IN 
GRAMS PER LITER OP THE 
WATER 

Nelubinsky . 

40 0 

49 X 10-w 

Fransua. 

33 0 

32 X 10-1* 

Baryatinsky. 

19 0 

Less than 3 X 10 “i* 

Neslobinsky. .. . 

19 0 

Less than 3 X lO-i* 

Muravyewsky. 

17 0 

Less than 1 X 10-« 
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the water is undoubtedly not present in radioactive equilibrium with 
mesothorium I and thorium X. Moreover, the quantity of radiothorium in 
the water could not be determined in spite of applying the more sensitive 
unifilar electrometers for the measurement. The above-mentioned calcu¬ 
lation of the contents of radiothorium in these spring waters must be con¬ 
sidered as the limit of exact measurement.^ 

In spite of the absence of radioactive equilibrium in the thorium dis¬ 
integration products, the data which were given show that in case any 
water increases its radium concentration, we may expect the concentration 
of mesothorium I and thorium X in the same water to increase also. 

The amount of SO 4 ions in the water is not an indication of the pres¬ 
ence or absence of radium and its isotopes, but a higher temperature of 
the water at the surface of any spring which belongs to the group of active 
springs makes possible a greater content of radioactive elements. 

THE PROCESS OF PRECIPITATION OF RADIUM FROM THE W ATER OF MINERAL 
SPRINGS INTO THE SEDIMENTS 

It is known that mineral springs deposit sediments and that these sedi¬ 
ments contain radioactive elements if the water contains them. It w^ould 
be very interesting to know under what conditions the separation of radium 
from the water takes place and in what compounds radium appears. Are 
there only radiobarites in nature or are there also other radium minerals 
without uranium? It has been possible to solve this problem by investigat¬ 
ing the sediments of springs. 

First, we were successful in showing one very important fact, namely, 
that the separation of radium from the water into the sediment does not 
depend on the presence of carbonate or sulfate ions in the w ater. P'urther- 
more, it was found that the increase of radium in the sediments was greater 
when more ferric oxide was present, even in the case of the total absence of 
SO4 ions and HCOs"" ions in the mineral w^ater. To demonstrate this 
fact the following examples are given. 

I. The sediments that are deposited by the water of the springs in 
Pyatigorsk consist mainly of calcium carbonate. These sediments are 
colored light yellow to brown by ferric hydroxide, according to the amount 
of ferric hydroxide present. The quantity of radium in the deposit is also 

* The quantity of radiothorium in a liter of the water, 5 X 10~*g. (Th-unit), is 
equal to 6.35 X 10“** g. of radiothorium; 4.76 X 10“**g. of thorium emanation corre¬ 
sponds to the quantity of radiothorium at radioactive equilibrium. In the precipita¬ 
tion of radiothorium from 20 liters of the water, the quantity of the whole measured 
emanation is equal to 9.62 X 10“** g. of thorium emanation or 26 atoms. It is possible 
to determine radiothorium by the emanation method even if the amount per liter 
of water is less than 5 X 10“^ g. (Th-unit). In this case it would be necessary to 
have larger and more complicated equipment to operate with larger volumes of 
water. 
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dependent upon the amount of ferric oxide. This is shown by the follow¬ 
ing data given in terms of grams per 100 g. of sediment. 



DEPOSIT 1 

DEPOSIT 2 

DEPOSIT 3 

DEPOSIT 4 

Ra . 

grams 

3 X 

grams 

10 X 10-*® 

grams 

59 X 10-*« 

grams 

111 X 10-*® 

FejOs . 

0.05 

0.18 

1.07 

1.83 


II. The spring of the pit-hole “Kasennaya No. 1,” in the petroleum dis¬ 
trict of Uchta in the North of Russia, contains 7.4 X 10~* g. of radium per 
liter of water. This spring does not contain sulfate ions, as was mentioned 

TABLE 5 


The pit-hole “Kasennaya No. 1” of the petroleum district Uchta* 


THE CHEMICAL ELEMENTS 

THE CONTENT IN 
UllAMS PER UTER 
OP MINERAL 
WATER 

1. Active elements: 


Radium... . .... . 

7 4 X 10-' 

Thorium X. . 

3 2 X 10“® 

Mesothorium I. 

5 3 X 10-® 

Radiothorium. 

2 0 X 10-® 

2. Other constituents: 


NaCl . 

49 5 

SO 4 —. 

— 

Fe++. 

0 0252 

Ca++ Mg++ SiOz. 

Traces 


* The pit-hole “Kasennaya No. 1,” of the petroleum district Uchta, passes through 
sedimentary rocks. Their chemical composition and their content of radioactive 
elements were not investigated. 

above. The sediment which is deposited at the surface contains 80.27 g. 
of ferric oxide and 40.8 X 10~® gm. of radium per 100 g. of the deposit. 
From this it follows that the amount of adsorption of radium on ferric 
hydroxide under natural conditions can be calculated. 0.51 X 10~® g. of 
radium corresponds to 1 g. of ferric oxide in the deposit. 20.82 X 10~* g. 
of radium corresponds to 1 g. of ferric oxide in the water of the spring, in the 
form of ferrous iron. 

So we see that 1 gram of ferric oxide which is precipitated adsorbs 2.44 
per cent of the radium from the water. 

III. The springs of the watering place of Gelesnovodsk contain 2.21 X 
10-10 g. of radium per liter of water. The deposit is principally calcium 
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carbonate. Other constituents per 100 g. are Fe 203 , 7.78 g.; AI 2 O 3 , 0.88 
g.; BaO and SrO, traces; Ra, 7,67 X 10 “* g. 

The sediments of both this spring and the previous one contain meso- 
thorium I and radiothorium, the latter in less than radioactive equilibrium 
with the mesothorium I. 

We can calculate the adsorption of radium on the hydroxides of the 
trivalent metals. Thus, we find that 1 g. of trivalent metals which pre¬ 
cipitates adsorbs 13.38 per cent of the radium from the water. 

IV. The sediments from the mineral springs of Pyatigorsk contain, in 
addition to the oxides mentioned above, a small quantity of manganese 
dioxide. The amount of radium in the sediment increases as the amount 


TABLE 6 

Action of adsorbents on Slavyanovsky* spring water 


CONDITIOKB or THB EXPERIMENT 

NUMBER or 
EXPERIMENTS 
MADE WITH 
THE WATER 

QUANTITY or 
RADIUM PER 
LITER OF WATER 
AFTER THE EX¬ 
PERIMENT 

PERCENT OF 
RADIUM AI>* 
BORBSD FROM 
THE WATER 

A. Filtration through barium without 

1 

218 X 10-« 

1 4 

penetration of air 

2 

180 X 10-« 

16 6 


3 

173 X 10-»* 

21 7 

B. Air was blown through the water and 

1 

107 X lO-i* 

51 6 

the resulting precipitate of ferric 

2 

73 X 

67 0 

hydroxide was filtered 

3 

35 X 10“i* 

84 1 

C. The water after having had air blowm 

1 

20 X 10-»2 

91 0 

through it was filtered through a 

2 i 

7 X 10~i* 

96 8 

layer of ferric hydroxide 

3 

6 X 10“« 

97 3 


♦ The water of the Slavyanovsky mineral spring (Gelesnovodsk) contains 2.21 X 
lO"*® g. of radium per liter. 


of manganese dioxide increases. For example: (1) The browm sediment 
contains per 100 g. 47.85 g, of ferric oxide, 1.79 g. of manganese dioxide, 
and 6.22 X 10~* g. of radium; (2) the black sediment contains per 100 g. 
21.37 g. of ferric oxide, 33.24 g. of manganese dioxide, and 49.50 X lO"”* g. 
of radium. Also, 1 g. of manganese dioxide bears 1.43 X 10“®g. of radium 
and 1 g. of ferric oxide bears 7.6 X 10~^® g. of radium. 

Therefore, analyzing the sediments of the same spring, it was found that 
it was possible to calculate the amount of radium in the sediments if the 
quantities of ferric oxide and manganese dioxide were known. On the other 
hand, it w’as possible to calculate the amount of manganese dioxide in the 
sediment if the amount of radium and ferric oxide was determined. From 
this we can see that the natural separation of radium and its isotopes from 
the water of mineral springs is a very common process. 
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The quantity of radium in a deposit does not depend on the sulfates con¬ 
tained in the sediment, but depends on the quantity of ferric and manganese 
oxides in it. The per cent of radium adsorbed by the hydroxides deposited 
in the sediment varies among springs but has a characteristic value for each 
spring. 

It is a very interesting question whether radium contained in active 
barites (so-called radiobarites) is a product of isomorphous crsrstallization 
of barium-radium sulfate, or whether radium in active barites arose from 
ionium. Radiobarites, according to all descriptions, contain ferric oxide, 
and they are yellow in color. As the age of some active barites must be 
more than the average life of radium, we are obliged to suppose ionium 
precipitated from solution with iron when the barites crystallized (8). 

The water of the Slavyanovsky spring (Gelesnovodsk) was passed through 
several adsorbents. When the water had passed through barium sulfate, 
the radiiun was not adsorbed by the sulfate in noticeable quantities. If air 
was blown into the water and ferrous iron was oxidized, radium with ferric 
hydroxide was precipitated from the water. But the best results were 
obtained when the water, after having air blown through it, was passed 
through a layer of hydroxides. The quantities of the radium precipitated 
from the water are shown in table 6. 

DISCUSSION OF RESULTS 

From the studies of concentration of radium, thorium, and their isotopes 
in the water of natural springs, we can see that there is no radioactive 
equilibrium between the active elements. This result was to be expected, 
because near a pH of 7 the elements thorium, ionium, radiothorium, etc., 
must be in colloidal form or conglomerate accumulations and cannot exist 
in the form of ions (2, 3, 6, 19). The elements radiothorium, ionium, 
etc., if they are in a colloidal or conglomerate condition, precipitate 
from the water onto the surface of the rocks more easily than radium. 
The high concentration of radium and of its isotopes in comparison to 
that of their parent substances in the analyzed water of springs, shows 
us without question that radium, thorium X, and mesothorium I do not 
immediately rise in the water, but are extracted from the rocks. The na¬ 
ture of the rocks which yield radium in the water is quite well-known in 
some cases, for example, the water of the springs of Gelesnovodsk flows 
through trachyte before reaching the surface. 

The trachytes were analyzed for radium, which was found to range from 
5 X 10~“ g. of radium to 13 X 10““ g. of radium per gram of rock. 

Experiments made on the trachytes of Gelesnovodsk and Pyatigorsk have 
shown that radium passes easily into acidified water. Five liters of water 
vrtthout radium were warmed with 200 g. of trachyte for twenty hours at a 
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temperature of 55®C. The following amounts of radium were found in the 
water: (a) 40 X g., (b) 95 X ^nd (c) 127 X lO^'^g 

From the whole investigation we see that radium and its isotopes are 
quite movable elements in the upper parts of the solid crust. 

In the geochemical process —rocks mineral springs sediments on the 

surface —we have a thousandfold increase of the concentration of radium. 

Since radium is concentrated by ferric and manganous hydroxides, these 
might be regarded as new kinds of active minerals. 

SUMMARY 

1. High concentrations of radium and mesothorium I in natural waters 
are described. The highest concentrations of these elements, which amount 
to 1.8 X 10“® g. of radium and 2 X g. of mesothorium I (Th-units) 
per liter of water, have been found in salt water associated with petroleum 
beds. 

2. A method of simultaneous determination of radium, mesothorium I, 
thorium X, and radiothorium is described. 

3. It has been found that the presence of sulfate ions does not effect this 
high concentration of radium or mesothorium I in natural water. 

4. The amount of radiothorium in natural active water was found to be 
less than that required for radioactive equilibrium with the mesothorium 
I which was present in this water. 

5. A study of the process of migration of radium in nature has shown 
that radium and mesothorium I are easily transferred from eruptive rocks 
to mineral waters and from mineral waters to sediments in such a manner 
that the ctincentration of radium in sediments is increased a thousand times. 

6. Precipitation of radium and mesothorium from water is associated 
with manganese and ferric hydroxides in sediments. 


The author wishes here to express his sincere gratitude to Dr. A. Holmes 
for kindly reading the manuscript and improving the English text, and also 
to Dr. M. Herrman for preparing the paper for publication. 
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I. INTRODUCTION 

A common type of cell used in the electrometric determination of hy¬ 
drogen ions is the following: 

Hg I HgCl, 0 1 iV KCl 1 3.5 N KCl | solution S | (1) 

The exact thermodynamic treatment of such cells has been discussed in a 
previous pap)er (6). The electromotive force is a definite but rather com¬ 
plicated function of the concentrations and transport numbers of all the 
ionic species and of the mean activity coefficients of all the electrolytes 
present, not only in the electrode solutions and the bridge solution but also 
in the transition layers between. The formulas, though thermodynami¬ 
cally exact, are of little practical use. To use them it would be neces¬ 
sary first to make measurements with a large (theoretically infinite) num¬ 
ber of cells without liquid -liquid junctions in order to obtain the required 
values of mean activity coefficients, not to mention the required knowl¬ 
edge of transport numbers. 

It is therefore expedient to use the formula 

RT 

JS? = J^o "b Ely ~h log (2) 

where E is the electromotive force of the cell, J?o is a constant, Ej^ is the 
ideal value for the diffusion potentials for the whole cell, and Ch+ is the 
concentration of hydrogen ion in the solution S, and /ir n^ay be called 
the activity coefficient of the hydrogen ion in the solution S. This formula 
is actually a conventional definition of £0 and of /h+, the value of either 
depending on the value conventionally assigned to the other. However as 
long as the solution S is so dilute that the activity coeflicient has approxi¬ 
mately the same value for various electrolytes of the same electric type, and 
as long as the solution S contains only small concentrations of either 
hydrogen ion or hydroxyl ion, it is possible to assign to £0 a value such 
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that the value of /h+ defined and measured according to equation 2 will 
to within a few units per cent be equal to that of f^, the mean activity 
coefficient of a uni-univalent electrolyte in solution S. It is only to this 
approximation that there is any sense in regarding the activity coefficient 
/h+ measured by such a cell as a thermodynamic quantity. Even at 
dilutions so great that the activity coefficients, /i, of all uni-univalent 
electrolytes have the same value to within one per cent or less, it is possible 
for /h+ to difler by as much as three or four per cent from f± of uni-uni- 
valent electrolytes. For this reason there does not seem to be much sense 
in determining values of — log Ch+ fn^, or paH^ as it is usually denoted, to 
a greater accuracy than 0.01, or at the most 0.005. 

If the liquid-liquid junctions are made in a suitable manner (7, 9,16, 19) 
the electromotive forces of these cells are about as reproducible and stable 
as most cells without such junctions and the value of may be calculated 
by using Henderson^s formula (12). 

Bjerrum and Unmack (3) have made extensive measurements of cells 
of type 1 and have used formula 2 in their computations. The treatment 
of our own data is in principle the same as that of Bjerrum and Unmack. 
We wish however to draw attention to a few differences of detail. 

First in computing by the use of Henderson’s formula, Bjerrum and 
Unmack use the value 0.497 for the transport number the potassium 
ion in potassium chloride. They discuss in some detail how their computa¬ 
tions would be affected by the choice of a different value. Meanwhile 
accurate determinations of this quantity at 25®C. have been made by 
Longsworth (13) and by Macinnes and Dole (15). According to their 
measurements this transport number has the constant value 0.490 at all 
concentrations up to half molar. As most of the contribution to comes 
from the more dilute end of the transition layer, we have used this value 
for Dur values of therefore differ somewhat from those of Bjer¬ 
rum and Unmack, For the ions in the more dilute solutions S, the ionic 
conductivities require to be known only roughly. 

Second, we do not believe there is anything to be gained in attempting 
to compute either/ h- or related quantities with an accuracy greater than 
corresponds to the difference between the mean activity coefficients of two 
uni-univalent electrolytes. 

Third, whilst in entire agreement with Bjerrum and Unmack as regards 
the principle to be used in choosing the best value for Eo, we make a 
different choice of solutions to which we attach most weight. 

II. MEASUREMENTS 

All the cells measured were of the type 1, the composition of the solution 
S being one of those given in table 1 and the temperature being 25®C. 

1 paH is a conventionalized form of pon. 
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The solutions were prepared and standardized as described in the following 
paper (8). The experimental set-up was in all essential respects that used 
by Unmack and Guggenheim (19). In particular the junction was made 
by dipping the side-tube of the hydrogen electrode vessel into a U-tube 
containing 3,5 molar potassium chloride. The levels of the solutions in 
the U-tube and the electrode vessel were so adjusted that on opening the 
stopcock between the electrode and the side tube the liquid from the 
U-tube always slowly flowed about halfway up the side tube. The electro¬ 
motive force reached a constant value usually within half an hour. This 
was reproducible within at least a tenth of a millivolt and stable for at 
least a day. Four calomel electrodes were prepared and these checked 
within 0.1 millivolt. 


TABLE 1 

Hg I HgCl, 0.1 M KCl 1 3.5 M KCl | solution S | 


COMI'OaiTlON OF SOLUTION S 


E. M P MEASURE' 
MENTS* 


Acid constituent 

Hasic constituent 

Neutral salt 

TOTAL 
! IONIC 
9TRCNUTB 

Our 

values 

Values 

deter¬ 

mined 

Bjerrum 

and 

Unmack 

paH 

molm ptr (tier 

moles per hter 

moles per hter 


mr. 

mv. 


(a) 0 01 HCl 


0 09 KCl 

0 10 

-458 30 

-458 40 1 

2 10 

(b) 0 10 HCn 



0 10 

-400 80 

-400 90 

1 07 

(c) 0 01 HAc 

0 01 NaAc 


0 01 

-613 90 


4 80 

(d) 0 01 HAc 

0 01 NaAc 

0 09 KCl 

0 10 

-609 75 


4 67 

(e) 0 10 HAc 

0 10 NaAc I 


0 10 

-610 10 


4 66 

(f) 0 0025 NaH*P04 

0 0025 NatHFOi 

0 00242 NaCl 

0 0125 

-753 40 

-753 10 

7 07 

(g) 0 025 NaHtPOi 

0 025 Na5HP04 

0 0242 NaCI 

0 125 

-738 60 

-738 20 

6 835 

(h) 0 050 NaH3P04 

0 050 NaiHP04 

0 0485 NaCl 

0 250 1 

-732 45 


6 735 


* Positive value of E means that electrode on right is positive (American conven¬ 
tion). 


The results of our measurements are recorded in table 1. The first four 
columns give the composition of the hydrogen electrode solution S. The 
fifth column gives the measured electromotive force corrected to the mean 
value of the calomel electrodes and to a hydrogen pressure of one atmos¬ 
phere. The sixth column gives some electromotive force values of Bjerrum 
and Unmack (3), which agree fairly satisfactorily with our values. The 
last column will be discussed in the next section. 

III. CHOICE OP. i?o 

The value of Eq originally proposed by Sorensen was based on a misin¬ 
terpretation of conductivity data at a time when it was believed that 
solutions of electrolytes obey the ideal laws. It is now generally agreed 
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and admitted by Sorensen (18) that this value of —337.6 millivolts at 
25®C. is not the most desirable. Various authors have suggested other 
values and some of these are discussed at length by Clark (4). But there 
has been a natural reluctance to adopt any other value until one could be 
chosen likely to be strongly established and permanent. Giintelberg and 
Schiddt (10) discuss the unfortunate confusion due to the continued use 
of the obsolete Sorensen value and estimate that values of paHor — logio 
Ch+ /h+ calculated from the Sorensen value are too low by 0.05 db 0.015, 
but they agree that an alternative standard value should not be adopted 
until it could be fixed to within 0.01 in paH. We wish to put forward what 
we believe to be a strong case for the adoption of the value 

^0 * —333.7 millivolts at 26®C. 

according to which the Sorensen values of pH, assuming the computation 
of has been correctly carried out, will be too low by 0.065. We shall 
show that for the five solutions (a) 0.01 M hydrochloric acid + 0.09 M 
potassium chloride, (b) 0.10 M hydrochloric acid, (c) 0.01 M acetic acid + 
0.01 M sodium acetate, (d) 0.01 M acetic acid + 0.01 M sodium acetate + 
0.09 M potassium chloride, and (e) 0.10 M acetic acid + 0.10 M sodium 
acetate, this value of £o leads to most reasonable values of and /ac * 
Solutions a and b have often before been suggested as standards. One 
of the objections raised against the use of solution b is the difficulty of ob¬ 
taining definite values for E owing to the large diffusion potential. Actu¬ 
ally there is no difficulty in obtaining reproducible and stable values if the 
junction is made in the correct manner. Solutions c, d, and e have become 
suitable for standards only quite recently, thanks to the accurate deter¬ 
mination of the dissociation constant of acetic acid by Harned and Ehlers 
(11), who used cells without any liquid-liquid junctions. 

Let us first consider cells made in the solutions a and b. In both these 
the value of Ch+ is known, being equal to the stoichiometric concentration 
of hydrochloric acid. According to the best values of the universal con- 

RT 

tants compiled by Birge (1) the value of -jr log.lO at 25®C. is 59.151 inter- 

t 

national millivolts. We therefore have, according to equation 2, 

59.15 log,o/H^ = E - Eo - Eo - 59.15 log,, Ch* (3) 

Inserting the numerical values of E, Eo, and E^^ we obtain for cell a 
59.15 log,,/ h+ - -458.3 + 333.7 + 0.4 + 118.3 - -5.9 

and for cell b 


59.15 logi,/H+ » -400.8 + 333.7 + 3.64 + 59.15 - -4.3 
The corresponding values of /h» are 0.795 in solution a and 0.85 in solution b. 
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An entirely different convention sometimes used (14, 17) for assigning 
values to ionic activity coefficients is to set the activity coefficient fc\- of 
the chloride ion in both solutions a and b equal to the value 0.76 of the mean 
activity /kci potassium chloride in 0.10 M potassium chloride. This 
convention leads to values of /h^ equal to 0.80 in solution a and 0.84 in 
solution b. The agreement between these values and those obtained by 
the use of our value of Eq is extremely satisfactory. 

Let us now consider the three acetate buffers c, d, and e. Since each 
buffer contains equal concentrations of acetic acid and sodium acetate, we 
have, according to equation 2, 


^ ^ •'HAc 

where A"hac is the thennodynamic dissociation constant of acetic acid. Its 
value determined by Harned and Ehlers is 1.75 X 10~^ at 25°C. From the 
experimental value of E and the known values of Ao, and Ahao we 
are able to calculate /ac-/7hac* The computations are shown in table 2. 
If we ignore the deviation of /hac from unity, then we obtain the values 
of /ac~ given in the last row of the table. It is to be noted that the value 
0.90 for/Ac at the ionic strength 0.01 is exactly equal to/± for any typical 
uni-univalent electrolyte at the same ionic strength. Moreover the values 
0.80 and 0.81 of/Ac at the ionic strength 0.10 are within the range of values 
of the mean activity coefficients of typical uni-univalent electrolytes at the 
same ionic strength. 

We see then that the value we suggest for Ao leads to eminently reason¬ 
able values forfii* in the solutions a and b, and equally reasonable values 
for/Ac in the solutions c, d, and e. The corresponding values for —logio 
Ch /h* nr paH for all five solutions are given in the last column of table 1. 

The rather large discrepancy between the value —333.7 which we have 
chosen for Eo and the value —336.0 selected by Bjerrum and Unmack is 
due partly to their use of the value (k* == 0.497 in potassium chloride and 
partly to their attaching greater weight to much more dilute solutions of 
hydrogen chloride, where the experimental uncertainty is likely to be 
great. Even if the experimental values at these high dilutions are reliable, 
it seems to us preferable to choose for Eo a value which leads to reasonable 
values of /h+ and /a©- in solutions of concentrations in the more generally 
useful range of 0.01 il/ to 0.1 M. 

It should not be necessary to mention that in order to obtain the best 
results it is essential not to ignore Whereas its value is usually not 
more than about one millivolt, there seems to be a surprisingly widespread 
belief that it is vanishingly small. In the case of measurements on protein 
solutions and the like, where it is not possible to calculate A^, one can ob- 



538 


E. A. OUOaEKHEIM AND T. D. SCHINDLER 


tain a rough estimate of its magnitude by the procedure proposed by Bjer- 
rum (2), of comparing the values of E obtained by using as bridge solution 
first 3.5 M potassium chloride and second 1.75 M potassium chloride. 
Bjerrum and Unmack (reference 3, p. 50) give an emphatic warning against 
exaggerated ideas of the reliability of this procedure. It is to be recom¬ 
mended only when it is not possible to calculate E^. 


TABLE 2 

Hg I HgCl, 0.1 M KCl I 3.5 M KCl | solution S | H, a« tS'>C. 



1 

C , 

d 

0 

f 

0 01 NaAc 

0 01 NaAc 

0.10 NaAc 

Composition of solutions S. • o 

0.01 HAc 

0.01 H.\c 

0 10 HAc 

1 

E . 

i 

-613 9 

0 09 KCl 
-609.75 

-610.1 

1 

-fl 85 

+1 85 

+1.85 

Ed* . 

-3 33 

-1 85 

-2 46 

i 

-1.48 

0 00 

-0 60 

E ~ Ed ... 

-612 42 

-609 75 

-609 5 


-333.7 

-333.7 

-333 7 

n Tl T-l ET r 

E ^ Ed — ^0 *= logcCn*/H+ . 

-278.7 

-276 05 

-275.8 

RT ^ 




—logeKHAc . 

-281 4 

-281 4 

-281 4 

^ RT 




- “^lOge/Ao-. 

+2.7 

+5.35 

+5 6 

logio/Ac~ . 

-0.045 

-0.090 

-0 095 

/Ao~. 

0 90 

0.81 

0.80 

paH = - log,oCH+/m. 

4 80 

4 67 

4 66 


* The value -fl.85 given first represents the contribution of the junction 0 1 M 
KCI I 3.5 M KCl. The value given next is the contribution of^the junction 3.5 M 
KCl I solution S. The third value, representing Ed for the whole cell, is the algebraic 
sum of the first two. 

IV. SECOND DISSOCIATION CONSTANT OF PHOSPHORIC ACID 

Having chosen a value for Eq we use our electrometric measurements in 
the phosphate buffers f, g, and h to compute values of Cu^ by exactly 
the procedure used by Bjerrum and Unmack. As the ratio CHporV 
■ is unity in each case, the thermodynamic dissociation constant 
is given by 


^HsPOr 


*' ^HPO.- - HPO.- - 

^HiPOr ■^HO’Or 




/hpo.— 

/hiPO.- 


(5) 
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As already mentioned it is possible to compute such a quantity as 
from measurements of cells with liquid-liquid junctions only with an accu¬ 
racy that ignores specific differences between the activity coeflScients of two 
electrolytes of the same type. In a paper to be published shortly it will 
be pointed out that the activity coefficients of numerous electrolytes of all 
valence types are correctly given within a few units per cent up to an ionic 
strength of 0.1, if the activity coefficient of each ion of valency Z is calcu¬ 
lated according to 


““ logit / “ 0.50 Z* 


\/r _ 
i + \ r 


( 6 ) 


where V is the total ionic strength of the solution. This formula is 
of the Debye-Huckel (5) type in which the parameter a, the ‘‘mean ionic 
diameter'’ is set equal to 3.0 A.U. According to this formula we have 


logio 


AfPOr- 

•^HjPOr 


1.50 


\ r _ 
1 + \ r 


(7) 


Combining the values of/HPor-z/mpo^'- ihus calculated with the values of 
C}vf\v obtained from the electrometric measurements we are able to obtain 
values of AThjPOi-* The complete computations are given in table 3. The 
three independent values obtained for A^n^por agree remarkably well. As 
the formula (7) for activity coefficients is not expected to be accurate at an 
ionic strength as high as 0.25, the agreement of the value of K HjP 04 “ given 
by the third solution with those given by the other two is probably fortui¬ 
tous. Taking the mean of the values given by the two most dilute solutions 
we obtain as the value of A'hjPo* j 5.97 X 10“® with an estimated accuracy 
of 2 or 3 per cent. The value estimated by Bjerrum and Unmack (refer¬ 
ence 3, p. 132) was 6.20 X 10“*. 


V. VALUES FOR Eq AT OTHER TEMPERATURES 

As already pointed out by Bjerrum and Unmack the selection of the 
most likely value for Eq depends on the value assumed for /k- Id potassium 
chloride. This uncertainty is however pronounced only in very dilute 
solutions. If then we choose standard solutions of total concentration 0.10 
M we may without serious error assume that in potassium chloride has 
the same value, 0.490, at other temperatures as at 25°C. On this basis and 
using Bjerrum and Unmack’s measurements we come to the conclusion that 
the most reasonable values of Eq at the various temperatures of their 
measurements are those given in table 4. We believe that these values are 
definite to within about one quarter of a millivolt, that is to within 0.005 
of a pH unit or within 1 per cent in /h^. In the same table are given the 
values of /h^ in three standard solutions corresponding to this choice of Eq 
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and also the values of /h+ calculated on the convention of setting /ci- equal 
to/Ka inO.lAf potassium chloride. The agreement between the two inde¬ 
pendent conventions is most satisfactory. 


TABLE 3 

Hg I Hga, 0.1 M KCl I 3.5 M KCl | solution 8 | H, o< gS^C. 



f 

s 

h 


0 01 Na+ 

0.10 Na+ 

0.20 Na+ 

Composition of solutions S... .^ 

0.0025 HjPOr 

0.025 HtPOr 

0 05 H,P04“ 

0 0025 HPO 4 — 

0 025 HPO 4 - 

0.05 fiPOr- 


0 0025 Cl- 

0 025 Cl- 

0.05 Cl- 

Ionic strength r. 

0 0125 

0.125 

0.25 

Vr . 

0 112 

0.353 

0.50 

E . 

~753 4 

-738 6 

-732.45 

f 

+1.85 

+1.85 

+1.85 

Ed* . 

-3 24 

-2.35 

-2 21 

i 

-1 40 

-0 50 

-0.35 

E — Ed . 

-752 0 

-738 1 

-732.1 

Eq . 

-333.7 

-333.7 

-333 7 

I 

1 

o 

-418.3 

-404 4 

-398 4 

paH « ~logioCH+/H+. 

7 072 

6.837 

6.735 

Ch^/h*. 

0 847 X 10“^ 

1.45 X 10-7 

1 84 X 10-7 

, /h.po.- 

-logio . 

/hpo.- 

0 151 

0.391 

0.500 

- logioKnsPO*". 

7.222 

7 226 

7.235 

Kw-pos” . 

6 00 X 10-8 

5.94 X 10-8 

5.82 X 10-8 


* The value -1-1.85 given first represents the contribution of the junction 0.1 M 
KCl I 3.5 M KCl. The value given next is the contribution of the junction 3.5 M 
KCl I solution S. The third value, representing Ed for the whole cell, is the alge¬ 
braic sum of the first two. 


TABLE 4 



TEMPERATURE 

/h* accord* 

INQ TO CON- 


O’C. 

IS'C 

26'*C 

37*C. 

VBNTION 

/C1--/KC1 

Eo . 

-334.2 

-334 2 

-333.7 

-332.7 


fn* in 0.01 M HCl + 0.09 M KCl . . 

0 80 

0.80 

0.80 

0.80 

0.80 

fa* in 0.01 M HCl + 0.09 M NaCl. . 

0 83 

0 82 

0.82 

0.82 

0.82 

/h+ in 0.10 M HCl. 


0 84 

0.85 

0 85 

0.84 


We are pleased to learn from Professor Bjerrum that he is in complete 
agreement with the contents of the present paper and that he accepts our 
Eo value at 25°C. as the most reasonable one to use on the available experi¬ 
mental material. 
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I. INDICATOR-BUFFER EQUILIBRIA 


According to the terminology of Bronsted (3) the two forms of any indi¬ 
cator function respectively as an acid and as a base. Denoting the acid 
form by HI and the basic form by I there is an equilibrium of the form 

HI — IH- ID (1) 

The electric charge of the acid form HI may be positive, zero, or negative 
according to the nature of the indicator. The electric charge of the basic 
form I is of course algebraically one less than that of HI. Similarly a 
buffer solution may be regarded as a mixture of an acid HA and a base A 
which control the hydrogen ion concentration according to the equilibrium 

HA ^ A + II^ (2) 


The electric charge of the acid form HA may be positive, zero, or negative, 
while that of the basic form A is of course algebraically one less than that 
of HA. 

The exact thermodynamic treatment of such ecpiilibria was given by 
Bronsted (2) in 1921. Writing C for concentrations and / for activity 
coefficients the thermodynamic equilibrium conditions are 


("ill 

^HA 


a: 


(C)HI 


K 


(C)HA 


“ A'hi • 

/hi 
fli- fi 

(3) 


fnx 
■ 4 ./a 

(4) 

constant of the indicator and A"ha 


that of the acid constituent of the buffer. For a given temperature and 
solvent AThi and Xha are true constants. The equilibrium concentra¬ 
tions products ivc(Hi) and Kanx) on the other hand are not constants but 
depend on the concentration of electrolytes present. 


‘ We wish to express our indebtedness to Mr. E. Giintelberg of Copenhagen for 
reading through the naanuscript of this paper and pointing out to us certain inaccu¬ 
racies in formulas 14 to 17 which we have since corrected. 
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In the same paper Bronsted pointed out that instead of the two equilibria 
1 and 2 one may consider directly the double acid-base equilibrium between 
the indicator and the buffer 

Hl-f A I + HA (5) 

The thermodynamic equilibrium condition is 

^ jr _ ^(C)HI . ((O 

^ ^(DHA ^HA h'hlk 

Whereas is a true constant, the equilibrium concentrations prod¬ 

uct if(C)Hi/^(C)HA or Kc depends on the concentration of electrolytes 
present. If then one observes the color of an indicator present in small 
amount in a buffer solution, the value of Cha/^^ is known from the com¬ 
position of the buffer and that of Ci/Chi is given by the color. We are 
therefore able to calculate the value of Kc- By determining this product 
at various salt concentrations and extrapolating to infinite dilution, one 
obtains a value of it’Hi/A^HA; thence by division one obtains directly values 
of the product /hi */a//i/ha- 1"kis product is a measure of the salt effect 
on the indicator buffer equilibrium 5. If the value of either Km or Xha 
is known from previous determinations, then we can calculate the other 
from the known ratio ii^Hi/^HA- K moreover we can rely on some formula 
to give the activity coefficients product */a//ha which measures the 
salt effect of the buffer equilibrium 2, we can from the known value of 
fm'fk/fvSnx calculate the value of the product/ h^ */i//hi which measures 
the salt effect of the equilibrium 1. 

In discussing or measuring the salt effect on indicators it is more usual 
to consider the indicator equilibrium 1 rather than the indicator-buffer 
equilibrium 5 as we do. Other authors determine Cj/Chi from the color 
and attempt to estimate the value of Ch^/h+ by electrometric measure¬ 
ments on cells with liquid-liquid junctions. A thermodynamic analysis of 
such measurements (6), however, shows that the quantity measured is not 
but rather Ch^/?, where /? is a complicated function of the mean 
activity coefficients of all the electrolytes and the transport numbers of all 
the ions present, not merely in the electrode solution but also in the bridge 
solution and at each part of the transition layer between the electrode solu¬ 
tion and the bridge solution. Estimates based partly on experiment and 
partly on approximate computations (16) indicate that the confusion be¬ 
tween Ch+/? and Ch+/h+ in even quite dilute solutions may in some cases 
lead to inaccuracies of the order of 4 per cent in a concentration, or 1 milli¬ 
volt in an e.m.f., or 0.015 on the pH scale. It is by no means certain that 
the error may not sometimes be twice as great as this estimate. Any com¬ 
putation of the salt effect on an indicator equilibrium which is dependent 
on electrometric measurements of cells with liquid junctions is therefore 
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likely to be uncertain by about 4 per cent. As it is possible to make colori¬ 
metric measurements with a higher accuracy than this, it seems to us pref¬ 
erable to make our determinations mainly independent of electrometric 
measurements. 

Our criticism of the use of cells with liquid-liquid junctions does not 
apply to the measurements of Giint^lberg and Schiodt (10), as they took 
care to make their liquid-liquid junction potentials negligibly small. Their 
procedure is however applicable only to comparatively concentrated salt 
solutions. 


II. APPLICATION TO SULFONPHTHALEIN INDICATORS 

Two indicators wore used, both substitution derivatives of phenolsul- 
fonpihthalein. The various forma in which indicators of this type can exist 
have been discussed by Kolthoff (14). The only two forms which concern 
us are the derivatives of 

OH O O- O 

i 11 i li 

y\ /\ /\ /\ 


\x 


XX +H. 

/\/ 


S03“ 

I 

Yellow 


SO3 
II 

Blue 


Form I is the yellow acid form with a single negative charge, w hich we may 
refer to as HI’”, and form II is the blue basic form with a double negative 
charge, which we may refer to as I—. 

The buffers chosen for our investigation were of the types 

HaPOr^^^^HPOr- + (7) 

and 

HAc ^ Ac- + (8) 


where Ac denotes acetate. It was desirable in each case to use a sulfon- 
phthalein indicator whose acid constituent was of strength comparable to 
that of the acid constituent of the buffer. The most suitable ones for this 
purpose are dibromothymolsulfonphthalein (bromothymol blue) in the 
primary-secondary phosphate buffer, and tetrabromo-??i-cresolsulfon- 
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phthalein (bromocresol green) in the acetic acid-acetate buffer. The indi¬ 
cator-buffer equations for these combinations are 


HAc + 

H.POr + HPOr -f HI- 





^HI“ /hi /ac- 

^'hi- 

■ f'Ac- 

^HAo -^I- 

“•^HAc 



^H.P04- 

^'hi 

/hi /hpo4 

^'hi 

^^HPOr - 

^H>P04- 

•^I"-/h2P04 


(9) 

( 10 ) 

( 11 ) 

( 12 ) 


According to the theory of Debye and Hiickel (5) the activity coefficients 
may be calculated according to the formula 


- logio /» * 0.50 


1 -f 0.33ar‘/2 


(13) 


where /,• denotes the activity coefficient of the ion i of valency Z,, T is the 
ionic strength, and a is a certain mean ionic diameter in A.U. of the given 
ion and other ions in the solution. A somewhat similar formula to formula 
13 with certain advantages over it and equally applicable at ionic strengths 
up to 0.1 is the following (7) 


—■ 0.50 Zt* 


pi/2 


4- ^BikCk 
k 


(14) 


in which the coefficient of F* in the denomination is given the value unity, 
the specific differences between various ions being taken care of by the 

term ^ B^kCk where Ck denotes the concentration of the ionic species k\ the 

k 

quantities B^k are constants, and the summation ^ extends over all ionic 

k 

species k of opposite sign to that of the species i. 

Applying formula^ 14 to the indicator-buffer equilibria, we obtain 


log] 


/hi ’ /a _ 0.50 

Vr/H.4 iTFT* 


(Z. 






(15) 


where Zhi denotes the valency of HI, and so on. In the particular case of 
the sulfonphthalein indicators and the sodium phosphate buffers used 
formula 15 becomes 


- logjo 


/Hl-'/nPOr- 

h--'fHiPOr 


BC 


Na* 


(16) 
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where jB is a constant, the coefficient of the term in being zero. For the 
equilibrium between sulfonphthalein indicator and the sodium acetate 
buffer on the other hand formula 15 becomes 


“ logio 


/hI-*/ac‘ 
h ‘fuAc 


- 1.0 


cm 


4- BC 


(17) 


the ionic strength in this case being the same as the concentration C of 
either sodium ion or acetate ion. 

Thus in the phosphate buffers the salt effect should be linear in the 
equivalent concentration, but in the acetates the salt effect should be 
*^parabolic,'^2 that is to say, particularly pronounced at low concentrations. 
We shall see that these theoretical predictions are verified by our experi¬ 
ments. 


III. EXPERIMENTAL PROC EDURE 

Two different experimenial procedures were made use of in the colori¬ 
metric measurement of the ratio Ci -fCiu-. Our early measurements 
were made with test tubes, selected with bores uniform to within 4 per 
cent, in a comparator rack exactly as described by Clark (4). The differ¬ 
ence between the values of the color ratios of two successive standards in 
the center range w^as approximately 12 per cent. The color of an unknown 
buffer-indicator solution could be interpolated between successive stand¬ 
ards to quarters, and so the color ratio Cj, Chi measured with an accuracy 
of only about db3 per cent. 

Each color standard when prepared was freed from oxygen by bubbling 
nitrogen through the tube and the solution was corked in an atmosphere of 
nitrogen. In spite of this, it was found that the color of the basic solutions 
faded. The precaution w^as therefore taken of preparing new^ standards 
at least once a week. Kilpatrick and Chase (12) attribute this fading of 
the basic form of the indicator to a replacement of the bromine in the indi¬ 
cator compound by a hydroxyl group. They state that the greater the 
concentration of the hydroxyl ion, the faster the color of the indicator will 
fade. 

Our later measurements were made with a colorimeter of the Gillespie 

* In the limit of small concentrations the law 

-loge/ * AC" 

is of the same form as 

1 -f » AC" 

It is therefore natural to speak of a ‘linear^' effect, when n is unity. In the case that 
n is one half, we may speak of a “parabolic” effect because if/ be plotted against C 
the curve will be a parabola. Many authors refer to such a law as an “exponential'’ 
effect, but this terminology is ambiguous. For / is an exponent ial function of C when 
n is unity (“linear^^ effect). When n is one half (“parabolic” effect), /is an exponen¬ 
tial function of C^/^. 
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type made by the Bausch and Lomb Optical Company, used as described 
by Clark (reference 4, p. 168). The total thickness of solution looked 
through was in all cases 20 mm., so that the ratio Ci- /Chi- was equal to 
20 — x/x, where x w as the reading of the colorimeter w^hich could be deter¬ 
mined to within 0.05 mm. The reproducibility of results was on the 
average within 1 per cent. The colorimeter w^as not only more accurate 
but also more convenient to use. As new bicolor standards were prepared 
each day, there was no risk of fading. 

The stock indicator solutions were prepared according to the directions 
given by Clark (reference 4, p. 91) and w^ere kept in the dark. In the 
actual solutions with which measurements were made the concentration of 
indicator was approximately 6 X 10”® molar. 

The bromothymol blue was obtained from Coleman and Bell Company. 
Four samples of bromocresol green w^ere used. The first w^as obtained 
from the Eastman Kodak Company; the second by recrystallization of the 
first from glacial acetic acid. The third sample w^as obtained from Hyn- 
son, Westcott and Dunning, Inc.,* and the fourth by recrystallization of 
the third from glacial acetic acid. 

The potassium chloride was Baker’s “analyzed,” w^hich w^e recrystallized. 
The hydrochloric acid solutions were made from some constant boiling 
mixture, which, as w^ell as some carbon dioxide-free sodium hydroxide, w as 
kindly supplied by Mrs. Laing McBain. The acetic acid w as standardized 
by titration against the sodium hydroxide, w’hich in turn w^as standardized 
against the hydrochloric acid. The sodium acetate w as prepared from the 
acetic acid and the sodium hydroxide. All the phosphate was obtained 
from a preparation of Merck described as anhydrous Na:HP() 4 . Electro¬ 
metric titrations and determinations of loss of weight on ignition, how^ever, 
convinced us that this preparation, while dry, contained between 1.5 and 
1.6 moles per cent of NaH 2 P 04 . All solutions were made from ordinary 
distilled water freed from carbon dioxide by bubbling nitrogen through it. 

All measurements were made in daylight using a north light. Before 
making measurements, the indicator-buffer solutions w^ere put in test tubes 
and brought to 25°C. in a thermostat. 

IV. EXPERIMENTAL RESULTS AND ACCURACY 

All measurements were made at 25°C. The experimental results are 
conveniently given in tabular form. Table 1 gives an example of the 
results obtained with the colorimeter using buffers of approximately 0.05 
equivalent concentration. The first three columns give the concentration 
of the various anions in each solution, the cations being in all cases Na*^. 
The fourth column gives the ratio of the concentrations of primary phos- 

* This sample was donated by Hynson, Westcott and Dunning, Inc., for which we 
wish to express our thanks. 
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phate to secondary phosphate; the fifth column gives the reading x of the 
colorimeter; the sixth column gives the observed ratio of basic to acid form 
of bromothymol blue indicator; and the seventh column gives Kc obtained 
as the product of the values in the fourth and sixth columns. It will be 
noticed that Kc is, within the experimental error, a constant at the given 
total equivalent concentration. In the test tube measurements it was 
found that at each total equivalent concentration Kc is constant to within 
±4 per cent, whereas in the colorimeter measurements at each total 
equivalent concentration Kr was found constant to within 1.5 per cent. 
At each total equivalent concentration the colorimeter measurements con¬ 
firmed the test tube measurements within the degree of accuracy of the 
latter. 


TABLE 1 


Colorimeter measurements with bromothymol blue 


Total equivalent concentration = 0.049(> 


Cqi X 10- 


! <^’HPOr - 



- i 


X 10-' 1 

X 10* 

<’hp<)4 ' 1 

X 



0 40 

0 44 

2 06 

0 2n 1 

5 5 i 

2 G4 

0 56 

0 60 

0 64 

1 86 

0 345 

7 45 

1 68 

0 58 

0.80 

0 84 

1 66 

0 510 1 

94 

1 13 

0 58 

1 00 

1 04 

1 46 

0 710 1 

11 1 

0 802 

1 0.57 

1 20 

1 24 

1 26 

0 984 

12 7 

! 0 575 

0 57 

1 40 

1 44 

1 06 

1 36 I 

14 1 

1 0 418 

0 57 

1 60 

1 64 

0 86 

1 01 1 

I 15 4 

0 299 

! 0 57 

1 80 

i 1 84 

0 66 

2 79 

! 1 

1 16 65 

i 0 201 

1 0 56 

1 


Average Ac « ^ ^ ... . i 0 57dr0 007 

- i 


There is no trend in the values of K( from the basic to the acid forms of 
the buffer in table 1. But in more dilute solutions, there was a definite 
trend which became more pronounced with dilution. This trend in the 
value of Kc is illustrated by table 2 where the values of Kc range from 0.51 
to 0.60. This is probably due to the solutions becoming accidentally con¬ 
taminated with carbon dioxide, although every precaution was taken to 
remove carbon dioxide from the water used to make up the solutions. 
This effect was observed only at equivalent concentrations of 0.005 and 
below. It increased rapidly at lower concentrations. At these concentra¬ 
tions the values of Kc given by the more basic solutions were rejected. 
This seems justifiable because there was no corresponding trend observed 
in the values of Kc for the aoetat-e buffer and bromocresol green, even in 
concentrations as low as 0.002. 
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TABLE 2 

Colorimeter measurements with bromothymol blue 


Total equivalent concentration « 0.00496 


Cci- X 10» 

(^HiPOr 

X 10« 

<^HPOr- 
X 10» 



Cj-- 

fl- - 


X 


ChI-<^'HP04-- 

0.40 

0.44 

2.06 

0.214 

5 9 

2.39 

0.51 

0.60 

0.64 

1 86 

0.344 

7 8 

1.56 

0 54 

0.80 

0.84 

1 66 

0.506 

9 5 

1.11 

0.56 

1.00 

1.04 

1.46 

0 712 

11.05 

0.810 

0.57 

1.20 

1.24 

1.26 

0.984 

12.55 

0.594 

0.585 

1.40 

1.44 

1 06 

1.38 

14 0 

0.429 

0.59 

1.60 

1.64 

0.86 

1 91 

15.25 

0.311 

0.59 

1.80 

1.84 

0 66 

2 79 

16 45 

0 216 

0 60 

1.90 

1 94 

• 

0 56 

3 43 

17.05 

0.173 

0 60 


TABLE 3 


Colorimeter measurements with bromocresol green 
Total equivalent concentration = 0.10 


1 


CAc- X 10 

^HAc 




1 

INDI- 

C’ci- X 10 

i 

Chac X lO 

^'Ac- 

x 


Ac- 

CATOli 

RAMPLK* 

0 24 

0 24 

0.76 

0.316 

.'■> 7 

2 51 

0 79 

a 

0.32 

0 32 

0 68 

0.471 

7 3 

1 74 

0 82 

a 

0 40 

0 40 

0.60 

0 666 

8 95 

1 23 

0 82 

a 

0 40 

0 40 

0.60 

0 666 

8 95 

1 23 

0 82 

b 

0 40 

0 40 

0 60 

0 666 

9 0 

1 22 

0 81 

c 

0.40 

0 40 

0 60 

0 666 

8 95 

1 23 

0 82 

d 

0 48 

0 48 

0 52 

0 923 

10 6 

0 877 

0 81 

a 

0 56 

0 56 

0 44 

1 27' 

12 1 

0 653 

0 83 

a 

0 56 

0 56 

0 44 

1.27 

12 15 1 

0 646 

0 82 

b 

0.56 

0 56 

0 44 

1 27 

12 1 

0 653 

0 83 

! c 

0.56 

0 56 

0.44 

1 27 

12 15 

0 646 

0 82 

d 

0.64 

0.64 

0 36 

1 78 

13 7 

0 460 

0 82 

a 

0 72 

0.72 

0,28 

2.57 

15 15 

0 320 

0 82 

a 

0.80 

0 80 

0.20 

4 00 

16 6 

0 205 

0 82 

a 

0 80 

0 80 

0 20 

4.00 

16 6 

0 205 

0 82 

b 

0 80 

0 80 

0 20 

4 00 

16.6 

0 205 

0 82 

c 

0 80 

0 80 

0 20 

4 00 

16 6 

0 205 

0.82 

d 

0 88 

0 88 

0 12 

7 33 

18 0 

0 111 

0 81 

a 

Average — . . 

0 82±0.008 




^Ac- 






* Bromocresol green indicator samples: (a) obtained from Eastman Kodak Com¬ 
pany; (b) same as a, but recrystallized from acetic acid; (c) donated by Hynson, 
Westcott, and Dunning, Inc., (d) same as c, but recrystallized from acetic acid. 
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Table 3 gives results obtained with the colorimeter using the acetate 
buffer with bromocresol green. All columns have the same interpretation 
as in table 1, except that there is an extra column giving the sample of indi¬ 
cator used in each measurement which is explained in the footnote. It is 
clear that the values of Kc obtained for the four samples are identically 
equal. All the measurements made with the acetic acid acetate buffer and 
bromocresol green were measured with the colorimeter. No trend in the 
values of Kc w'as observed even at concentrations as low as 0.002. 

All the results for measurements at various concentrations are collected 
in tables 4 and 5. Table 4 gives the results for both test tube and color- 


TABLE 4 

Kc values for hrornothymol blue phosphate buffer equilibrium 


TOTAL equivalent 
CONCENTRATION 


i 

ROOT MEAN SCiUARE 

1 DEVIATION 

METHODS* USED TO 

Tj- 

i MEASURE 7^- 

1 

0 00245 

(0 60) 

1 _ 

a 

0 00490 

(0 595) 

— 

a 

0 00496 

(0 58) 

““ 1 

b 

0 (K)995 

0 59 

=b0 007 

a 

0 00993 

0 59 

rto 01 

b 

0 01983 

0 58 

±0 02 

b 

0 04963 

0 57 

±0 007 

a 

0 04963 

0 57 j 

±0 02 

b 

0 09925 

0,54 1 

±0 005 

a 

0 09925 

0.56 

! ±0 02 

b 

0 19850 

0 48 

i ±0 008 

a 


* Methods used to measure ratio ——: (a) colorimeter; (b) bicolor standards in 

Ciii- 

test tubes. 

The values of Kc for the most dilute solutions given in parentheses were obtained 
from the more acid solutions, the more basic ones being rejected. 


imeter measurements for bromothymol blue and phosphate buffer. It is 
seen that these two sets of measurements agree within the experimental 
error of the test tube set. Table 5 gives the results for all four samples of 
bromocresol green and acetate buffer. 

V. THEORETICAL DISCUSSION 

The values of Kc given in tables 4 and 5 are plotted against total salt 
concentration in figures 1 and 2. First, considering bromothymol blue in 
the primary-secondary phosphate buffer, we see in figure 1 that the “salt 
effect” is linear in the concentration. This is in accordance with the 
theory, because both indicator and buffer are of the same electric type. 
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TABLE 5 


Kc values for bromocresol green acetate buffer equilibrium 


TOTAL CONCENTRA¬ 
TION 

1 

Cuz 

^ C'HI 

ROOT HBAN 
SQUARE DEVIATION ] 

DETERMINATIONS* 

0.002 

0.045 

0.C5 

dbO.015 

a 

0.002 

0.045 

0.65 

±0.01 

b 

0.005 

0.071 

0 67 

±0.01 

a 

0.005 

0.071 

0.67 

±0.01 

b 

0.010 

0.100 

0.69 

±0 009 

a 

0.010 

0.100 

0.70 

±0 007 

b 

0.020 

0.142 

0.72 

±0.01 

a 

0.020 

0.142 

0 73 

±0 007 

b 

0.050 

0 224 

0 77 

±0 008 

a 

0.050 

0.224 

0 78 

±0 007 

b 

0 100 

0 316 

0 82 

±0 01 

b 

0.200 

0 446 

0 86 

±0 005 

b 


• The measurements marked a were made at an earlier stage of our investigation 
than those marked b. 



Fig. 1 

A Test tube measurements 
O Colorimeter measurements 
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Assuming that the trend in dilute solutions is due to contamination by 
carbon dioxide and that the more acid solutions give the correct values of 
Kci the extrapolation is small and fairly safe. The extrapolation gives 
0.60 as the value for the ratio i^Hi/^THiPOr where and i^^H.por are 
the true thermodynamic acid constants of bromothymol blue and of H 2 P 04 ~ 
respectively. 

On the other hand, if we observe the shape of the curve for bromocresol 
green in the acetic acid-acetate buffer in figure 2, we find a pronounced 
curvature even at low concentrations, w^hich makes extrapolation more un¬ 
certain. This pronounced ^^salt effect'' at low concentrations is in accord- 



Conctntratlonn ^ 

Fig. 2 

ance with the theory due to the fact that the indicator and buffer arc of 
different electric types. Formula 17 leads to a limiting law at infinite 
dilution 

~ logio* - 1.0 (18) 

or 

„ 1 4 . 2.30 O'* (19) 

h--'hiAc 

If then we plot Kc against C* and extrapolate, the curve should have at 
zero concentration a finite slope equal to the product of 2.30 and the limit- 
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mg value of Kc. This is shown in figure 3. If this extrapolation is correct, 
the value of Khi/Krao is 0.59, where Km and iiiHAo are the true thermo- 
d 3 aiamic acid constants of bromocresol green and acetic acid respectively. 

In figure 3 are included values of Ci---Chac/C'hi-’C'ao- for bromocresol 
green calculated from the test-tube experiments of Sendroy and Hastings 
(15), all of which were made with only one buffer ratio Chao/C'ao- equal 
to 0.233. We have no explanation of the large discrepancy between their 



Fio. 3 

o Our measurements 
Hastings and Sendroy’s measurements; 

A In HAc + NaAc 
X In HAc + NaAc + NaCl 

results and ours, especially as they also used bromocresol green obtained 
from Hynson, Westcott and Dunning. 

VI. ACID CONSTANT OF BROMOCBESOLGREEN 

Having obtained values of Kr oxK^c)m/K(C)w.K experimentally and values 
of by extrapolation, if we have independent values of K^onk 

or i^HA) wc can by multipUcation calculate values of K(c)m or Km for the 
indicator. 

In the case of acetic acid reliable data are available for J^ha- Harned 
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and Ehlers (11) have evaluated A"hac by electrometric measurements with¬ 
out liquid junction potentials. Combining their value 1.75 X 1()“® for 
A'hac with our value 0.59 for Ahi/Ahac, we obtain 1.03 X lO"’^ as the 
value for the true thermodynamic acid constant A"hi of bromocresol green. 
This is probably accurate to within 1 or 2 per cent. 

The A(C)ni value of bromocresol green in an acetate buffer solution at a 
salt concentration of 0.10 molar may be estimated as follows. According 
to the very accurate measurements of Guntelberg (9) the value of /hci in 
0.1 M sodium chloride is 0.79. If we assume this same value for/ h, ac» the 
mean activity coefficient of the hydrogen and acetate ions in an acetate 
buffer of total salt concentration 0.1, the error can hardly be more than 2 or 
3 per cent. On this assumption we obtain for K(C)m at an ionic strength 
0.1 the value 2.30 X 10“® with a probable accuracy of about 5 per cent. 

The perfect agreement between this value and that of 2.33 X 10“^ com¬ 
puted by Kilpatrick and Chase (12) from the data given by Kolthoff is 
fortuitous, as the accuracy claimed for Kolthoff's value is only 12 per cent. 
Kilpatrick and Chase have themselves made a study of the “salt effect” of 
bromocresol green in buffers of benzoic acid-benzoate, acetic acid-acetate, 
and hexahydrobenzoic acid-hexahydrobenzoate. Their measurements 
were mostly at concentrations greater than those used by us, their lowest 
salt concentration being 0.1 molar. At this concentration they assign 
the value 3.07 X 10“® to A(e)ni of bromocresol green. We are unable to 
explain the discrepancy between this value and ours. It is only partially 
accounted for by the dependence of Ivilpatrick and Chase’s values on elec¬ 
trometric measurements of cells with liquid-liquid junctions. For, accord¬ 
ing to a private communication from Dr. Kilpatrick, their mean values 
for the ratio Ci-- Chac/Chi- Cac-ih 0.1 M acetate buffers were 0.94 with 
a commercial sample of indicator and 1.03 with a special sample of indica¬ 
tor, as compared with our value 0.82. The discrepancy can hardly be due 
to difference in the indicator sample, as we obtained identical values w ith 
all four samples and that obtained from Hynson, Westcott and Dunning 
was the same preparation as suppUed by them to Kilpatrick and Chase. 

vn. ACID CONSTANT OF BROMOTHYMOL BLUE 

To determine the acid constant of bromothymol blue from our value of 
Ahi/Ah»po 4 ” we require to have a value for Ah:P 04 -- No values are 
available for this quantity other then those obtained by means of cells 
with liquid-liquid junctions. Bjerrum and Unmack (1) on the basis of 
such measurements assign the value 6.20 X 10”* to A"h 8 P 04 - 25®C. 

According to electrometric measurements described in another paper (8) 
we are able to confirm Bjerrum and Unmack’s experimental electromotive 
force values to within 0.4 millivolt, but for reasons there given we consider 
that a more probable value for AhjP 04 - is 5.97 X 10”*. Combining this 
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value of Ks^ot- with an extrapolated value 0.60 for Kiii/Kii,for, we 
obtain for the thermodynamic acid constant Km of bromothymol blue the 
value 3.58 X 10“® with an estimated accuracy of 2 or 3 per cent. 

For the reasons given above we prefer to give our results mostly in a form 
independent of computations based on electrometric measurements of 
cells with liquid-liquid junctions. We have, however, for the sake of com¬ 
parison with values given by Kolthoff (13), combined our colorimetric data 
with our electrometric data to compute values of —logioCH*/H+'C'i/CHi 


TABLE 6 


Ionic strength. 

0 0125 

0.10 

B9 

0.15 


Our pKi values. 

Kolthoff’8 pKi values. 

7.30 

7.10 

■ 

7.06 

7.05 


called pKi by Kolthoff. As seen from table 6 our values are in good agree¬ 
ment with those given by Kolthoff. 
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NEW BOOKS 

The Sanitation of Public Water Supplies. By Murray P. IIorwood. 15 x 23 cm.; 

181 ]>p. Bultimorc: Charles C. Thomas, 1932. 

In the first chapter, dealing with public health activity, the author divides the 
history of development of the field into successive periods in which the sanitary 
engineer, the bacteriologist, and the physiologist exercised a dominant influence. 
He regards the control of environment as principally responsible for advances made 
—an opinion which will not be shared by many public health workers. A more ex¬ 
tended discussion of vital statistics would be a welcome addition to this chapter. 
In chapters II and III the development of public water supplies is treated histori¬ 
cally and statistically; information concerning several large cities is cited. Chapter 
IV discusses the requirements of drinking water, dealing with physical, mineral, and 
bacteriological standards. The relation of water and disease is comprehensively 
treated in chapter V, particular attention being given to typhoid fever. 

Methods of water treatment are detailed in chapters VI to X, inclusive, titled 
successively: ‘The Purification and Improvement of Water Supplies,” “Water Soft¬ 
ening,” “Slow Sand Filtration,” “Rapid Sand F'iltration,” and “Disinfection.” 
The chapters on “Softening” and “Rapid Sand Filtration” are exceptionally good, 
typical chemical reactions and descriptions of operating conditions characterizing 
the discussion. Disinfection by use of hypochlorite, chlorine, and chloramine, with 
discussion of the chemical “mechanism” is treated in the final chapter, with methods 
of use for various conditions. The use of ultra-violet light is also described. 

The material in this book covers the title comprehensively in an elementary 
manner, and it should be of value to the general reader, although each technical 
reader ])erhap8 would prefer to arrange and emphasize the material differently while 
agreeing that its selection is substantially satisfactory. 

Frederic Bass. 

Phase Rule Studies. By J. E. Wynfield Rhodes. 19 x 13 cm.; x -f 131 pp. Lon¬ 
don: Oxford I'Diversity Press, 1933. Price: $2.25. 

In the introduction E. L. Rhead says: “Owing to its many practical applications 
a knowledge of the Phase Rule has become indispensable in the equipment of the 
modern chemist. . . . The Phase Rule is capable of application in many directions, not 
only to subjects that are palpably chemical in their nature, but to others that are not 
essentially so, or, at any rate, are not usually approached from a chemical standpoint. 
The principles of the Phase Rule are eminently applicable in geology, mineralogy, and 
metallurgy, although the introduction is generally by avenues other than a course in 
pure Chemistry.” 

The chapters are entitled: introductory; one-component systems; two-component 
systems in which mixed crystals are not formed; two-<'omponent systems in which 
mixed crystals are formed; three-component systems, isothermal diagrams; three- 
component systems, the poly thermal model and its projections; miscellaneous appli¬ 
cations of the phase rule; systems of four or more components and their graphical 
representation; experimental methods employed in phase rule work. 
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Short as this book is, the author suggests that ‘‘students who do not need the whole 
of the subject matter of this book but desire only to make a general survey, should 
read chapters I, II, III, IV, and IX/' 

Wilder D. Bancroft. 

The Lyophilic Colloids {Their Theory and Ptactice), By Martin H. Fisher and Mar¬ 
ian 0. Hooker. 240 pp.; 84 illustrations; 3 parts. Springfield, Illinois, and Balti¬ 
more, Maryland: Charles C. Thomas, 1932. Price S4.25. 

This book contains the work of the authors during the last fifteen years. The first 
two-thirds is devoted to a general discussion of lyophilic colloids. In this first part 
the authors develop the idea from such systems as phenol-water, quinoline-water, 
and gelatin-water, of the solution of water in these various substances, as well as the 
solution of these substances in water. This is the central theme of the book. Exten¬ 
sive usage is made of resistance measurements. The authors plunge themselves into 
a wilderness of heterogeneous systems without adequate physicochemical tools. The 
result is confusion. It seems meaningless to the reviewer to distinguish in kind l>e- 
tween a solution of phenol in water and that of water in phenol. H. R. Kruyt and 
H. G. B. de Jong receive no recognition. 

The second part is devoted to chemical applications. Here again they emphasize 
the idea of mutual solubility. They state that when dealing with lyophilic systems 
. the electrical properties, ions, isoelectric points, Donnan equilibria and pHs and 
CHs all pass out of the picture." There are short sections on greases and the livering 
of points. 

The third section deals with the biological applications. They criticize the os¬ 
motic concept of the cell and point out the prevailing confusion in these matters. 
They discuss a colloid chemical theory of water absorption based on their concepts. 
They adduce for proof that protoplasm is a solution of w'ater in X, the fact that a man 
may go in swimming or be rained upon and not dissolve. They declare that there is 
no free water in protoplasm but they fail to note that there has been an increasing 
effort on the part of chemists and physiologists to devise accurate methods to deter¬ 
mine the exact state of this water and thus dispense with vague speculations. 

This book makes interesting reading. It gives us a description of the bogs and 
morasses from which colloid chemistry emerged some fifteen years ago. 

Henry B. Bull. 

Struktur der Materie: vier Vorlr&ge. By P. Debye. 22 x 15 cm.; iv -f 50 pp. Leip¬ 
zig: S. Hirzel, 1933. Price (stiff paper covers); 3 R. M. 

The subjects of the four lectures are: (1) Interferometric measurement of molec¬ 
ular structures; (2) Electrical structure of molecules; (3) Molecular structure of 
liquids; (4) Structure of electrolytic solutions. The book deals exclusively with 
modern developments—such as the application of x-ray and electron diffraction to 
stereochemical problems, the determination of dipole moments, and other typical 
branches of the beautiful work with which Debye and his school have been so closely 
associated during the past decade. 

The treatment is entirely elementary and descriptive. The booklet provides an 
excellent and stimulating survey for non-specialists and young students; its value 
would be appreciably enhanced by the addition of even a few references to original 
papers. 


H. R. Robinson. 



THE DECOMPOSITION OF a-NITROCARBOXYLIC ACIDS 

With Some Remarks on the Decomposition of jS-KETOCARBoxYLic 

Acids 

KAI JULIUS PEDERSEN 

Chemical Laboratory of the Royal Veterinary and Agricultural College^ 
Copenhagen^ Denmark 

Received September BO, 19SS 

The object of this paper is to contribute to our understanding of the 
tendency of a-nitrocarboxylic acids to split off carbon dioxide. 

> CNOrCOOH-^ > CHNO, -f CO 2 

The simplest acid of this type, nitroacetic acid, was studied kinetically 
by Heuberger (2, 3) and, independently, by the author of this paper (7). 
In the latter w'ork, the rate of decomposition was determined on solutions of 
hydrochloric acid of various concentrations and in buffer solutions, mainly 
acetate buffers (pH ~ 4 to 5). The rate increases with decreasing hy¬ 
drogen-ion concentration and reaches a maximum value in the acetate 
buffers. Here it is independent of the hydrogen-ion concentration. In 
suflBiciently alkaline solution nitroacetic acid is stable. 

^Vhile the free nitroacetic acid consists of tw^o tautomers 

OaN-CH,COOH and HOONiCHCOOH 
there are three possible forms of the univalent nitroacetate ion 

OaN CHa COr, -OaN:CH COOH, and HOONrCH COa- 
and only one divalent ion 

“02N:CH.C0r 

The experiments agree with the assumption that both the free acid 
and the divalent ion are stable, while one of the univalent ions is unstable. 
From the experiments the first dissociation constant of nitroacetic acid 
(about 0.02) was calculated. It could not be settled from the experiments 
on nitroacetic acid which of the three forms of the nitroacetate ion is 
unstable, or, in other words, whether the instability of the a-nitrocarboxy- 
lic acids is connected with the formation of an aci-form of the nitro com¬ 
pound. In order to solve this problem a-nitroisobutyric acid (dimethyl- 
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nitroacetic acid) is studied in the present paper. This substance is not a 
pseudo acid. It forms only the ion 02NC(CHs)sC02~. It is found that 
it splits off carbon dioxide in the same way as nitroacetic acid and with a 
similar velocity. Consequently, the unstable form of the a-nitrocarboxylic 
acids is the ion >CNC) 2 -CC) 2 “. 

However, while nitroacetic acid gives carbon dioxide and nitromethane 
as final reaction products, the carbon dioxide cleavage of a-nitroisobutyric 
acid in hydrochloric acid is followed by a secondary reaction by which 
more gas is developed. From the experimental results given below the 
following mechanism is suggested 

02 NC(CH,)jC0r - 02 N;C(CH,)j + CO, (1) 

H+ + -0,N:C(CH,)j HOON:C(CHj)j (2) 

H00N:C(CH,)2 -► OCCCHs)* + JN,0 + iH,0 (3) 

Reaction 1 is followed by the instantaneous reaction 2, and this by the 
decomposition 3. In not too weak hydrochloric acid, reaction 3 is so much 
quicker than reaction 1 that the carbon dioxide cleavage determines the 
velocity of the total reaction. 

In acetate buffer solutions the production of gas in excess of one mole 
per mole of a-nitroisobutyric acid is extremely slow. Probably the aci- 
form produced by reaction 2 is transformed into the nitro compound 

HOON:C(CH,)j - OjNCHCCHOa (4) 

sufficiently quickly to avoid the decomposition 3. This quick rearrange¬ 
ment in the acetate buffer is in conformity with earlier work (10) in which 
it was found that the prototropic isomerization of aliphatic nitro com¬ 
pounds is catalyzed by acetate ions and other bases. 

a-Nitroisobutyric acid was prepared by the method of Steinkopf and 
Supan (14). The beautiful white crystals obtained were used for the kine¬ 
tic experiments without purification. The acid could only be recrystal¬ 
lized with very great loss. When an experiment was repeated with 
different preparations (m.p., 93-95®C.) concordant results were obtained. 

The decomposition was investigated at 17.84 and at 9.78®C. Experi¬ 
ments were carried out in hydrochloric acid and acetate buffer solution by 
observing the increase in pressure above the solution during reaction by 
means of an apparatus described in an earlier paper (9). 

For comparison some experiments on nitroacetic acid were carried out 
under the same circumstances. The substance was prepared as described 
in the paper on nitroacetic acid (7). 

When a little nitroisobutyric acid was dissolved in barium hydroxide 
the solution kept clear for some seconds. Then a precipitate of barium 
carbonate began to be formed. This shows that the nitroisobutyrate ion 
is unstable. 
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EXPERIMENTS IN ACETATE BUFFER SOLUTIONS 

Here 

c = the initial concentration of the reacting acid, 
c — x = its concentration t minutes after the start. 

P = the difference between the final pressure readings and the 
reading at the time t, 

Po = the value of P, when < = 0. 

</> = the proportionality factor Po /c = P/(c — x) (cm. of mer¬ 
cury per mole per liter). 

= unimolecular velocity constant. By an asterisk we denote 
that the constant has been calculated by means of de- 
cadic logarithms, k* is computed in the usual way by 
plotting log P against t. 

The agreement with the unimolecular law is good. The carbon dioxide 
cleavage was finished a few hours after the start. After that time a very 
slow pressure increase was noticed. This secondary reaction was suffici¬ 
ently slow to allow an accurate determination of the end point of the pri¬ 
mary reaction. When the primary reaction was near its end the solution 
assumed a greenish color. 

The results of experiments in different acetate buffer solutions are given 
in table 1. Each experiment was carried out with 60 cc. of solution and 
enough nitroisobutyricacid tomakeitSto 10 X 10~^M. The total pres¬ 
sure increase (about 6 cm. of mercury) corresponds to an average value of 
= Po/c = 643 for the experiments at 17.84®C. This is only 3.4 per cent 
more than the value <p == 622 found by adding a known amount of sodium 
carbonate to 60 cc. of the acetate buffer. The discrepancy may be due to 
a small vapor pressure of the other reaction product. Hence, one mole of 
carbon dioxide is produced per mole of nitroisobutyric acid in the acetate 
buffers. 

As seen from table 1 the velocity of decomposition is not affected by a 
considerable variation of the ratio between the concentrations of acetic 
acid and sodium acetate. In the last experiment at 17.84°C. the final 
pressure was not determined as accurately as usual. It was therefore 
omitted when taking the mean values. The fourth column gives the num¬ 
ber of the preparation of nitroisobutyric acid. It is seen that different 
preparations decompose with the same velocity. 

In table 2 are given the results of experiments on the decomposition of 
nitroacetic acid carried out under the same experimental conditions. 

EXPERIMENTS IN HYDROCHLORIC ACID 

Here the pressure increase was approximately one and a half times as 
great as w’ould be expected from the experiments in acetate buffer solu¬ 
tions. According to the mechanism suggested in the schemes 1 to 3, one 
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mole of carbon dioxide and half a mole of nitrous oxide should be produced 
per mole of nitroisobutyric acid. In order to test this assumption the 
following calculations were carried out. 

First the total volume, v cc., of the reaction vessel was determined by 
adding a known amount of sodium carbonate to the flask which contained 
a known volume, u cc., of 0.1 M hydrochloric acid at 17.84°C. If we de¬ 
note by po (cm. of mercury) the pressure increase per mole of sodium car- 

TABLE 1 


Decomposition of a-nitroisobutyric acid in acetate buffer solutions 


TBMPSRATURB 

(CHaCOOH) 

(CHaCOaNa) 

PRBPARATION 

p 

k* 

degreet C. 

0,100 

0.100 

1 

646 

0.0449 


0.100 

0.100 

1 

641 

0.0446 

17.84 

0 050 

0.050t 

1 

643 

0.0449 


0.050 

0 100 

1 

642 

0.0448 


0.180 

0.100 

1 

(652) 

(0 0440) 

vfthiPfl. 

643 

0.0448 





9.78 1 

0.100 


1 

570 

0.01396 

0.100 


3 

575 

0.01394 

Averaae values. 

572 

0 01395 


t Containing 0.050 M sodium chloride 

TABLE 2 

Decomposition of nitroacetic acid in acetate buffer solutions 


TEMPERATURE 

(CHaCOOH) 

(CHaCOaNa) 

k* 

AVERAGE VALUE OP 

k* 

degrees C. 

0 100 

0.100 

0.02464 

1 

17.84 1 

0,100 

0.100 

0.02456 

) 0.02460 


0.050 

0 050 

0.02460 

1 

9.78 1 

0.100 

0.100 

0.100 

0.100 

0.00772 

0.00776 

1 0.00774 


bonate and by / the Ostwald absorption coefficient (the ratio between the 
concentrations of a gas in liquid and gaseous phase at equilibrium), the 
following formula holds 

Po (o - « + fu) - RT 

where ET = 1.815 X 10*. From the investigation of Geffcken (1) we 
find for carbon dioxide at 17.84°C. / = 0.988. The results are given in 
table 3. The average value of the volume is i; = 173.6 cc. 
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The molar pressure increase for nitroisobutyric acid added to hydro¬ 
chloric acid is given in the fifth line of table 3. By subtraction of po, the 
molar pressure increase for sodium carbonate added to hydrochloric acid, 
we find the partial pressure pz (per mole of nitroisobutyric acid) of the gas 
which is produced in addition to the carbon dioxide. If we assume that n 
moles of a gas with the absorption coefficient / is produced per mole of the 
acid, we have 

* pi{v — u -f fu) * nRT 

or 

173.6p, « 1.815 X 10« n + (1 - /) P^u 

When the experimental values of u and pz are introduced we get as result 
n == 0.538 mole of a gas with the absorption coeflScient / = 0.728 (compare 


TABLE 3 


M, volume of solution. 

20 

60 

100 

Pa, pressure increase per mole of Na*- 




CO, in 0.1 M HCl. 

1.042XW 

1.046X10* 

1 061X10* 

v, total volume of vessel. 

174 3 

174 2 

172,2 

pi, pressure increase per mole of nitro- 




isobutyric acid in acetate buffers. . 

(1 068X10*) 

1 072X10**' 

(1 088X10*) 

p 2 , pressure increase per mole of nitro- 




isobutyric acid in 0.03-0.3 M HCl.. 

1 623X10* 

1.667Xl0*t 

1.729X10* 

ps * p* — po (observed). 

0 581X10* 

0 621X10* 

0 668X10* 

p 3 (calculated from / * 0.728 and n = 




0.538). 

0 581X10* 

0 621X10* 

0 667X10* 

P 4 a* Pj — p, (observed). 

0 555X10* 

0 595X10* 

0.641X10* 

pt (calculated from / ■= 0.716 and n = 




0.613). 

0.554X10* 

0 594X10* 

0 641X10* 


♦ Average of four experiments (table 1). 
t Average of six experiments (table 4). 


the sixth and seventh line of table 3). From Geffcken's paper we get for 
nitrous oxide at 17.84®C. / = 0.718. 

If instead of subtracting the molar pressure increase for sodium carbon¬ 
ate in hydrochloric acid we subtract that for nitroisobutyric acid in acetate 
buffers (pi), we get an even better agreement. Only the value of pi for 
60 cc. of buffer solution has been determined by experiment. For the 
calculation of the values in parentheses we have used the assumption that 
the ratio pi/po is independent of the volume u. We find (compare the 
last two lines of the table) n =* 0.513 and / = 0.716. 

In order to show that one mole of acetone is formed per mole of nitro- 
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isobutyric acid (scheme 3), samples were taken from the reaction vessel 
after some of the experiments. Acetone was determined by the method 
of Messinger (6) in the form suggested by Ljunggren (5). By addition of 
sodium hydroxide and an excess of iodine solution iodoform was precipi¬ 
tated. The excess of iodine was titrated with thiosulfate after the solu¬ 
tion had been acidified with sulfuric acid. The analysis gave as result 
that 0.96 to 1.00 moles of acetone had been formed per mole of nitroiso- 
butyric acid. After the iodine set free by the addition of the acid had been 
titrated, more iodine was slowly liberated. The solution seemed to con¬ 
tain a substance which catalyzes the oxidation of hydriodic acid by the air. 
The deviation from 1.00 found in the analysis may have its origin in this 
source of error. 

Shortly after the start of the reaction the solution assumed a light green 
color which vanished when the reaction was finished. 

We shall now see that a comparison of the experiments in hydrochloric 
acid and acetate buffers leads to the following explanation. In the ace¬ 
tate buffers the acid is completely ionized and the velocity constant k 
found here is that for the decomposition of the nitroisobutyrate ion. In 
hydrochloric acid the fraction a which is ionized decomposes with the 
velocity constant k, while the unionized acid is stable. This is formally 
equivalent to saying that all the nitroisobutyric acid (free and ionized) 
decomposes with the velocity constant ah We test the explanation by 
calculating the dissociation constant if of the nitroisobutyric acid from the 
degree of dissociation a found as the ratio between the velocity constants 
in hydrochloric acid and in acetate buffers. 

We first assume that reaction 3 is so rapid compared with reaction 1 
that the latter determines the velocity of the total reaction. 

In computing the velocity constant we must take into account that the 
hydrogen-ion concentration of the solution of the acid in hydrochloric acid 
is diminished a little when the acid decomposes. We denote by a the con¬ 
centration of hydrochloric acid, by ofo,«, and «« the degrees of dissociation 
of the nitroisobutyric acid at the times 0, <, and oo. According to the mass 
action law we have 


-- [a-\-a(c- jc)] ^ K 

1 — a 

From this we obtain 


K 

a + a{c - x) -j- K 


and 




K 

a + K 


(5) 


The velocity is given by 


do; 

dT 


ka(c — x) 


( 6 ) 
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When equation 5 is introduced equation 6 may be written 


ka^dt 


yc — a-f/v a + K J ^ 


By integration we get 

- kaj « const. + He - x) + (c - x) - f' die - x) 

a + /v a + K 

If we introduce P — <p (c — x), equation 5, and fc* = 0.4343fc, we may 
write the expression as follows 


— k*aJL = const. + log P -f + A (7) 

where 

0.4343/C 
fp{a + K}) 


and 


»r'-— 

7P(,-P-0 “« 


a 


d(n- p) <PPo ——^ 
«« 


For the calculation of the correction fiP we must know K, This is found 
sufficiently accurately by calculating from a preliminary value of the 
velocity constant a^k. The correction A is of no importance except in the 
most dilute solutions of hydrochloric acid. Here we may compute it by 
rough graphical integration. 

The results of the experiments on nitroisobutyric acid are given in tables 
4 and 5. The velocity constant k*a^ is found by plotting the sum of log P 
and PP and, if necessary, the correction A against /. For the most con¬ 
centrated solutions of hydrochloric acid we get points that fall well on a 
straight line. For 0.1 M and less concentrated acid the points fall on a 
curve which approaches more quickly to a straight line the more concen¬ 
trated the acid. This result is what one would expect when a part of the 
gas is developed by a consecutive reaction whose velocity is less predomi¬ 
nating the smaller the hydrogen-ion concentration. For the velocity con¬ 
stant a^k* of the primary reaction we take the numerical value of the slope 
of the straight line. While the approach to the straight line was suffici¬ 
ently quick in 0.1 M hydrochloric acid to allow a good detennination of 
ajc*f this was uncertain even in 0.05 and 0.033 ilf, and in 0.02 and 0.01 M 
hydrochloric acid the straight line could not be drawn accurately enough. 
However, if we calculate ajc* for the experiment in 0.02 M HCl + 0.08 M 
NaCl according to the interpretation given above, using the dissociation 
constant K found for the same salt concentration in more acid solution, a 
line with the slope --aJe* fits well as an asymptote to the curve. 
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For the calculation of from we use the value of k* found in the 
experiments in acetate buffer solutions. It is seen from the tables that 

K = — is constant when the concentration of hydrochloric acid is 

1 — aoo 

varied, while the total salt concentration is kept constant. In order to 
see if the values of K at different salt concentrations agree among them- 


TABLE 4 

Decomposition of a-nitroisobutyric acid in hydrochloric acid at 17.84°C, 


(HCI) 

PREPA¬ 

RATION 

if> 


ttoo 

K 

-LOG K 


—LOG K 
+ 0.998 

1.928 

+0.873/i 

i X 10* 

0.3006 

1 

1006 

0 003165 

0.0706 

0 0229 

1.641 

0 3008 

2.190 

2.190 

0 

0 1994 

1 


0.00445 

0 0993 

0.0220 

1.657 

0.1997 

2.103 

2.102 

-fl 

0 1001 

1 

999 

0 00746 

0 1665 

0 0200 

1.699 

0 1006 

2 016 

2.016 

0 

0 5005t 

1 

1000 

0.01286 

0.2870 

0.0202 

1.696 

0.1009 

2.013 

2.016 

-3 

0 05005t 

2 

1000 

0 01272 

0 2839 

0 0198 

1.702 

0 1009 

2.019 

2 016 

+3 

0.05005 

1 

997 

0.01196 

0.2670 

0 0182 

1 739 

0 0509 

1 964 

1.972 

-8 

0 03337 

1 

997 

0 01560 

0 3482 

0 0178 

1.749 

0 0345 

1 935 

1 958 

-23 

0.02016J 

1 

(910) 









0.01008§ 

1 

(991) 










t Containing 0.0500 M sodium chloride. 
J Containing 0.0800 M sodium chloride. 
§ Containing 0.0900 M sodium chloride. 


TABLE 5 

Decomposition of a-nitroisobutyric acid in hydrochloric acid at 9.78°C. 


(HCI) 

PREPARA¬ 

TION 

a^k* 

«« 

K 

— LOO K 


—LOG K 
■f O 980v/ir 

1,871 
fO 873 m 

6 X 10* 


2 

0 001052 

0 0754 

0 0245 

1.611 

0 3009 

2 152 

2.133 

+19 


2 

0.001548 

0.1110 

0.0251 

1 601 

0.2011 

2 044 

2.046 

-^2 


2 

0 001538 

0.1103 

0 0250 

1.603 

0.2018 

2 047 

2 047 

0 


4 

0.00276 

0 1978 

0 0248 

1.606 

0 2011 

2 049 

2 046 

+3 


3 

0 00257 

0 1842 

0 0226 

1.646 

0 1007 

1.959 

1.959 

0 

QBE! 

3 

0 00412 

0 2953 

0.0210 

1.678 

0 0512 

1.902 

1.916 

-14 


t Containing 0.100 M sodium chloride. 


selves and to find the activity dissociation constant Kq we proceed in the 
following way. According to the Debye-Hiickel law we have 

—log K = —log Ka — A^fi -f- Bp (8) 

where p is the ionic strength and A a constant (at 18®C. 0.998, and at 
10®C. 0.986), while B approaches to a constant value when For p 

we use a mean value found by adding |aoc to the sum of the concentrations 
of hydrochloric acid and sodium chloride. If we plot — log X + A\/p 
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against n for each of the two series of experiments, the points fall fairly 
well on straight lines. Only the points for the most dilute hydrochloric 
acid deviate a little, probably owing to the greater error in computing 
the velocity constants. The neglect of these points in extrapolating to 
zero salt concentration is to some extent justified by the results on nitro- 
acetic acid in hydrochloric acid (tables 6 and 7), where we have no con- 


TABLE 6 

Decomposition of nitroacetic acid in hydrochloric add at J7.84^C 


1 

(HCl) 

a^k* 


K 

—Loa K 


-LOG K 
■i“0 yftSv" /i 

1 682 
+0 927m 

5 X I(H 

0 3006 

0 002816 

0 1145 

0 0389 

1 410 

0 3011 

1 959 

1 960 

-1 

0 2007 

0 00.388 

0 1577 

0 0376 

1 425 

0 2015 

1 874 

1 869 

+5 

0.1000 

0 00632 

0 2569 

0 0346 

1 461 

0 1014 

1 779 

1 775 

+4 

0 05010 

0 00952 

0 3870 

0 0316 

1 501 

0 0519 

1 728 

1 730 

-2 

0.05010 

0 00950 

0 3862 

0 0315 

1 502 

0.0519 

1 729 

1 730 

-1 

0 02014 

0 01432 

0 5821 

0 0280 

1 552 

0 0228 

1 703 

1 703 

0 

0 01009 

0 01777 

0 7224 

0 0262 

1 581 

0 0131 

1 695 

1 694 

-fl 


TABLE 7 

Decomposition of nitroacetic acid in hydrochloric acid at 9.78^C, 


(HCl) 

Ql 

«00 

D 

—LOG K 

wu 

— LOG K 

+ 0 986v M 

1.661 

+ 0 . 927 m 

5 X 10* 

0.2007 


0 1654 


1,400 


1.844 

1.848 

-4 

0 1000 

0 002067 

0 2671 

0 03(H 

1 438 

0 1015 

1 757 

1 755 

+2 

0.0501 

0 003065 

0 3960 

0 0328 

1 484 

0 0523 

1 710 

1 709 

-fl 


TABLE 8 

Ko and k* for nitroisobuiyric acid nitroacetic adds 



Ko 

k 




At I7 84*C 

At 9 78*C 

At 17 84"C 

At 9 78"C 

V 

Nitroisobutyric acid. 


0 0135 

0 0448 

0 01395 

kg -cnl 

32 7 

Nitroacetic acid. 


0 0218 

0 0246 

0 00774 

23 .5 


secutive reaction. Here there is a linear relation between —log iC + 
A\/fx and p down to the greatest dilution (0.3 — 0.01 M). The last col¬ 
umn in tables 4 to 7 shows the agreement of the experimental results for 
nitroisobutyric and nitroacetic acids with expression 8, using the values of 
ifo and B computed in this way. 8 is the difference (— log iv + 4\/m) ~ 
(-logifo + Bp). 

Table 8 gives the dissociation constants Ko and the velocity constants 
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k* for the two acids. In the last column is given the heat of activation 
(Q kg-cal.) calculated from k* in the usual way. 

THE VELOCITY OF BROMINATION OF NITROISOBUTYRIC ACID 

In the explanation given in the schemes 1 and 2 it is assumed that the 
decomposition leads directly to the aci-form of the nitro-hydrocarbon. In 
order to test this some experiments on the bromination of nitroisobutyric 
acid were carried out. 

The aci-forms of aliphatic nitro compounds are brominated practically 
instantaneously, while the nitro compounds themselves are not brominated 
directly. From the work of Junell (4) we know that secondary nitropro- 
pane is brominated extremely slowly at 18°C. in a strong acid, the velocity 
being probably determined by the slow isomerization to the aci-form (see 
also Pedersen (10)). 


TABLE 9 

Brominalion of niiroisohutyric ax'id at 17.84°C. 


IN 0 0998 A/ IICl 

IN 0 0101 M HCl -f 0 0900 M NaCl 

t 

f X 10» 

r X 10» 

ak* 

t 

r X 10* 

X X 10» 

ak* 

10 7 

7 340 

1 18 

0 00711 

2 8 

7 181 

1.186 

0 0280 

19 8 

8 002 

2 212 

0 00710 

8 8 

5 808 

2 49 

0 0276 

35 6 

7 271 

3 260 

0 00726 

17 1 

5 324 

3.49 

0 0270 

46 5 

8 110 

4 Z75 

0 00724 




- 

56 

7 293 

4 451 

0 00730 

Mean value. .. , 


0 028 

82 

7 425 

S 495 

0 00714 

(Indirectly from decompo- 


105 5 

7 967 

6 557 

0 00713 

sition experiments. 

0 028) 

Mean value. . 


0 0072 





(From 

decomposition ex- 






periments. . 


0 0074) 






If the explanation expressed in the schemes 1 and 2 is true, the secondary 
nitropropane should be brominated as soon as it is formed. Thus it should 
be possible to determine the velocity of decomposition of the nitroiso¬ 
butyric acid by measuring the velocity of disappearance of the bromine, 
when the acid is dissolved in bromine water. 

To 0.0998 M hydrochloric acid containing bromine at 17.84®C. in a flask 
with glass stopper was added a known excess of nitroisobutyric acid. The 
time t which elapsed between the addition of the substance and the dis¬ 
appearance of the brow'n color was determined. In different experiments 
with the same concentration of hydrochloric acid and nearly the same 
initial concentration, c, of nitroisobutyric acid the time of reaction was 
varied by varying the concentration of bromine. The decrease in the 
molar concentration of bromine during the time t serves as a measure of the 
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decrease x in concentration of nitroisobutyric acid. In table 9 the uni- 

1 C 

molecular velocity constant afc* = - log-has been calculated. The 

t c x 

mean value ak* = 0.0072 is in agreement with the constant ak* = 
0.0074 found by measuring the gas pressure for the same concentration of 
hydrochloric acid. 

In the bromination experiments we avoid the troublesome secondary 
reaction. It is of interest to do experiments in a solution where the sec¬ 
ondary reaction made it impossible to determine directly the velocity 
constant of the carbon dioxide cleavage. In 0.0101 M HCl -f 0.0900 M 
NaCl the velocity constant of the bromination ak* = 0.028 was found 
(table 9). In order to compare this result with those for the gas evolution 
experiments we make the following calculation. From experiments in 
more acid solution we know that K = 0.0200, when n = 0.1. The hy¬ 
drogen-ion concentration is (H+)oo = 0.0101, when t = oo,and(H+)o = 
0.010 -h 0.004 = 0.014, when t = 0, or in average (H+) = 0.012. Hence 
we find « = 0.0200/0.032 = 0.G2 and ak* = 0.62 X 0.0448 = 0.028, in 
good agreement with the bromination experiments. This shows that the 
impossibility of determining the constant directly by the pressure method 
in the most dilute solutions of hydrochloric acid actually is due to a second¬ 
ary reaction. 

We have now seen that the carbon dioxide cleavages of nitroacetic and 
a-nitroisobutyric acids follow the same laws. In both cases the undisso¬ 
ciated acid is stable, while the univalent ion is decomposed. The veloci¬ 
ties are of the same order of magnitude and the heats of activation are the 
same. From this we may conclude that the unstable form of a-nitrocar- 
boxylic acids in general is not the aci-form of the nitro compound, but the 
ordinary ion >CN02C()2~. The decomposition leads directly to the aci- 
form of the corresponding nitrohydrocarbon. From these facts we may 
try to form a picture of the details of the decomposition. The reaction 
may be expressed a§ follows by means of electron valency formulas. It 
is suggested that the decomposition is caused by a displacement of valency 
electrons in the direction shown by the arrows. 


:0:N::0 

:0:N::0 

:0:N:0: 

H:C:H 

H:C:H| 

• • 

H:C:H 

6;:C:6:H 

6::C:6; 

L/J 

b::C::0 

(0,NCH,COOH) 

(OjNCHsCX),- 

-OjN:CH, -1- CO,) 




570 


KAI JULIUS PEDERSEN 


THE DECOMPOSITION OF /3-KBTOCARBOXTLIC ACIDS 

It is interesting to compare the a-nitrocarboxylic acids with another 
group of unstable acids, the /3-ketocarboxylic acids. The simplest acid of 
this type, acetoacetic acid, has mainly been examined by Widmark (12, 
13) and Ljunggren (5). Here the undissociated acid decomposes with 
considerable velocity (CHaCOCHjCOOH -> CHaCOCH, + CO*), while 
the ion decomposes very slowly. The reaction is catalyzed by primary 
amines. Secondary amines have a small and tertiary amines hardly any 
effect. From the work on acetoacetic acid it was impossible to decide 
whether the keto or enol form is active. By studying a/n-dimethylaceto- 
acetic acid, which can not be rearranged into an enol form, Pedersen (8) 
found that the keto form is unstable. To this can now be added the fol¬ 
lowing result. By making kinetic experiments on the bromination of 
a,a-dimethylacetoacetic acid in the same way as described above for nitro- 
isobutyric acid and comparing them with earlier experiments on the rate 
of evolution of carbon dioxide, it was found that bromine is taken up with 
the same velocity as the keto acid is decomposed (one mole of bromine 
per mole of keto acid). From these experiments we may conclude that 
the decomposition of /3-ketocarboxylic acids leads directly to the enol form 
of the reaction product. Thus, there seems to be a close analogy between 
the mechanism of decomposition of a-nitrocarboxylic acids and ;8-keto- 
carboxylic acids. 

For /3-ketocarboxylic acids we may tentatively suggest the following 
mechanism. The ordinary form of the undissociated acid (I) is stable. 
The acetoacetate ion (II) decomposes very slowly. Owing to the weak 
basic properties of the keto group it will to a small extent take up hydrogen 
ions. The concentration of the ampho ion (III) thus formed is proportional 
to the concentration of the ordinary undissociated acid. Consequently 
it is impossible to decide from the kinetic experiments which of them is 
unstable. Owing to the attraction of the positive charge it is reasonable to 
assume that the ampho ion decomposes much more quickly than the ion 
(II). By the decomposition we get the enol form of the reaction product 
(IV). 




n 

.. 

H»C:C::0 

H,C:C::0 

HaC:C::0:H 

H,C:C:():H 

H:C:H 

H;C:h] 

H:C:^ 

H:C:H 

6::C:6:H 

6::C:6; 

br.CiO: 

b:;C::6 


.. 

•• LlJ 

• • .. 


(HaCCOCHsCOOH) (HaCCXiCHaCOa-) (H,CC(OH+)CHaCOs—♦CH.COH: CH,-fCO,> 
I II III 


II 


IV 
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In order to explain the amine catalysis we assume that an equilibrium of 
the type 

> CO -f H 2 NR > CNR + H 3 O (9) 

is quickly established. The group CNR has much stronger basic proper¬ 
ties than the keto group. Although the substance >CNR may only be 
formed in very small concentration by equilibrium 9, we may get a greater 
concentration of ampho ion than before, and a quicker decomposition. 


SUMMARY 

This paper contains a kinetic study of the decomposition of a-nitroiso- 
butyric and nitroacetic acids at 17.84°C. and 9.78°C. in acetate buffer 
solutions and in hydrochloric acid of different concentrations. 

From the results it is concluded that the carbon dioxide cleavage of the 
a-nitrocarboxylic acids consists of a decomposition of the ion with a nega¬ 
tive charge at the carboxyl group and leads directly to the aci-form of the 
corresponding nitro hydrocarbon 

> C(N02)C02-- > CN02“ -f CO 2 

The dissociation constants of the two acids have been calculated from 
the kinetic experiments. 

The analogy between the carbon dioxide cleavage of the a-nitrocarboxy- 
lic acids and the ^-ketocarboxylic acids has been pointed out. An attempt 
has been made to suggest a mechanism which explains the decomposition 
of both groups of acids and the amine catalysis of the cleavage of the keto 
acids. 

My thanks are due to Professor Niels Bjerrum for his kind interest in 
my work. 
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Britton and Robinson (5) find in some cases of the precipitation of the 
hydroxide or a basic salt from a salt solution by sodium hydroxide, that 
the reaction is governed by the solubility product of the hydroxide, cal¬ 
culated from the titration curve, whereas in other cases the solubility prod¬ 
uct so calculated is far from constant. 

They include in their paper one curve for the precipitation of a basic 
nitrate from a solution of mercurous nitrate acidified with nitric acid, by 
the addition of sodium hydroxide, using the glass electrode as an indicator 
electrode, but they have not attempted to calculate the solubility product 
in this case. Accordingly, the work to be described was undertaken and 
the precipitation of a basic nitrate from acid mercurous nitrate solutions 
of three different concentrations was studied, the solubility product of 
mercurous hydroxide being calculated from the titration curves obtained. 
Three fairly concordant values of the solubility product of mercurous 
hydroxide have already been published (1, 6, 8), and the reaction seems a 
very suitable one to test the statement of Britton and Robinson (5) that 
the solubility product principle is untenable in the case of the precipitation 
of basic precipitates generally. 

EXPERIMENTAL 

Preparation and analysis of the solutions 

Pure mercurous nitrate was used in this work, and was dissolved in cold 
water with the addition of sufficient pure dilute nitric acid to prevent the 
separation of a basic salt. The solution was analyzed before use. Mer¬ 
cury was determined by titration with thiocyanate (7) and total nitrate by 
reduction to ammonia in caustic soda solution with Devarda’s alloy and 
titration of the ammonia distilled off (10). 

pH values of solutions 

An attempt was made to use the quinhydrone electrode for the deter¬ 
mination of the pH values of the solutions, as this electrode has been stated 
to behave normally in dilute nitric acid solutions (2), but in all cases tried 
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it was found to give low readings. Thus in one titration the quinhydrone 
electrode indicated a pH of 3.0, and the pH values of parallel solutions by 
the colorimetric and glass electrode methods were 4.1 and 4.05, respec¬ 
tively. It is possible that the quinhydrone electrode is affected by the 
mercurous-mercuric potential set up at the platinum electrode. After a 
number of trials the quinhydrone electrode was abandoned in favor of the 
glass electrode, which has been examined by Britton and Robinson and 
found suitable for studying precipitation reactions. 

The electrode used was of the bulb type filled with normal hydrochloric 
acid saturated with quinhydrone. It was mounted in a waxed cork sup¬ 
ported on an insulated stand, and it dipped into the solution contained in 
a beaker, the contents being agitated by a mechanical stirrer and connected 
by means of a saturated potassium nitrate bridge to a saturated calomel 
electrode. The e.m.f. of the cell was measured with a valve electrometer 
of standard type used with external potentiometer, both supplied by the 
Cambridge Instrument Co. 

A number of electrodes provided for use with the instrument were ex¬ 
amined, using the universal buffer of Britton and Robinson (4), plotting 
pH against the e.m.f. of the cell. The electrodes all gave a graph differing 
very little from a straight line, but the sensitivities varied considerably. 
The most sensitive electrode was used for the work to be described and 
was standardized using N/2Q potassium hydrogen phthalate and N/2{) 
borax before each titration, a calibration curve being constructed from 
which the pH could be read off direct. This particular electrode pos¬ 
sessed a sensitivity of 0.057 volt per pH unit. 

Titration 

The curves for the three titrations are reproduced in figure 1. A 10-cc. 
portion of stock mercurous nitrate solution containing 0.0367 g. of mer¬ 
cury and 0.0320 g. of total nitrate was added to 200 cc. of water and ti¬ 
trated with 1.213 N/50 sodium hydroxide to give curve I, and 20-cc. and 
30-cc. portions of the same solution with 200 cc. of water were used for 
curves II and III, respectively. The precipitation was carried out at room 
temperature, 18°C. 

Equilibrium was quickly reached after each addition of alkali, in most 
cases within two minutes, but longer time was allowed at the bends. Some 
precipitation took place at the beginning of the titration; most of the pre¬ 
cipitate dissolved on prolonged stirring, but the solution remained opales¬ 
cent. The bulk of the precipitation took place however after the first 
bend at J', K', and L'. That precipitation was complete after the final 
bend was shown by filtering the solution, evaporating to small bulk, faintly 
acidifying, and testing for absence of mercury with hydrogen sulfide. 

The initial pH of precipitation is higher than that given by Britton and 
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Robinson (5), which is approximately 3.0, but their solutions were much 
more concentrated than those used by the author and precipitation would 
be expected to occur at a lower pH in such solutions. The pH values at 
the completion of precipitation were 4.84, 4.88, and 4.92; the pH value of 



^.NaOH 

Fio. 1. Curves for the Titrations 


practically complete precipitation of mercurous hydroxide can thus be 
taken as 4.9. 


COMPOSITION OF THE PRECIPITATE 

From the analytical figures for total NOi and Hg in the solution the 
amount of free HNO3 w’as calculated and the theoretical volume of alkali 
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required to neutralize the latter. The points J, K, and L indicate the 
theoretical points of neutralization of the free acid. There are slight in¬ 
flections of the curves corresponding to these points, but they are much 
too gradual to fix the points by means of the curves. The difference be¬ 
tween the calculated volume of alkali required to neutralize the free acid 
and the observed amount needed for precipitation, read off from the curve, 
gives the amount needed for the precipitation of mercurous hydroxide. 
In all three cases this was less than the theoretical, the ratios of observed 
to theoretical being 0.722, 0.755, and 0.766. The calculations are set 
out in table 1. 

This would appear to indicate that a basic nitrate of the approximate 
composition 3 Hg 20 * 2 HgN 03 xH 20 was being precipitated, in which the 
molecular ratio of Hg to NO 3 was 4:1. That this was indeed the compo¬ 
sition of the precipitate was proved by conducting a duplicate precipitation 
using the same amounts of solutions as in experiment III and determining 

TABLE 1 


Sodium hydroxide required 



Curve 1 

Curve 11 i 

C'urve III 

Actual NaOH required to react with HgNOs 
and HNOs.* 

19 0 cc. 

38 5 cc. 

58 0 CC. 

Theoretical NaOH requirt^d for HNO 3 . 

13 6 cc. 

27.2 cc. 

40 8 cc. 

Actual NaOH required for HgNOa. 

5 4 cc. 

11 3 cc. 

17.2 cc. 

Theoretical NaOH required for HgNOa ... 

7 48 cc. 

14.96 cc. 

22.44 cc. 

Ratio of observed to theoretical. 

0 722 

0.755 

0 766 


the total NOs in the solution at the end of the titration. All the Hg in 
the solution had been precipitated and it was thus possible to calculate the 
amount of NO 3 combined with the Hg. This calculation gave a molecular 
ratio of Hg to NO3 in the precipitate of 4.1: 1 , in good agreement with the 
value of 4:1 obtained from 3 Hg 20 - 2 HgN 03 xH20. This is more basic 
than any definite basic nitrate which has been described (9), and it is 
probable that the precipitate produced is a mixture of a less basic nitrate 
and mercurous oxide or hydroxide. 

CALCULATION OF THE SOLUBILITY PRODUCT 

Britton (3) has shown that the pH values necessary for the precipitation 
of a large number of basic salts from metallic salt solutions, differ very 
little from the pH values necessary to precipitate the corresponding hy¬ 
droxides. It is thus obvious that the solubility product of the hydroxide 
is the predominant factor in the precipitation of such basic salts. This is 
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confirmed by the fact that the solubility product [Hg 2 ++]* [OH~]’ [NOj-] 
corresponding to the basic salt (Hg!!)sN 03 ( 0 H )3 is less constant than that 
of the hydroxide, and assuming the above, it is possible to calculate the 
solubility product of mercurous hydroxide from the curves above de¬ 
scribed. A method of calculation similar to that used by Britton and 
Robinson (5) is used. Three points on each curve were arbitrarily chosen 
(points A, B, C, D, E, F, G, H, I). Knowing the volume of alkali re¬ 
quired for complete precipitation, the [Hgj'*"'■] still in solution could be 
calculated at each point. From the pH, the [OH~] can be calculated, tak¬ 
ing the ionic product of water as 0.73 X 10“*^ at 18°C. Thus [ngj^+J 
[OH~]* can be obtained. The calculations are set out in table 2. 

TAHLE 2 


Calculation of the soluhilitt/ product 


POINT ON 
t UUVB 

1>H 

(H'l X KM 

(OH 1 X 
101“ 

NaOH 

AOI>LD AT 
POINT 
(HOSEN 

AT 

BEi.INNINU 
or TITRA¬ 
TION X 10* 

me 1 

AT POINT 

CBOBEN X 10* 

X m 

A 

4 3 i 

0 50 

1 46 

CC 

16 7 


0.1718 

3 6 

B 

4 5 

0 32 

2 28 

18 0 

; 0 4356 

0 0743 

3 9 

C 

4 7 

0 20 

3 65 

18 8 

,1 

0.0148 

2.0 

D 

4 2 

0 63 

1 16 

31 0 

i 

0 4837 

6 5 

E 

4 5 

0 o2 j 

2 28 

35 4 

!■ 0 8317 

0 1965 

10.2 

F 

4.7 

0.20 

3.65 

37.3 

1 

0 0755 

10 1 

G 

4 1 

0 80 

0 913 

44 7 

i 

0 7720 

6 4 

H 

4.4 

0 40 

1 83 

51 2 

1 1933 

0 3860 

12 9 

I 

4 7 

0 20 

3 65 

56 0 

1 

0 1116 

14 9 


Mean solubility product . . 7.8 X 10'** 


It will be observed that the solubility product obtained is not constant, 
but having regard to the fact that a basic nitrate is actually precipitated 
and to the presence of sodium nitrate in the solution, the product is suf¬ 
ficiently constant to show that the reaction is governed by it. Other de¬ 
terminations of the solubility product of mercurous hydroxide have been 
made by Bugarsky (6), Immerwahr (8), and Allmand (1), who obtain the 
values 1.82 X 8.05 X 10~**, and 4.8 X 10"“^, respectively. The 
mean of the values obtained from table 2 is 7.8 X 10“*^ in reasonable agree¬ 
ment with those above. It is quite obvious in this particular case that the 
titration curve does provide a means of calculating the solubility product 
of the hydroxide, although a high degree of accuracy cannot be expected. 

The constancy of the solubility product is not improved by correcting 
for the “activities” of the ions and the total ionic strength of the solutions. 
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HYDROLYSIS 

It is well known that considerable hydrolysis occurs in mercurous ni¬ 
trate solutions, but no direct determination of the extent of the hydrolysis 
has been made, owing to the difficulty of obtaining the [H+] in such solu¬ 
tions. The glass electrode renders this determination possible; accordingly 
the hydrolysis of mercurous nitrate in the three solutions used for the titra¬ 
tion, all of which contain free nitric acid, was calculated. In order to 
simplify the calculation it was assumed that the free nitric acid was com¬ 
pletely ionized,—a justifiable assumption having regard to the dilute solu¬ 
tions used. The salt effect of the mercurous nitrate on the pH of the solu¬ 
tion was also neglected. The figures are set out in table 3, and it will be 
seen that even in the presence of a considerable excess of free nitric acid. 


TABLE 3 

Hydrolysis of mercurous nitrate 


SOLUTION 

INITIAL 

pH 

(H+JXKP 

CALCULATED 
[11+] DUE TO 

HNO» X 10> 

[H^] DUE TO 
HYDROLYSIS 

xio* 

[NOa'l from 
HgNOa X 10* 

PER CENT OF 
HYDROLYSIS 

I 

2.73 

1.95 

1.58 

0.37 

0.87 

42 5 

II 

2.44 

3.60 

3.02 

0.58 

1.66 

34 9 

III 

2.30 

6.00 

4.34 

0.66 

2.39 

27.6 


hydrolysis is very marked, decreasing with an increase in the total concen¬ 
tration of nitric acid and mercurous nitrate. 

SUMMARY 

1. The quinhydrone electrode gives high readings in dilute nitric acid 
solutions of mercurous nitrate. The glass electrode may be used in such 
solutions. 

2. When dilute sodium hydroxide is added to dilute nitric acid solutions 
of mercurous nitrate, a basic nitrate is precipitated having the approxi¬ 
mate composition, 3Hg20-2HgN08-xH20. 

3. The precipitation is governed by the solubility product of mercurous 
hydroxide, which is calculated to be 7.8 X 10“^^ 

4. Mercurous nitrate is hydrolyzed to a considerable extent in the dilute 
nitric acid solutions studied. 

The author wishes to express his thanks to Dr. H. J. S. Sand for his 
interest and advice during the course of this work. 
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According to Bronsted’s (3) definition of acids and bases any neutral 
molecule or ion which can give off a proton is called an acid, and any neu« 
tral molecule or ion which can take up a proton is called a base. When 

A B + H+ 

A is an acid and B the corresponding base. Low'r>^ (27) has independently 
suggested the same definition. The proton being incapable of independent 
existence, an acid can only give off a proton to a base. Thus the charac¬ 
teristic acid and base function is the transference of protons from the acid 
to the base as expressed in the scheme 

A, + IL A, (1) 

where the base Bi corresponds to the acid Ai, and the acid An to the base 
B 2 . Bronsted (6) calls this a protol>"t.ic reaction. 

The relative strength of two acids or ba.ses is defined by means of the 
degree of displacement of equilibrium 1. If Xa is the strength of an acid 
A and Kb that of a base B, we use the definition 

^ ^ (HiXAg) 

Ka,*Xh. (AiXH.) 

In this way w^e can compare the strengths of two acids or bases in any 
solvent. The relative strength is usually dependent on the solvent. If 
the solvent S is a base we get the equilibrium 

Ai 4 - s Bi 4- SH"- 

In this case we define the strength of the acid Aj and the base Bj in the 
solvent by 


“ Kb. * (A) 

581 


(3) 
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Where there can be no misunderstanding we often call the ion the 
hydrogen ion and denote it by H*^. In the solvent water SH+ is the hy- 
droxonium ion 

Protolytic reactions are generally very rapid. It has not yet been pos¬ 
sible to show with certainty that the interaction of ordinary acids and bases 
takes a finite time. Only the so-called pseudo acids, which will be dealt 
with later, react in some cases with measurable velocity. By means of the 
flowing stream method of Hartridge and Roughton (20) it has been shown 
by Saal (38) that the reaction between hydroxyl ions and different weak 
acids and between hydrogen ions and different weak bases is complete in 
less than 0.004 second. La Mer and Read (24) found by the same method 
that the reaction between 0.05 N solutions of acetic acid and ammonia at 
25®C. was only 95 per cent complete 0.002 second after mixing. These 
authors intend to repeat the experiment with an improved apparatus. It 
will be of interest to see whether the result will be confirmed. 

It is reasonable to assume that the velocity of the protolytic reaction is 
to some extent determined by the strength of the reacting acid and base. 
The weaker the acid and base the slower the reaction. However, by purely 
static considerations we cannot find a relation betw^een the velocity and 
the strengths of the acid and base. If we denote by t’Ai, b» ^Ai, b*» 
respectively, the velocity and the bimolecular velocity constant for the 
transference of a proton from Ai to B 2 (scheme 1), we have 

t^Ai.Bs = irAi.Bi(Ai)(B 2 ) and rA5,Bi “ 7rA8,B,(A2)(Bi) 

At equilibrium i^ai, b* = bu and consequently 

^TAi.Bz _ (BijCAa) 

(AiXB^) 


By means of equation 2 we get the relation 


^A2,B. Kxt 


Kai X 


(4) 


Only the ratio between the velocity constants of the balanced reaction 1, 
not the separate constants, is given by expression 4, wliich is all we can 
get in this way. Only kinetic experiments can decide whether the veloc¬ 
ity is determined by the strengths of the acid and base. 

It has been found, first by Bronsted and his coworkers (7~10, 12-15), 
afterwards by many other investigators (16,17,23,26,31,33,34,35,36,42), 
that a great number of reactions are catalyzed by acids or bases in general, 
that is, all sufficiently strong acids or bases catalyze, and the effect in¬ 
creases with increasing acid or basic strength of the catalyst. Bronsted 
has developed a theory of this general acid and basic catalysis (4, 5). 
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According to this theory the velocity is determined by a protolytic reac¬ 
tion between the substrate and the catalyst. We have general acid or 
basic catalysis if the substrate molecule by receiving or by giving off a 
proton gets into an unstable state which immediately (or very quickly 
compared with the velocity of the protolytic reaction) leads to the reac¬ 
tion which w^e examine. If in acid and basic catalysis we call the sub¬ 
strates R and RH respectively, the velocities are determined by the reac¬ 
tions 

R-fA —► RH+-fB (6) 

and 

RH + B R--fA (6) 

The substrate is an extremely weak base or acid, and since the correspond¬ 
ing acid (RH”^) or base (R") disappears practically immediately after its 
formation, it is possible to folknv the protolytic reaction. 

If the velocity of the protolytic reaction is detennined mainly by the 
strengths of the reacting acid and base while other factors have a minor 
influence, by plotting the catalytic constants for the acid catalyst A, 
and Ab for the basic catalyst B) for a series of catalysts of the same reac¬ 
tion against the acid or basic strength, wo should get points w hich fall not 
far from a continuous curve. Actually it has been found for a great num¬ 
ber of reactions that the points fall very close to a straight line when log 
kx is plotted against log K\ and log against log K^, Thus it follows 
from the experiments that w e may express the dependence of the catalytic 
constant upon the strength of the catalyzing acid or base by the equations 

kA = ITAJI =* qKa ® (7) 

and 

k'B « irRn,B *= (8) 

The influence of the strength of the catalyzing acid or base is expressed by 
Ka or respectively, wdiere a and are constants characteristic of the 
reaction examined. The factor g usually does not vary much within a 
series of acid or basic catalysts of the same reaction. For the transfer¬ 
ence of a proton from RH+ to B we get by means of equation 4 

Ka X ar 

If we assume that an increase of Ka tends to increase ta, r w^hile an in¬ 
crease of Kb tends to increase 7^RH^ b> both a and 1 — a must, be positive, 
that is 0 < a < 1. In the same way w^e find that 0 < jS < 1. These re¬ 
sults are in agreement with the experiments. 
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STATISTICAL FACTORS (CF. BRONSTED (4, 5, AND 12)) 

The number of protons which an acid molecule can give oflF and the 
number of vacant places on a base molecule where a proton can be taken 
up has an influence on the velocity of transference of a proton from the 
acid to the base, and therefore on g in the expressions 7 and 8 . We assume 
that g ^ G when A can give off only one proton and B can take up only 
one proton. We shall compare this simple case with a more general one 
where A has p protons, each bound with the same strength as in the simple 
case, and B has q vacant places, each with the same tendency to take up a 
proton as in the simple case. It is a necessary, though not suflBcient, con¬ 
dition for a transference of a proton from A to R that the active part of 
the molecule R hits A wdthin a certain area round a proton which can be 
given off. If we assume that the active areas of A do not overlap, tta, r 
will be p times as great as in the simple case. We find in the same way, 
when we assume that the active areas of B do not overlap, that ttrh", b 
will be q times as great as in the simple case. By means of equation 4 we 
find that Kx will be p/q times as great. Consequently we get 



or ^ ~ p^“* G. By similar considerations we find for basic catalysis 



or g — q^~^ p^ G. 

It seems reasonable to assume that more protons bound to the same atom 
in an acid count as one when determining the statistical factor. Thus 
p = 1 for H 3 O+ and NH 4 ‘^, while p = 2 for H 2 SO 4 . Similarly, when a base 
can take up more protons at the same atom, this place is only counted as 
one. Thus ^ = 2 for CH 3 C 02 “ and g = 1 for OH”. 

THE INFLUENCE OF THE ELECTRIC CHARGE OF THE CATALYST 

The value of g in equations 7 and 8 depends on the electric charge of the 
catalyst. Let us consider basic catalysis and only reactions where the 
substrate RH is uncharged. We assume that equation 8 holds for a series 
of bases with no electric charge when g has the value go, and for a series of 
bases with one negative charge when g = g^. We now consider two hypo¬ 
thetical bases B~ and B differing only in their electric charge. We com¬ 
pare the reactions 

RH + B- R-’ + BH (11) 

and 


RH + B 


R” + BH+ 


( 12 ) 
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We assume that /3 in equation 8 is independent of the charge. We have 


and A;b- *• 


Hence 


We have 


^ / /^B -V 

9- \Kb J 


(13) 


kii 

kh 


^RH.B 

TTRH.B* 


Kb = 


^RH.B 
ITBH'.R ' 


and 


Kb~ - 


’TBH.R- 


which we introduce into equation 13. Hence 

/ ^Rh.h /IMiiliR'Y (14) 

g- \^RH.B / yiTBH.R- / 

In going from reaction 11 to 12 the velocities change in the following way. 
It will be more difficult for B to take up a proton than for B”, but it wdll 
be easier for BH+ to give off one than for BH, and, in addition to this 
effect, the electric attraction between BH'^ and R” w ill increase the veloc¬ 
ity of the reaction from right to left. From this we conclude that the 
following relation will probably hold 


yBH^R- ^ yRH.B- ^ j 
TBH.R ’trh.B 

By introducing this into equation 14 we find, that go < g- when is very 
small, and go > g^ if /3 is sufficiently great and ahvays if jS > 1/2. 

The influence of more negative charges can be examined in the same w ay. 

For a base with two negative charges (g = g _ ), we find that g _> g ~ 

w^hen is very small, and g_< g_ w hen is sufficiently great and always 

if > 1/2. 

If we compare bases of the same strength we may express the effect of 
the electric charges as follows. The base with the greatest number of 
positive charges (smallest number of negative charges) is the strongest 
catalyst, when 0 is sufficiently great, and alw ays if jS > l/'2. The greater 
0y the greater the effect. When 0 is veiy^ small the effect goes in the oppo¬ 
site direction. The attraction between R“ and a positive ion is greater 
and increases more rapidly with increasing electric charge of the ion than 
the repulsion between R- and a negative ion, the former being on the 
average nearer together than the latter. Consequently, the effect will 
increase more rapidly in the series B~, B, B+, B^'+ . . . than it w ill decrease 
in the series B~, B .... 

For acid catalysis we find analogous rules. Among acids of the same 
stiiength the strongest catalyst is the one with the greatest number of 
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negative charges (smallest number of positive charges), when « is suffici¬ 
ently great, and always if o > 1/2. When a is very small the effect is 
opposite. The effect will increase more rapidly in the series A+, A, A“, 
A— . . . than it will decrease in the series A+, A+.+ .... 

THE SALT EFFECT 

Addition of salt will generally alter both the velocity constant or 
Ajb) and the strength (K^ or Kb) of the catalyzing acid or base. When the 
substrate is uncharged the primary (5, 12) kinetic salt effect is generally 
small, but there is a considerable salt effect on (except when A has one 
positive charge) and on Kb (except when B is uncharged). Therefore we 
may expect to get a better agreement with experiment when in formulas 
9 and 10 we use, instead of Ki^ and Kb, their values at infinite dilution, 
IfA* and Xb*: 



If the substrate molecule is charged it is very important not to neglect the 
different effect of salts on the velocity and on the acid and basic strength. 

As an example of the application of the theory we shall give a summary of 
experiments on the decomposition of nitramide in aqueous solution at 
15“C. 

HjNjO, -♦ N,0 + H,0 

It was through the study of this reaction that general basic catalysis was 
first found (Bronsted and Pedersen (12)). The work has been continued 
by Bronsted and Duus (8) and by Bronsted and Volqvarts (14). Recently 
Bronsted and Vance (13) have examined the reaction in amyl alcohol. 

Acids have no catalytic effect on the decomposition of nitramide in aque¬ 
ous solution. In dilute solutions of strong acids a slow reaction with the 
unimolecular constant fco* = 0.00038 min.“* was found. (By an asterisk 
we denote that the constant has been calculated by means of decadic 
logarithms. Thus k* = 0.4343A;.) This so-called spontaneous reaction is 
simply explained as basic catalysis by the water. In solution containing 
bases B the velocity constant can be written k = ko + SA:b(B) or, if we 
consider the water as a base of the concentration 55.5 and write A:h,o = 
A:o/55.5, in the simpler way k = SA:b(B). 

Since the publication of the first paper our views on the effect of statisti¬ 
cal factors have altered somewhat. Here the results have therefore been 
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recalculated in accordance with formula 16. We have also in some cases 
deviated from the original papers in the determination of the statistical 


TABLE I 

The decomposition of niiramide at 16°C, 



CATALYST 

P 

Q 


Aum* 

LOG_ 

Q 

q » 

G* X 10» 


Propionate ion 

1 

2 

0 649 

0.51-1 

4 57 

7.1 


Acetate ion 

1 

2 

0.504 

0 40-1 

4 44 

7 1 

Bases 
with one 
negative 
charge 

13 - 0.80 

G* * 7.2 

Acid succinate ion 

2 

2 

0 320 

0.20-1 

4 19 

7.1 

Phenylacetate ion 

1 

2 

0 232 

0 06-1 

3 98 

7.6 

Benzoate ion 

1 

2 

0.189 

0.97-2 

3.89 

7 2 

Formate ion 

1 

2 

0.0822 

0.61-2 

3.38 

8 1 

Acid malate ion 

2 

2 

0 0765 

0.58-2 

3.40 

7.2 

Acid tartrate ion 

2 

2 

0 0363 

0 26-2 

3 01 

7 1 

X 10 

Acid phthalate ion 

2 

2 

0 029 

0 16-2 

2 92 

6 6 

Salicylate ion 

1 

2 

0 0206 

0 01-2 

2.70 

7 1 


Primary phosphate ion 

3 

2 

0 0079 

0 60-3 

2 30 

(5.8) 


Diehloroacetate ion 

1 

2 

0 0007 

0.54-4 

1.00 

(5.5) 

Bases 

Secondary phosphate ion 

2 

3 

86 

1 46 

7 06 

2 09 

with two 

Normal succinate ion 

1 

4 

1 8 

0 66-1 

5 02 

1 95 

negative 

Normal malate ion 

1 

4 

0 72 

0.26-1 

4.51 

2 19 

charges 

Normal tartrate ion 

1 

4 

0.165 

0.62-2 

3.79 

2 09 

0 - 0.87 

G* - 2.07 
X 10-* 

Normal oxalate ion 

1 

4 

0.104 

0.42-2 

3 57 

2 04 


p-Toluidine 

1 

1 

1.16 

0.06 

5 15 

15 8 

Bases 

w-Toluidine 

1 

1 

0 64 

0 81-1 

4.82 

15 5 

with no 

Aniline 

1 

1 

0 54 

0 73-1 

4 70 

16.2 

charge 

o-Toluidine 

1 

1 

0 38 

0.60-1 

4 54 

15.8 

0 « 0.75 

p-Chloroaniline 

1 

1 

0 21 

0 32-1 

4 04 

19.5 

G* - 17.0 

m-Chloroaniline 

1 

1 

0.081 

0.91-2 

3.52 

18 6 

X 10~» 

o-Chloroaniline 

1 

1 

0 018 

0.26-2 

2.68 

17.8 


Water 

1 

1 

6 8X10-^ 

0.85-0 

-1.74 

(14) 

Bases 

[Rh(NH,).(OH)l++ 

1 

1 

396 

2 598 

5 86 

620 

with two 

[Co(NH,).(OH)] + + 

^ 1 

1 

449 

2 652 

5.69 

980 

positive 

[Co(NH,)4(H.O)(OH)1 + + 

2 

1 

328 

2 516 

5.52 

1000 

charges 

ICo(NH,),{H,0),(OH)] + + 

3 

1 

135 

2.130 

5 20 

740 

0 - 0.82 

1A1(H,0).(0H)]++ 

6 

1 

121 

2 083 

5.73 

(240) 

G* « 780 

lCr(H,0).(OH)l + + 

6 

1 

32.7 

1.515 

4.68 

480 

X 10 

(Fe(H,0).(OH)l++ 

6 

1 

2 28 

0 358 

2 98 

830 


factors by using the rules given above. The strengths of the bases are 
usually those given in the three papers (8, 12, 14). For the primary and 
secondary phosphate ion they are taken from the investigation by Bjer- 
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rum and Umnack (2), and for the succinate, malate, tartrate, and oxalate 
ion from Larsson^s measurements (25). 

A study of table 1 and figure 1 will show that there is a good agreement 
between the theory and the experiments. Formula 16 holds well within a 
group of bases with the same electric charge. The change of catalytic 
effect on going from one type of bases to another goes in the direction we 



Fig. 1, The Decomposition or Nitramide 
D ependence of catalytic constant upon basic strength 

would expect. In agreement with the theory, the effect of bases with two 
positive charges is especially great, about one hundred times as great as 
of bases with the same strength and one negative charge. The catalysis 
by water has the order of magnitude we would expect when we use for the 
basic strength of water the value = (H 30 '^)/(H 20 ) (HaO*^) = 55.5’"'. 

Nitramide is a weak acid. Bronsted and King (11) have found by 
measurements of electrical conductivity that its apparent strength is K® 
s= 2.55 X 10~^ at 15®C. It is seen from their measurements that the 
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protolytic reaction by which the dissociation equilibrium is attained is 
very much quicker than the decomposition. Therefore the protol 3 rtic 
reaction which leads to decomposition must be another. We assume that 
the following equilibria are attained practically instantaneously 

H2NNO2 HNiNOj- 4 - ^ HNrNOOH 

Thus a constant, but very small, fraction of the undissociated nitramide 
is in the form HNiNOOH. We may explain the decomposition as taking 
place when the last proton bound to the nitrogen atom is given off to the 
base. This explanation is supported by the fact that nitramines of the 
type RHNNO 2 , e.g. methylnitramine, are stable. Thus Thiele and Lach- 
mann (40) have found that methylnitramine undergoes boiling with potas¬ 
sium hydroxide without decomposition. From this fact we may conclude 
that body hydrogen atoms in nitramide play a part in the decomposition. 

It has been found by Bronsted (11,14) that the nitramide ion is unstable 
and decomposes about twenty times more quickly than undissociated nitra¬ 
mide in pure water. This is also in conformity with the explanation. Ow¬ 
ing to the negative charge of the ion HN:N 02 ~ the proton is bound much 
more strongly than the corresponding proton in HNrNOOH, and the pro- 
tolytic reaction which leads to decomposition will therefore be much 
slower, but, on the other hand, all the nitramide ion is in the unstable form, 
while this is only the case with a small fraction of the undissociated nitra¬ 
mide. 

For other examples of general basic or acid catalysis we refer to the 
literature (4, 5, 7-10, 12, 13, 14-17, 23, 26, 31, 33-36, 42). 

One of the best known forms of reversible isomerization is that charac¬ 
terized by the change of position in the molecule of a proton, which may 
be accompanied by a rearrangement of bonds (valency electrons). Lowry 
(28) has called this form of isomerism prototropy. Although Lowry only 
considers isomerizations with both proton- and bond-shifting it seems 
reasonable to include under the name prototropy also those where only 
proton-shifting takes place, e.g., H 2 NCH 2 COOH ?:± -^H3NCH2(:02-’. How¬ 
ever, we shall deal here mainly with the former class of prototropy. 

The greatest number of reactions in which general acid or basic catalysis 
has been found are prototropic isomerizations. Thus the mutarotation 
of glucose (9, 31) and the enolization of acetone (17) are catalyzed by 
both acids and bases, while the enolization of acetoacetic ester and acid 
(35, 36) and the isomerization of nitromethane (34), CH3NO2 CH2: 
NOOH, are catalyzed only by bases. 

The best examined prototropic systems belong to the triad- or the ring- 
chain systems, respectively, 

yX yX-H 

X:Y-Z.H and (A)<( | (A)<( 

^Y-ZH \Y:Z 


H-XYrZ 
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where Xj, Y, and Z may be chosen among the three atoms 0, N, and C 
(41). Of the prototropic reactions mentioned above, mutarotation belongs 
to the latter class, while the others belong to the former. 

A great deal of work on prototropic systems has been carried out by 
Thorpe, Ingold, and their coworkers, although not from the point of view 
of general acid and basic catalysis. We shall here mention some of their 
most important results. The hydrogen atom is much more mobile when 
it goes from one nitrogen atom to another than when it goes from one car¬ 
bon atom to another, and there is no doubt that it is even more mobile 
when it goes from oxygen to oxygen. Compared with this the nature of 
the third atom in the triad Y is of minor importance ( 21 ). Thus the mo¬ 
bility increases in the same order as the tendency to give off a proton 
(methane is a weaker acid than ammonia and this weaker than water). 
The mobility is dependent on substituents in the prototropic molecule. 
Electronegative groups, which increase the tendency to give off a proton, 
increase the mobility ( 22 , 39). The mobility is catalyzed by bases, 
and in some cases also by acids, although usually to a less extent. The 
strong bases are the strongest catalysts, in water OH"*, in ethyl alcohol 
C 2 H 66 “, etc. 

From work in this field it seems justifiable to conclude that the hydrogen 
cannot move spontaneously from one place to another in the molecule. 
If the prototropic equilibrium is apparently attained without catalyst, it 
has often been possible to show that the reaction is catalyzed by small 
amounts of acid and basic impurities. Thus, while the keto-enol equilib¬ 
rium is attained quickly in acetoacetic ester of ordinary purity, Meyer (32) 
and Rice and Sullivan (37) have shown that the stability of the enol form 
can be increased apparently without limit by careful purification. Rice 
and Sullivan found that addition of traces of bases to the purified enol form 
increased the velocity of isomerization immensely. Thus the addition of 
4 X 10 ”® M ammonia increased it 4000 times, while 10 ”® M oxalic acid 
increased it only 3.2 times. 

The necessity for a catalyst has been shown most clearly by Lowry and 
Richards (30) for the mutarotation of tetramethylglucose. They even 
find that both an acid and a base must be present. If the solvent is both 
an acid and a base, like water, this alone can catalyze the reaction. If it is 
only an acid or only a base, no reaction can take place, unless we add 
respectively a base or an acid. Thus the mutarotation takes place with 
measurable velocity in water and is catalyzed by acids and bases, e.g., 
cresol and pyridine. In pure and dry pyridine or cresol the reaction is 
completely arrested, but in a mixture of pyridine and cresol it takes place 
wdth great velocity. 

Supported by these experiments Lowry has given an explanation of the 
mechanism of prototropic isomerization in his electrolytic theory of cataly- 
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sis (29), according to which it is a trimolecular reaction between the sub¬ 
strate, an acid, and a base. The following three things take place simul¬ 
taneously: (a) the substrate molecule gives up a proton to the base, (b) 
it receives one in another place from the acid, and (c) a rearrangement of 
valency electrons takes place. Another mechanism has been suggested 
by Ingold, Shoppee, and Thorpe (22). They assume that (a) and (b) are 
consecutive bimolecular reactions. This idea is supported by experimental 
work of Baker (1). 

In order to examine Lowry's explanation we consider the prototropic 
reaction RH > SH in a medium containing the acids Ai, A 2 . . . and their 
corresponding bases Bi, B 2 . . . . According to Lowry the isomerization 
is the result of the reaction 

+ RH -f B„ B„ -f SH + Aa (17) 

and the analogous reactions with the other acids and bases. If the tri¬ 
molecular velocity constant of reaction 17 is called Bn> we get the 
following expression for the total velocity 

= (RH)SfcA«.Bn(Am)(B„) (18) 

where the sum should be taken for all combinations of m and n. Actually 
both Lowry's and other investigators' experiments in aqueous solution 
agree with the formula 

r « (RH)2 [A«a(A) + 1b(B)1 (19) 

where the sum is taken for all acids and bases present. Expressions 18 and 
19 agree only if one of the partners in reaction 17 is always (or nearly al¬ 
ways) a solvent molecule, because the solvent is the only catalyzing sub¬ 
stance whose concentration has not been varied in the experiments. Thus 
it follows for aqueous solutions that water is always a partner in the reac¬ 
tion, acting as a base in acid catalysis and as an acid in basic catalysis. 

It seems unlikely that this consequence of Lowry's theory is in agreement 
with experimental facts. Let us consider Dawson's (17) experiments on 
the enolization of acetone. From his results we calculate the relative 
velocities of the water, acetate ion, and acetic acid catalysis in an aqueous 
solution of 0.1 M acetic acid and 0.1 M sodium acetate. They are given 
below together with the trimolecular reaction by which that part of the 
total reaction takes place according to Lowry's theory. 

Relative velocity 

Water catalysis H 2 O + RH 4* HaO 1 

Acetate ion catalysis HaO -f RH -f Ac"* 61 

Acetic acid catalysis HAc -f RH + HaO 18 

From a comparison of the first two reactions it is clear that, when RH 
receives a proton from a water molecule, the amount of acetate ion present 
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takes up a proton from RH much more quickly than the water does. This 
will probably also be the case when RH receives a proton from an acetic 
acid molecule. We would therefore expect the reaction HAc + RH + 
Ac“ to be quicker than the third reaction in the list. But actually it 
has not been possible to detect this reaction (of. formula 19). 

We may add that if one of the partners is always water, the acid catalysis 
of water would always have the same strength as its basic catalysis because 
both correspond to the same reaction H 2 O + RH + H 2 O However, 
some reactions are only catalyzed by bases. Thus the enolization of ace- 
toacetic ester (35, 36) is catalyzed by water and bases, while even the 
strong acid, the hydroxonium ion, does not catalyze. It, therefore, seems 
unlikely that the very weak acid water has a considerable power as an 
acid catalyst. 

From this examination we conclude that it is very unlikely that the 
prototropic isomerization is a trimolecular reaction between the substrate, 
an acid, and a base. We must therefore assume that the reaction is in¬ 
itiated by a bimolecular reaction in which a proton is either given off to 
the base or taken up from the acid. Lowry (29) rejects this mechanism for 
the following reason, using the mutarotation of glucose as an example. 
^The initial stage in this action is, however, an endothermic process, in 
which the molecules of the sugar are converted into ions of such an un¬ 
stable character that the dissociation constant is said to be of the order of 
and The exact amount of energy required to produce these 

ions is unknown, but it is obvious that, if we can regard the entrance and 
the exit of the proton as simultaneous, no energy at all is needed beyond 
the small amount that is required to cover the difference in energy content 
of the two isomerides, and perhaps to overcome the frictional resistance 
to the migration of an electron through the sugar. Lowry seems to forget 
the part played by the activation energy. This energy is not negligible. 
Thus Kilpatrick and Kilpatrick (23) found 19.3 kg-cal. for the mutarota¬ 
tion of glucose catalyzed by hydrogen ions. 

In the following we shall discuss a mechanism of prototropic reaction 
based upon the results to which we have now come. It is, especially for 
basic catalysis, very similar to the mechanism suggested by Ingold, Shop- 
pee, and Thorpe (22). 

We assume that an intramolecular rearrangement in which only valency 
electrons are moved takes place spontaneously and very rapidly. If we 
as an example consider the triad system HX • Y: Z X: Y * ZH, the bond- 
shifting may take place by the following balanced reaction 


+ - 

HX*Y:Z ;=iHX:Y.Z (RH) (20) 

— + 

X Y:ZH X:Y ZH (SH) (21) 

X.Y:Z X:YZ (I*) (22) 

+ 

HX.Y:ZH HXrY-ZH (IH,+) (23) 
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The equilibria being attained immediately we may consider each pair of 
tautomers as a single substance, which we may denote as given in brackets 
above. At first we leave open the question by which of the reactions (20 
to 23) the bond-shifting takes place. 

We shall see that the prototropic rearrangement RH ^ SH appears as 
a general basic catalysis when the mechanism is as expressed by the 
scheme 

RH + B 1“ + A ^ SH + 13 (24) 

while it appears as a general acid catalysis when the mechanism is the 
following 

RH -f A IH 2 + + B SH + A (25) 

W> first consider scheme 24. For simplicity we examine an irreversible 
prototropic isomerization RH SH. We may obtain the one-way reac¬ 
tion by removing the form SH as soon as it is formed. We assume that the 
medium contains the acids Ai, A 2 . . . and their corresponding bases Bi, 
B 2 . . . . The concentrations of the acids and bases are constant during 
the reaction. We may therefore formally consider all the bimolecular 
reactions of scheme 24 as unimolecular, which simplifies the scheme to 

fci k2 

RH I- SH (26) 

where fri, /r-i, and k 2 are unimolecular velocity constants given by the ex¬ 
pressions 

ki « Sitrh.B^B), fc-i = ZiTA.i tA) and h = SirA,i-(A) 

Here tt'a^ j- denotes the bimolecular velocity constant for that particular 
transference of protons from A to 1“ w hich leads to RH, w^hile tt'a, i- is 
the constant for the protolytic reaction between A and 1“ leading to SH. 

If the subscript E denotes equilibrium concentrations, and if K is the 
constant (H+)£: {1'^)e/(KHl)e we have, according to scheme 26, 

(H-*-)^ (RH)g A:-, 

K “ {1-)e “ fci 

We now make the assumption that the hydrogen-ion concentration is so 
great that (I~) < < (RH) even if the equilibrium RH SH were attained. 
This is nearly always the case under ordinary experimental conditions. 
Consequently we have fc-i > > fci. 

If c is the initial concentration of RH and c ~ a; its concentration at the 
time t we find, remembering that (I~) is negligible compared with (RH), 
the following differential equations for reaction 26, 

^ « ki(c — a;) — A;-i(I“) and ^ « Ai 2 (I”) 
dt d^ 
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from which we get by eliminating (I~) 




kikj 

k—i + kz 


(c - x) 


Thus the reaction follows the ordinary unimolecular law with the constant 


kih 

k-i + A?2 


( 28 ) 


We now distinguish between three cases: 

Case 1: k^i < < ki. By introducing this into equation 28 we find k 
= fci = S ttrh, b (B)- III this case we have general basic catalysis. We 
measure the velocity of transference of protons from RH to B. 

Case 2: > > fe. By equations 28 and 27 we get 



As seen from the last expression the reaction appears to be a basic catalysis 
of RH, but in reality we measure a general acid catalysis of the ion I“, 
whose concentration is inversely proportional to the hydrogen-ion concen¬ 
tration. 

Case S: k^i ^ 2 . Here we get from equation 28 



The ratio k^i/k 2 is independent of the hydrogen-ion concentration, since 
fc-i and k 2 are independent of the concentrations of the bases, and if we 
increase the concentrations of all the acids in a certain ratio both k^i and 
k 2 are increased in the same ratio. Thus, in this case also, the reaction 
appears as a general basic catalysis. In reality it is composed of a basic 
catalysis of RH and an acid catalysis of I“. 

We have found that the mechanism expressed in scheme 26 leads to a 
reaction which will always appear as a unimolecular reaction catalyzed by 
bases in general, when the hydrogen-ion concentration is so great that 
(RH) > > (I~). If I” takes up protons to form mainly SH, we measure 
the velocity of the protolytic reaction between RH and B, that is, the ve¬ 
locity of dissociation of the very weak acid RH. If I"* takes up protons to 
form mainly RH, the apparent basic catalysis is a disguised acid catalysis 
of the ion I~. If neither of the two possibilities is specially favored, we 
get an apparent basic catalysis which is the result of both a protolytic 
reaction between RH and the bases and between the acids and I~. It is 
impossible to decide from the kinetic experiments under these circum- 
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stances which of the three possible cases we have in a given reaction. 
However, we may do this, if we take a solution which is so alkaline that the 
prototropic substance is completely ionized, suddenly add an excess of 
strong acid, and examine how much is formed of each of the two isomerides. 

If the mechanism in scheme 25 is analyzed mathematically in the same 
way as scheme 24 an analogous result is obtained. If the hydrogen-ion 
concentration is so small that the concentration of the ion IH 2 ^ is negligi¬ 
ble compared with that of RH, the reaction RH SH appears as a uni- 
molecular reaction catalyzed by acids in general. If IH 2 '*' by giving up a 
proton to the base B is predominatingly transformed into SH, w^e have a 
genuine acid catalysis of RH. In this case we measure the velocity with 
which RH receives protons from the acids present. If, on the other hand, 
the transformation of IH 2 ^ into RH is highly favored w^e have a disguised 
basic catalysis of ^ 2 "^, whose concentration is proportional to the hydro¬ 
gen-ion concentration. We here measure that particular protolytic reac¬ 
tion between IH 2 + and B by w^hich SH is formed. If neither of the tw o 
possibilities is specially favored, we get an apparent acid catalysis which is 
the result of both protolytic reactions. 

The results found here for protolytic reactions with bond-shifting should 
also hold for those with only proton-shifting mentioned on page 589, 
but it has not yet been possible to measure the velocity in any such system. 

In order to study the mechanism of prototropic isomerization in more 
detail we must consider the question by w’hich of the reactions 20 to 23 
the bond-shifting takes place. We denote by one dash the bond configura¬ 
tion of HX Y:Z, and by two dashes that of X: Y ZH. Hence we may 
write the tautomeric equilibria 20 to 23 in the following way 

RH' RH'', SH' SH", I"' and IHj+' IH*+'' 

The total isomerization RH' —> SH" may take place in the w^ays contained 
in the following scheme, where w e have left out the acids and bases which 
take part in the protolytic reactions. 

f?==ii 

IH2+' RH' I-' ^ SH' 

j'|•(23) It (20) It (22) It (21) (29) 

IH,+' ?=i RH' .zi I-' ^ SH' 

One of the tautomeric forms of the equilibria 20 to 23 may often be present 
only in very small quantity compared with the other. Thus the equilib¬ 
ria 20 and 21 will for electrostatic reasons always be highly displaced in 
favor of the uncharged forms RH' and SH". It is often possible to pre¬ 
dict from the constitution which of the tautomers of equilibria 22 and 23 
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is predominating. Thus in the case of acetone the concentration of I”' 
(CH 2 ’C 0 CH 3 ) will probably be very small compared with that of I”'' 
(CH2:C0-CH3). 

Strictly, we cannot speak in the ordinary sense of concentration of the 
single tautomerides. However, in a given reaction a certain fraction will 
behave as if it had one constitution, the rest as if it had the other. If we 
ascribe to the single members of the above tautomeric equilibria a definite 
concentration, this therefore implies the assumption that the same frac¬ 
tion of a given tautomeric substance behaves as if it had one of the consti¬ 
tutions in all protolytic reactions concerned. 

One or more of the reactions in scheme 29 may be excluded for structural 
reasons. If the atom X in the original molecule HX • Y: Z has a complete 
octet of shared electrons, a bond-shifting can take place only after X has 
given off a proton. This is the case when X is a carbon atom. Thus, when 
RH' is the keto form of acetone, the reactions 20 and 23 are excluded. It 
has been found by Dawson (17) that the enolization of acetone is catalyzed 
by both acids and bases. The only possible mechanism for the acid cataly¬ 
sis is that expressed by the scheme 

CH,-CO-CH, CH3-(C:0H).CH, CH2-(C:OH) CH8 CHstCOH CHa 
(RH') (IH 2 +') (SH') (SH") 

+ 

There can be no doubt that the ion CHs- (C:OH).CHa will give off a pro¬ 
ton bound to the oxygen atom much more easily than one bound to a 
carbon atom. Consequently, the reaction denoted by a heavy arrow 
in the scheme determines the velocity of the prototropic isomeriza¬ 
tion. Here the apparent acid catalysis is a basic catalysis of the ion 

■4* 

CH3 • (C: OH) • CHs. If it were possible to follow the opposite reaction, the 
ketonization of the enol form of acetone, we would also find general acid 

catalysis. In this case we would have a genuine acid catalysis of the form 

_ + 

CH 2 (C: 0 H)-CH 3 , which is, however, present only in extremely small 
concentration. 

If both X and Z in the original molecule have complete octets of shared 
electrons, the only way of bond-shifting is by reaction 22 in scheme 29. 
Thus the prototropic isomerization of a pure three-carbon system (that is 
a system where the only possible prototropy is of the type C-C:C ^ 
C:C-C) proceeds in the following way 

RH' I-' p± 1-* ?::± SH» (31) 

According to this mechanism the reaction is catalyzed by bases, but not by 
acids. As far as known, acid catalysis has never been found in such sys- 
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terns. However, it has been found in some three-carbon systems of the 

type 0:C-C:C-C ^ 0:C-C-C;C, e.g., glutaconic acid (18). Here it 

+ 

may be explained as a basic catalysis of the ion HO: C • C: C • C. 

The mechanism expressed in scheme 31 seems to be very common in 
prototropic reactions. It is the only one which we can never exclude. It 
is of interest to examine it a little further in order to find which of the 
single reactions determines the velocity of isomerization. The ordinary 
(apparent) acid strength of the prototropic system 


K - (H+) 


(1-0 + (I-^) 
(RH) + (BH) 


is no measure of the real strengths of the acids RH and SH. These may 
formally be defined by the equations 

- «*> m - '"*> IS 

where it is assumed that equilibrium 31 is attained. The apparent 
strength is between the real strengths of the two acids. If the fraction 
€of the prototropic system is of the form SH when equilibrium is attained, 
we have 


Knn (T-O(SH) . . 

^:sH * (r^)(RH) 

If the medium contains an acid A the reactions I~' + A RH' + B and 
1“" + A —> SH" + B will take place with velocities which we denote by 
v' and v" respectively, v' and v" depend upon the concentrations and 
basic strengths of I~' and I~". By means of formulas 8 and 32 we get 
the following approximate expression for the ratio of the velocities 

^ (I-O /KshV 
f;"“(I-0\/i:RH/ “ € \Ksh/ 

From this equation we get the following rules. When SH is a very much 
stronger acid than RH and € is not extremely small, we have v" > > 
v', that is, the velocity of the prototropic reaction is determined by the 
protolytic reaction between RH and the bases. If, on the other hand RH 
is very much stronger than SH and 1 — e not extremely small, we have 
v' >> y", that is, the velocity of the prototropic reaction is determined 
by the protolsrtic reaction between I““" and the acids. 

As an example we shall discuss the basic catalysis of the enolization of 
acetoacetic ester CH 8 COCH 2 COOC 2 H 6 (35, 36). For simplicity we only 
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write 0:C*CH2. From scheme 29 we find the following two possible 
mechanisms 

0:C.CH, 0:C-CH O C:CH ?=± HO-CiCH (33) 

(RH') (!“') (!“") (SH'^) 

and 

0:C CH2 ^ 0:C-CH HOiC CH ^ HO C:CH (34) 

(RHO (I-') (SHO (SH'^) 

The acid strength of the enol form SH" is undoubtedly so much greater 
than that of the keto form RH' that, although e is only 0.004, the ion 1“ 
will mainly form SH" when it reacts with acids. Consequently the reac¬ 
tion denoted by a heavy arrow determines the velocity of the total proc¬ 
ess 33. However, when we consider scheme 34, the ion 1“' will un¬ 
doubtedly take up protons much more quickly at the carbon atom than at 
the oxygen atom. In other words, the reaction 1“' —► SH' will be much 
slower than RH' —> 1“'. From this we conclude that the mechanism in 
scheme 34 is of no importance for the isomerization. This proceeds by 
reaction 33. We measure the velocity of dissociation of the extremely 
weak acid, the keto form of acetoacetic ester. If we measured the oppo¬ 
site reaction, the ketonization of the enol form, we would also find general 
basic catalysis, but this would in reality be a reaction between the ion 
I~' and the acids: 1*"' + A —> RH' + B. 

The basic catalysis of the enolization of acetone follows probably the 
same mechanism, but here the conclusions are less safe, because € is so 
small that it has been impossible to measure it. 

Protolytic reactions between ordinary acids or bases are generally too 
rapid to be measured. When the acid or base is so weak that we might 
expect to find a slow reaction, it is generally impossible to measure the 
rate because equilibrium is attained when too little of the corresponding 
system is formed. The reason why it is sometimes possible to measure the 
velocity of protolytic reactions in prototropic systems is to be sought in 
the tautomerisms 20 to 23. The rate of the protolytic reaction of one of 
the acids (or bases) in scheme 29 is measurable if the acid (or base) is 
sufficiently weak and its corresponding base (or acid) is transformed suffici¬ 
ently completely into its tautomer. It may be measurable even when the 
acid (or base) is not especially weak, if the concentration of the acid (or 
base) is kept sufficiently small by a tautomerisra. Examples of these two 
types of protolytic reactions may be found in the discussion of acid cataly¬ 
sis of the isomerization of acetone (scheme 30). 

We may add a few words on the pseudo acids. The usual idea of the 
mechanism of dissociation (Hantzsch (19)) is expressed by the scheme 


RH ?=i SH S- + H+ 


(35) 
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RH is called a pseudo acid, and SH the aci-form. This opinion is not 
supported by the points of view maintained in this paper. The system 
RH ^ SH is an ordinary prototropic system. The mechanism of neutra¬ 
lization follows not scheme 35 but 31. There is no difference in principle 
between the acid character of the pseudo and aci-form. They are both 
genuine acids, but the pseudo form is a much weaker acid than the aci- 
form (cf. the discussion of scheme 31). The so-called pseudo acids are 
not false acids, but acids with false strength. 

SUMMARY 

Bronsted’s theory of acid and basic catalysis and our knowledge of pro- 
tolytic reactions have been discussed. 

Experiments on the decomposition of nitramide have been compared 
with the theory. 

Some of the main results in the study of prototropic reactions have been 
pointed out. 

Lowry’s electrol 5 rtic theory of prototropic reactions has been criticized. 

Another mechanism of prototropic reactions has been discussed. 

My thanks are due to Professor Niels Bjerrum for kind interest in my 
work. 
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In Part I (10) the bromination of acetoacetic ethyl ester was studied 
in pure water and solutions of hydrochloric acid. It was found that the 
reaction may be expressed by the schemes la-ld (Part I, p. 751). Thus 
four consecutive reactions could be distinguished: (a) the acetoacetic 
ester is enolized, and (b) brominated to the keto form of a-monobromo- 
acetoacetic ester; (c) this is enolized, and (d) brominated to a,a-dibromo- 
acetoacetic ester. Only reactions la and Ic take place with measurable 
velocity. Hydrogen ions do not catalyze to any perceptible degree. 

In this part of the investigation the bromination of acetoacetic ethyl 
ester is studied in buffer solutions containing a weak acid (HB) and its 
sodium salt (NaB), or, if we use Bronsted^s definition (3) of acids and bases, 
an acid (HB) and its corresponding base (B”). The hydrogen-ion con¬ 
centration was as a rule greater than lO”"*. The measurements agree 
with the mechanism expressed in the schemes la-ld when we assume that 
the enolizations of acetoacetic ester and a-mono-bromoacetoacetic ester 
are catalyzed by the base B~. 

We use the following symbols in addition to those given in Part I, p. 
752.1 

kB and Ab, catalytic constants for the catalysis by B“ of the enoliza- 
tion of acetoacetic ester (HR) and a-monobromoacetoacetic ester 
(HR'), respectively. 

a, stoichiometrical initial concentration of the acid HB. 

b, stoichiometrical initial concentration of the salt NaB. 

It will be shown that the velocity of bromination can be explained by 
assuming that it is determined by tw'o consecutive reactions with the 
velocities [fco + fcn (B)”] (HR) and [Ao + ^b(B’')] (HR'). Owing to the 

^ In Part I, page 759, line 6, the following misprint occurs: 

- should read 

n — 1 
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hydrobromic acid formed by the bromination, the concentration of the 
catalyst will decrease during the reaction. 

From these assumptions we shall first deduce a mathematical expression 
for the course of the reaction. Then we shall show that the expression 
agrees with the experiments. 

When the subscripts 0 and oo denote that the concentration corresponds 
with < = 0 and ^ = oo , respectively, we have for the concentration of the 
catalyst 

(B-)o = b + (H+)o, (B-) - 6 + (H+) - I 


and 

(B-)« = b + (H+)«-2c (19) 

(H+) varies so little during reaction that it is sufficient to assume that its 
increase is proportional to x. From a rough value of the dissociation con¬ 
stant Xhb we calculate (H+)o and the hydrogen-ion concentration (H+)m 

corresponding to— = c. We calculate the proportionality factor /cfrom 

/u 

the equation 

(H+)„ - (H+)o - -c| 


We then have 


(H+) = (H+)„ + «| 

which we introduce into equation 19: 

(B-)o - b + (H+)o (B-) = (B-)„ - (2 - «) 7 

4 


and 


(B-)oo « (B“)o - (2 - k)c 


( 20 ) 


In some cases the increase in (H"^) is so small that we can disregard it and 
put /c = 0. 

The course of the reaction is determined by the differential equations 


dfllR) 

di 


fc + fcB(B“)l(HR) 


( 21 ) 


and 

- Ifc, + fcfi (B-)] (HR) - lAo + fen (B-)] (HR') 
dc 


(22) 
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While the expressions in square brackets are not constant we may with 
good approximation consider the ratio 


ko + kB {B“) 


(23) 


as constant. Provided that one of the following conditions holds, r is a 
constant: 


and 



hh 

kh 


(2) ho < < /ib(B-) and ko < < A;b(B“) 


(3) 6 > > ^ 

A « 

They all hold approximately. 

PTom the equations 21, 22, and 23 we get 

d(HR') (HR') 
d(HR) “’’(HR) 

which is identical with expression 9 in Part I, p. 753. By integration we 
get expression 10. When r > 1, equation 10 approaches the following 
equation as t increases 

(HR') _ 1 

(HR) “ r- - 1 

By introducing this into equation 4, we get 



If r is sufficiently great, equation 24 Avill only fail for very' small values of t. 
If we eliminate (HR) from equation 21 and 24 we get 

By introducing (B“) from equation 20 we get 

If we integrate and use equation 20 we obtain 

k*t « /(») + logio S 


(25) 



604 


EAI JULIUS PEDERSEN 


where we have used the abbreviations 

fc ® 4“ (B ) 00 


and 


/(r) = logio 


(B-) + 




(B-)o + 


ko 



(2«) 


(27) 


and S is an integration constant. 

In order to test the agreement between expression 25 and the experi¬ 
ments, we introduce the observed values of x into/(x). (B~) is calculated 
from X by means of equation 20. For a first approximation we may use 
ko/ks = 0 or a preliminarily estimated value. We now plot/(x) against t. 
When t is sufliciently great the points fall on a straight line, whose slope 
determines a preliminary value of fc*. From expression 26 we find the cor¬ 
responding value of fcfi* and of We repeat the computation with 

the new value of ko/k^ and continue in the same way until a new repetition 
does not alter the value of k*. The intercept on the ordinate axis of the 
straight line is —log S. 

Equation 25 does not hold for the observed values of x during the first 
part of the experiment. Owing to mathematical difficulties we must re¬ 
frain from testing the explanation for this part of the reaction. If in¬ 
stead of using the observed values of x we use those determined by means of 
equation 24, equation 25 will hold for the whole experiment. When t — 
0, we have (HR) = c (l-c), and, consequently, by equation 24 when we use 
the abbreviation 12 


c 




If we introduce this expression together with t = 0 into equation 25 we get 


A-l 


(28) 


(B-)« + 


ka 


By means of this expression we calculate A from S, determined from the 
experiment as mentioned above. From A we find r, and, by introducing 
this and the known values of ko*, h*, and kg* into equation 23, we find 
Ab*. 

Owing to the approximate character of the calculations we can not ex- 
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pect to get a great accuracy in the determination of the catalytic constant, 
especially in the case of //b*- 

THE HYDROLYSIS OF BROMINE 

In an aqueous solution of bromine we have the following equilibria 

Brs + HaO ^ HBrO-hH+ + Br- (29) 

and 

Brj *4” Br"" 5^ Brs"" (30) 

We neglect a possible formation of the ion Brs"*. The hydrobromic acid 
formed by scheme 29 will cause a decrease in the concentration of the 
catalyst. In order to repress the hydrolysis all experiments were done in 
0.05 M potassium bromide. We shall here see that this is sufficient to 
make the error negligible. 

The equilibrium constants of the reactions in scheme 29 determined by 
Bray and Connolly (2) and in scheme 30 determined by Jakowkin (7) are 

(H+)(Br-)(HBrO)/(Br 2 ) = 5.2 X 10'® 

and 


(Br')(Br 2 )/(Brr) = 0.063 

The normality of the bromine is d = 2(Br2) + 2 (Br 3 “'). We get 


(HBrO) = 


1.6 X 10-^®(i 

(0.063+ (Br-))(H")(Br-) 


In the experiments (Br~) was 0.05, d usually about 0.02, and (H+) > 
lO''®. For these values we get (HBrO) < 6 X 10“®. The hydrobromic 
acid formed by the hydrolysis is equivalent to the (HBrO). When 6 > 
0.01 the formation of 6 X 10“^ N strong acid is without importance. 


EXPERIMENTAL 

The bromination of acetoacetic ester was examined in the following five 
solutions: (1) acetic acid + sodium acetate; (2) glycolic acid + sodium 
glycolate; (3) chlqroacetic acid + sodium chloroacetate; (4) phosphoric 
acid + primary potassium phosphate; (5) acid sodium sulfate + normal 
sodium sulfate. 

Kahlbaum^s acetic acid ‘Tor analysis’^ was used without purification. 
Glycolic acid was purified as described in reference 9. Chloroacetic acid 
(pure, “Merck”) was distilled. The buffer solutions were made by adding 
sodium hydroxide to solutions of the acids. The phosphate mixtures were 
made from Kahlbaum's primary potassium phosphate (for Sorensen^s 
buffer solutions) and hydrochloric acid. The sulfate mixtures were made 
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from sulfuric acid and sodium hydroxide. The hydrogen-ion concentra¬ 
tion was always so great that it was unnecessary to keep the solutions 
carbon dioxide-free. Sufficient potassium bromide solution was added to 
make the solutions 0.05 M with respect to this substance during the 
bromination. The initial concentration of bromine was always about 0.02 
except in experiments carried out in order to show that the concentra¬ 
tion of bromine has no influence on the velocity. The volume of the 
reacting solution was always 200 cc. The experimental procedure was the 
same as described in Part I. 

In computing the catalytic constants and Ab* we have used the 
values of €, fco*, and Ao* found for the water reaction (the “uncatalyzed 
reaction) in 0.05 M potassium bromide by the experiments given in table 4 
(Part I, p. 761). Other salts present in the catalytic experiments may also 
have an effect on the w^ater reaction. It has already been showm that the 
kinetic salt effect of sodium chloride on /to* and Ao* is small, and the effects 
of the other salts are probably also small. Since, further, the water reac¬ 
tion usually plays a rather insignificant part compared with the catalytic 
reaction, we have always neglected a possible salt effect on fco* and h* 
in the calculation of Ajb* and Ab*. The error thus committed is probably 
insignificant, except in the experiments in sulfate mixtures. Here the salt 
effect on the water reaction is probably greater than in the other experi¬ 
ments, and it has an especially great influence on the value of the catalytic 
constant, because the sulfate ion catalysis is only a small part of the total 
reaction. 


Acetate ion catalysis 

It was first shown that even a great variation in the concentration of 
bromine did not affect the velocity of bromination in the acetate buffers. 
This is seen especially clearly from four series of preliminary experiments 
in acetate buffers (8). Here an insufficient amount of bromine was added 
and the moment when the reaction ceased because all bromine had reacted 
was determined electrometrically by means of the arrangement described 
in Part I, p. 757. The mean value of Ajb* found here was 7.47 (at 18®C.), 
while A^b* = 7.41 was found by the experiments with an excess of bromine 
in this paper. 

The velocity is independent of the concentration of undissociated acetic 
acid (table 1) and thus also independent of the hydrogen- and hydroxyl- 
ion concentration of the acetate buffer, when the acetate ion concentration 
is kept constant. 

Table 4 gives a summary of ten series of experiments in different mix¬ 
tures of acetic acid and sodium acetate at the temperatures 0.03, 17.94, 
and 24.97°C. The results of two of the series are given in more detail in 
tables 2 and 3. 
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The constant k* has been computed by plotting /(x) against t as described 
above. In the last column of tables 2 and 3 6= /(x) — (k* t — log S) has 
beenjtabulated. The agreement with formula 25 is always good when 

X X 

0.8 > (c — -)/c > 0.5. In the first part of the reaction, when (c — j)/c 
> 0.8, too great values of/(x) are obtained. This is in qualitative agree- 


TABLE 1 

Bromination of acetoacelic ester in acetic acid-sodium acetate mixtures at 18°C. 



- 0 04008 


6 = 0 02004 


o =» 0 no 

a = OOOO 


a = 0 080 

o » 0 030 

/ 


(c - p/r 

t 

(c-“)/c 

(-f)A 

0 250 

■H 

0 8584 

1 500 

0 6001 

0 6009 

0 495 
1.005 

1^ 

0 7246 

0 5117 

3 000 

0 3674 

0 3725 


TABLE 2 


Bromination of acetoacetic ester in a mixture of acetic acid and sodium acetate atO.OS^C, 
a « 0.0600; b = 0.04008; c = 5.291 X 10“>; (KBr) « 0.050; Xhb « 3 X 10“»; (B-) = 

0.04013 - (B-)« = 0.02955; k* =• 0.05144; log S = 0.0113; ks = 1.621; Ab* = 23 


i 

|x 10 * 

/U) 

k*t - log S 

a X 10* 


0.633 

■H 


+18 

1.997 

1 261 



-fl 

2.497 

1.553 

0.1177 


+6 

2,997 

1.808 

0.1426 


-3 

3.497 

2 052 

0.1688 

0.1686 

4*2 

4.000 

2.275 

0.1947 


+2 

4.502 

2.419 

0.2199 

MnM 

-4 

5.003 

2.667 

0.2460 

0.2461 

-1 

5.997 

2.998 

0.2950 

0 2972 

-22 


ment with the theory, but owing to mathematical difficulties we cannot 

X 

test the agreement quantitatively. Later in the reaction, when (c — -)/c 


< 0.5, we get greater and greater discrepancies, corresponding to too small 
values of x. This was also found in experiments in pure water and hy¬ 
drochloric acid and is probably due to a secondary reaction. In this period 
of the reaction the solution acquired a peculiar sharp smell and, toward the 
end of the reaction, it turned cloudy. 
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From the summary of all the experiments in acetate mixtures given in 
table 4 it is seen that the constancy of ks* at constant temperature is good 
even when the acetate concentration is varied considerably. The mutual 


TABLE 3 

Bromination of acetoacetic ester in a mixture of acetic acid and sodium acetate at 17.9i°C. 
a - 0.0900; h - 0.06012; c - 6.275 X lO'*; (KBr) - 0.060 ;AThb “ 3 X lO"*; (fi-)- 


0.06017 - (B-)« •= 0.04762; h* - 0.3718; log S - 0.0099; *!b* “ 7.43; - 121 


t 

1 XIO* 

/(ar) 

k*l - log S 

« X 10* 

0.103 

0.514 

0 0299 

0 0284 

+15 

0.200 

1.049 

0.0646 

0.0645 

-1-1 

0.300 

1.552 

0.1014 

0.1016 

-2 

0.398 

2.003 

0.1383 

0 1381 

+2 

0.500 

2.411 

0.1758 

0.1760 

-2 

0.595 

2.759 

0.2115 

0 2113 

+2 

0.700 

3.084 

0 2486 

0 2504 

-18 


TABLE 4 

Bromination of acetoacetic ester in mixtures of acetic acid and sodium acetate at 0,18, 

and U^C. 


(KBr) “ 0.050 in all experiments 








1 MEAN VALUBP 

TBMPEB- 

(B-)o 




. .. 



ATURB 

k 





degreet C. 








0.03 1 

0.04013 

0.02955 

0 05144 

1.621 

23 

1 1.620 

25 

0.1002 

0.08967 

0.1488 

1.620 

27 


0.02009 

0.01381 

0.1208 

7.46 

98 




0.02009 

0.00998 

0 0912 

7.38 

121 



17.94 < 

0.04013 

0 03385 

0.2691 

7.42 

112 

7.41 

119 

0.06017 

0.05389 

0.4162 

7.39 

127 


0.06017 

0.04762 

0.3718 

7.43 

121 




0.08021 

0 07393 

0.5645 

7.39 

137 



24 97 1 

0.02009 

0.01513 

0,2222 

12.62 

214 

1 12.70 

210 

0.04013 

0 03020 

0 4170 

12 77 

207 


agreement of the values of is not very good. However, when we re¬ 
member that we can only obtain a rough value of this constant, we might 
not expect a better agreement. 
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Glycolate ion catalysis 

Table 6 gives the results of a single series of experiments, and table 6 
a summary of all the experiments in mixtures of glycolic acid and sodium 

TABLE 5 

Bfominalion of acetoacelic ester in a mixture of glycolic acid and sodium glycolate at 

0.0S°C. 

a - 0.0136; 6 - 0.05550; c - 3.056 X 10"^ (KBr) = 0.050; ^hb = 2.2 X 10«; (B") - 

0.05555 - 1.99 X (B-)« =■ 0.04948; k* = 0.02630; log S - 0.0128; kn* = 0.460; 
4 


hn* - 6.87 



“ X 10» 

fix) 

k*t - log S 

ax 10* 

3 00 

0 474 

0.0666 

0 0661 

+5 

5 00 

0.788 i 

0 1187 i 

0 1187 

0 

5 00 

0.790 i 

0 1189 

0 1187 

+2 

7 00 

1 064 

0 1710 

0.1713 

-3 

9 00 

1.307 

0.2241 

0 2239 

+2 

11.00 

1 516 

0 2764 

0.2765 

-1 


TABLE 6 

Brominaiion of acetoacelic ester in mixtures of glycolic acid and sodium glycolate at Of 

18f and U^C, 


(KBr) « 0.050 in all experiments 





f 




MEAN VALUES 

TEMPER- 

(B-)o 

(B')^ 







ATURK 

k 



'■B* 

*B* 

degrees C. 









0 03 1 

0 05555 

0 04948 

0 , 026 m 

0,460 

6 87 

1 

J 

0 462 

6 62 

0.09256 

0 08645 

0 04357 

0 463 

6 36 

17.94 1 

0 05555 

0.04948 

0.1197 

2 06 

29.4 

1 

2 06 

28 4 

0 09256 

0.08645 

0.1958 

2 06 

27.3 

/ 

24 97 1 

0.05555 

0.04948 

0.2032 

3.48 

53 6 

1 

3 48 

53.4 

0.09256 

0.08645 

0.332 

3.48 

53.2 

/ 


glycolate. The dissociation constant Xhb at different salt concentration 
has been taken from a yet unpublished determination. The agreement of 
the kinetic experiments with the theory is as good as in the experiments on 
acetate ion catalysis. 
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Monochloroacetate ion catalysis 

Table 7 gives the results of a single series of experiments, and table 8 a 
summary of all the experiments in mixtures of monochloroacetic acid and 
sodium monochloroacetate. The dissociation constant of monochloroace- 

TABLE 7 

Bromination of acetoacetic ester in a mixture of monochloroacetic acid and sodium mono^ 

chloroacetate at 17.94^C. 

a « 0.1018; h « 0.1002; c « 3.382 X 10-^; (KBr) * 0.050; Km “ 0.0023; « 

0.1024 - 1.92 X 7 ; (B-)oo - 0.0959; k* - 0.0709; logS - 0.0146; ka - 0.554; 

4 


“ 7.8 


t 

~ X 103 

/(j) 

k*t - log 5 

« X 10< 

1.000 

0.446 

0 0586 

0 0564 

■f 22 

2 000 

0.893 

0 1276 

0.1273 

+3 

2.600 

1.092 

0 1626 

0.1627 

-1 

3.000 

1.274 

0 1974 

0.1982 

-8 

3.500 

1.447 

0 2335 

0 2337 

-2 

4 000 

1 601 

0 2685 

0 2691 

-6 

5 000 

1.880 

0 3408 

0.3400 

•fS 

6.000 

2 098 

0 4046 

0.4109 

-63 


TABLE 8 


Bromination of acetoacetic ester in mixtures of monochloroacetic acid and sodium mono- 
chloroacetate at 0, 18^ and B5°C. 

(KBr) = 0.050 in all experiments 


TEMPER- 

(B“)o 


k* 



ME.AN t AMIES 

ATURE 



^'B* 

*B* 

degreeu C, 

0.03 1 

0 06226 
0.1024 

0 05597 

0 0959 

0 01001 
0.01470 

0.1158 

0 1165 

1.71 

1.54 

1 0.1162 

1.62 

17.94 1 

0 06226 
0.1024 

0 05597 

0 0959 

0.0488 

0 0709 

0.554 

1 0.554 

8 0 

7 8 

1 

1 0.554 

7.9 

24.97 1 

0.04218 

0.1024 

0 03611 

0 0959 

0.0669 

0.1250 

0.989 

0.978 

11.6 

12.3 

1 0.983 

12.0 


tic acid at 20®C. and in infinite dilution Xhb* = 1-41 X 10~’ has been 
determined by Grove (6). From this value and the assumption that the 
relative increase of Xhb by addition of salt is the same as for glycolic acid, 
it is estimated that the value I^hb = 2.3 X lO"* is sufficiently accurate 
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for calculation of (H"^) in all the experiments. Also here the agreement is 
good. 


Primary phosphate ion catalysis 

Table 9 gives the results of a single series of experiments, and table 10 a 
summary of all the experiments in mixtures of phosphoric acid and pri- 

TABLE 9 

Bromination of acetoacctic ester in a mixture of phosphoric acid and primary potassium 

phosphate at ^.97''C. 

a » 0.01520; b = 0.06085; c = 3.056 X lO-^; (KBr) = 0.050; (KCl) = 0.015; Khb = 

0.0080; (B-) = 0.06274 - 1.69 X 7 ; (B“)ao - 0.05758; k* = 0.0817; log S « 0.0160; 

4 


kii* - 0.877; /JH* = 10 6 


t 

X 10^ 

/{X) 

k*t — loK S 

6 X KM 

1.253 

0 0575 

0 0863 

0 0864 

~1 

2 000 

0 0914 

0 1475 

0 1474 

+ 1 

2.752 

0 1206 

0 2089 

0 2088 

+ 1 

3 500 

0 1456 

0 2701 

0 2700 

+ 1 

4 253 

0 1672 

0 3314 

0 3315 1 

1 

-1 


TABLE 10 


Brofnination of acetoacetir ester in mixtures of phosphoric acid and primary potassium 
phosphate at 0, and 25°C. 

(KBr) = 0.050 in all experiments 


T£UrBU- 

ATURK 

(B )o 


TOTAL BALT 
CONCEN¬ 
TRATION 

« 

k* 


*B* 

MEAN VALUES 

‘b* 

*b' 

degrrev C 









0 03 

0 06311 

0 05807 

0.126 

0 00907 

0 0954 

0.88 



( 

0 03596 

0.03122 

0 094 

0 03320 

0 493 

5.9 

j 


17 94 1 

0.04716 

0 04214 

0 114 

0.03882 

0.499 

5.6 

1 A 4 00 


0 07003 

0.06468 

0.145 

0 0491 

|0 484 

5 6 

/ U.4oo 

0.0 

1 

0 09259 

0.08705 

0.170 

0.05944 

0 478 

5 4 

1 


04 0*7 J 

0 06274 

0 05758 

0.126 

0.0817 

0 877 

10.6 


11 0 

24.97 < 

0.05641 

0 05143 

0.125 

0.07616 

0 874 

11.7 

? U.o/D 

Xl. A 


mary potassium phosphate. The values of the first dissociation constant 
of phosphoric acid used for the calculation of (H*^) have been calculated 
from the measurements of Bjerrum and Umnack (1) at 18®C. and 25°C. 
These measurements have been carried out in solutions containing sodium 




612 


KAI JULIUS PEDERSEN 


ions instead of potassium ions and at salt concentrations ^ 0.1 iV, while 
the solutions for the catalytic experiments were usually somewhat more 
concentrated. Nevertheless, the values obtained from the interpolation 
formulas given by Bjerrum and Unmack are considered to be accurate 
enough for the rather rough calculation of For the experiments 

at 0®C. the values of —log ^hb ^^^t 25®C. and 18®C. have been extrapolated 
to 0®C. It is assumed that the concentration of the secondary phosphate 
ion is always negligible. 

Formula 25 holds well within the single series of experiments. The 
part of the total reaction which is caused by the catalysis is only one to two 
times as great as the part caused by the water reaction. Nevertheless, the 
constancy of when the concentration of primary phosphate ion is 
varied is good. Naturally, the accuracy of is much smaller, but also 
here the constancy is fairly good. 


The second dissociation constant of sulfuric acid 

For the calculation of the experiments on the bromination of acetoacetic 
ester in mixtures of acid and normal sodium sulfate it is necessary to have 
some knowledge of the second dissociation constant of sulfuric acid at 
different salt concentrations. Sherrill and Noyes (13) have calculated 
this constant K at 25®C. from measurements of the electric conductivity 
of solutions of sulfuric acid and of acid sodium sulfate. By extrapolation 
to infinite dilution they find the activity dissociation constant — 
0.0115. 

Here we shall compute K® from their determinations of K in a slightly 
different way. According to the theory of Debye and Huckel the activity 
coefficient /< of an ion in dilute solution may be expressed by the formula 

— Jog fi * \/jr — /StM 


where z is the number of electric charges on the ion, ^ the ionic strength 
of the solution, a is a constant, the same for all ions (at 25®C. in water a 
= 0.504), and /S,* approaches a constant value, when /x 0. By means of 
this formula we may express the second dissociation constant of sulfuric 
acid as follows 

- log ^ - log - 2.016 y/if + 


We now plot —log K + 2.016 Vm, calculated from the values of Sherrill 
and Noyes, against fi. The points fall on a straight line which determines 
the constants -log iiC®-and /3. We thus find for the solutions of sulfuric 
acid 


— log K. =* 1.988 — 2.016 “b 0.62 /li 
and for the solutions of acid sodium sulfate 

- log A' « 1.984 - 2.016 y/'if -f 1.27^ 


(/u ^ 0.0844) 


(31) 


(m g 0.1056) 


(32) 
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The agreement is seen from table 11 where the dissociation constants K 
found by Sherrill and Noyes are given in the third column, while those 
calculated from the formulas 31 and 32 are given in the last column. By 
this extrapolation we get = 0.0103 at 25°C. 

In order to get an idea of the variation of with temperature we make 
the following considerations. Thorvaldson, Brown and Peaker (14) have 
found calorimetrically that the heat evolved by mixing 1 N H 2 SO 4 and an 
equivalent amount of NaOH, 100 H 2 O at 20°C. is 16.984 kg-cal. per 
equivalent H 2 SO 4 . Richards and Hall ( 12 ) have determined the heats of 
neutralization of different strong acids and sodium hydroxide. They 
found for HCl, 100 HjO + NaOH, 100 H 2 O at 20*^0. 13.924 kg-cal. and 
for HBr, HJ, and HNO 3 nearly the same value. Thus sulfuric acid in 

TABLE 11 


Second dissociation constant of sulfuric acid at £6°C. 


SOLmONB OF SI LFURIC ACID 

SOLtTTIONB OF .ACID SODIUM SULFATE 

-logK 

« 1.988 - 2 016 + 0 62/1 

- log K 

= 1 984 - 2 016 V M + 1 

27/* 

Stoichioinetric 
concentration of 
H*S()4 


i 

K (exp ) 

K (calcd ) 

Stoichiometric 
concent rat ion 
of NaHSO« 

M 

K (exp ) 

K (calcd ) 

0 00025 

0 0007 

0 0118 

0 0116 

0 000391 

0 0011 

0 0107 

0 0121 

0 001 

0 0027 

0 0130 

0 0130 

0 000781 

0 0022 

0 0121 

0 0128 

0.005 

0.0116 

0 0168 

0 0167 

0 001562 

0 0044 

0 0135 

0 0139 

0 00625 

0 0141 

0 0175 

0.0175 

0 003125 

0 0084 

0 0153 

0 0155 

0.0125 

I 0 0225 

0 0208 

0 0208 

0 00625 

0 0160 

0 0178 

0 0178 

0 0250 

0.0461 

0 0260 

0 0260 

0 0125 

0 0302 

0 0213 

0 0213 

0.0500 

0 0S44 

0 0352 

0 0352 

0 0250 

0 0564 

0 0265 

0 0265 





0 0500 

0 1056 

0 0348 

0 0344 


approximately the same molar concentration gives 3 kg-cal. more per 
equivalent than the strong acids. We may assume that the first dissocia¬ 
tion of 1 N H 2 SO 4 is practically complete. The difference in the heat of 
neutralization is probably caused by the second dissociation HS 04 '" + HiO 
—► SO 4 — + HsO'^. If the second dissociation constant of sulfuric acid is 
not many times as great ini N H 2 SO 4 as by infinite dilution, only few per 
cent of the acid is present in form of the normal sulfate ion. We thus get 
from the above measurements that the heat of dissociation of the ion HS 04 ~ 
is approximately 3 kg-cal. per f mole or 6 kg-cal. per mole. If we use this 
value also at infinite dilution and in all the temperature interval 0~25®C. 
we get from at 25°C. by means of the formula 


U 


4.575 X 10~3 


d log 

d (7-9 
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where U is the heat of dissociation in kilogram^jalories per mole per liter 
and T is the absolute temperature, the following values of 

25*^0. - log = 1.99 - 0.0103 

IS^^C. - log - 1.88 « 0.013 

0 “C. - log 1.58 is:® » 0.026 

Sulfate ion catalysis 

Experiments on the bromination of acetoacetic ester were carried out in 
solutions of sodium sulfate containing a little acid sodium sulfate and 0.050 
M potassium bromide (0.16 < m < 0.34). K was found from equation 32. 
For experiments at 18®C. and 0®C. the values of —log found at these 

TABLE 12 

Bromination of acetoacetic ester in a mixture of acid and normal sodium sulfate at 

S4-97°C. 

a - 0.00035; b = 0.07644; c = 3.039 X lO"*; (KBr) = 0.050; A'hb » 0.053; (B")- 
0.07658 - 1.16 X (B-)*, » 0.07306; k* = 0.03785; log S - 0.0164; fca* = 0.091; 

5b* = 1.2 


t 

1 X 103 

/(*) 

k*t — log *S 

5 X 10* 

1.00 

0.189 

0.0277 

0.0214 

+63 

3.00 

0.616 

0.0976 

0 0972 

+4 

4.00 

0.817 

0.1350 

0 1350 


5.00 



0.1728 

-3 

6.00 

1.175 

BBH 

0 2107 

+2 

7 00 

1.330 


0.2486 

-2 

8 00 

1.475 

0.2867 

0.2864 

+3 

9 00 

1.603 

0.3235 

0 3242 

-7 


temperatures were substituted for 1.984 in equation 32. Owing to the 
great ionic strength of the solution we can only get very rough values of 
K in this way. However, we consider the accuracy sufficient for the fol¬ 
lowing reasons. Firstly, the correction for the variation of (H+) is here 
very small, and secondly, there is, as we shall see, another source of error 
which makes it of no use to attempt to determine the concentration of the 
catalyst with great accuracy. 

As seen from table 12 the agreement with formula 25 is as good as in 
experiments with other catalysts. In table 13 is given a summary of all 
the experiments in sodium sulfate. It is seen that k* is only 11 to 24 per 
cent greater than ko*. Thus the velocity is not much increased by the 
presence of the sodium sulfate. The kinetic salt effect on ko* is probably 
not negligible compared with the increase. However, the increase can not 
be explained only by the salt effect. We have found in Part I, that 0.1 M 
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sodium chloride or potassium chloride gives a decrease of the velocity of 
1 to 2 per cent. It is therefore most unlikely that the salt effect of 0.1 
M sodium sulfate can give an increase of 24 per cent. However, the effect 
of the salt being unknown, it is disregjirded. In the other catalytic ex¬ 
periments the error thus introduced is probably of no importance. Here it 
makes the values of /cb* less reliable. In addition, the experimental error 
in k* is of greater importance here, where the water reaction is 80 to 90 
per cent of the total reaction. In spite of these possible errors, the values 
of at different catalyst concentrations agree fairly w'cll among them¬ 
selves. Naturally, the values of Hb* are only very rough. 

We have now examined the bromination of acetoacetic ester in solutions 
containing one of the following bases,—acetate, glycolate, monochloroace- 

TABLE 13 


Brominalion of acetoacetic ester in mixtures of acid and normal sodium sulfate at 0, 

18, and S5°C. 

(KBr) =* 0.050 in all experiments 


TEMI’EHA- 

TVKE 

(B )o 

). 

M 

A* 

Mi* 

^n* 

MEAN VALUER 

Mi* 

*B* 

dcffru's C 







- 


0 03 

0 0767 

0 0744 

0 28 

0 004012 

0 0065 

0 09 

1 


1 

0.0486 

0 0455 

0 195 

0 02012 

0 0510 

0 4 



17 94 1 

0.0766 

0 0734 

0 28 

0.02111 

0 0452 

0.6 

[ 0.047 

0.5 


0.0961 

0.0928 

0 34 

0 02205 

0 0458 

0.4 

) 


24 97 / 

0 0383 

0.0355 

0 16 

0 03475 

0 100 

1 9 

1 0 096 

1.5 

t 

0.0766 

0.0731 

■ 

0.28 

0 03785 

0 091 

1.2 

f 



late, primary phosphate,and sulfate ions—together with the corresponding 
acid. Wo have always found agreement with formula 25 for the part of 
the reaction where a comparison w^as possible. From this we conclude 
that the mechanism is as given in scheme 1 (Part I, p. 751), and that the 
enolization of acetoacetic ester and of a-monobromoacetoacetic ester is 
catalyzed by bases in general. The theory of general acid and basic cataly¬ 
sis and of prototropic isomerization has recently been discussed in another 
paper (11), where references to the literature on the subject will be found. 

The w’ater reaction studied in part I is explained as the result of the basic 
catalysis of the water. If we neglect the effect of the association of the 
w^ater molecules, the concentration of water is (H 2 O) = 55.5, its basic 
strength 55.6~^ and the catalytic constants fcH,o = fco/55.5 and /ih,o = 
V56.6. 

The catalytic constants for the six bases examined are given in table 14 
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together with the strengths of the acids which correspond to the bases. 
In the paper (11) mentioned above we have discussed the formula 

(33) 

where is the strength of the catalyzing base at infinite dilution, p and 
q are statistical factors, and /3 and G are constants for a given reaction at a 
given temperature (0 < ^ < 1). In order to test the validity of this 



Fio. 1. Basic Catalysis of the Enolization op Acetoacetic Ester 
The dependence of catalytic constant upon basic strength 


formula for the reaction examined here we plot log (-Ab*) and log (-Ab*) 

Q Q 


against log (figure 1 and 2). 

9 


The points for acetate, glycolate. 


and monochloroacetate ions fall very close to a straight line. If we draw 
the line through the points for acetate and glycolate ions we get in the case 
of acetoacetic ester the following values of /8: 0.602, 0.605, and 0.599 at 0, 
18, and 25®C., respectively. /3 is here independent of the temperature. 
In figure 1 we have drawn all the straight lines with the slope jS = 0.60. 
This value has also been used for the calculation of G* from formula 33 
(see table 14). For «-monobromoacetoacetic ester, where the accuracy is 
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much smaller, we get from the catal 3 rtic constants of acetate and glyco- 
late ions /3 = 0.04, 0.68, and 0.63 at 0, 18, and 25°C., respectively. We 
have used the value = 0.64 for drawing the straight lines in figure 2 and 
for calculating G* (table 14). While the agreement with formula 33 is 
always good for the three carboxylate bases, the catalysis of the primary 
phosphate ion is a little too strong, and that of the sulfate ion much too 
weak, l^'liis latter deviation of the base with two negative charges is 
qualitatively in agreement with the theory (11). The points for water fall 
below the lines. However, the deviation is not unreasonably great when 



Fig. 2. Basic Catalysis of the Enolization of a-MoNOBROMOACETOACETic Ester 
The dependence of catalytic constant upon basic strength 

we remember that we have neglected the effect of the association. As 
seen both from the figures and the table, the deviation from formula 33 for 
a given base is approximately independent of the temperature. 

From the experimental values of fcB* ^-t the three temperatures we get 
the expressions for log k^* given in table 15. This table also contains the 
heats of activation Q in kg-cal. calculated from the formula 

The basic strength of a catalyst generally varies with the temperature. 
The increase in velocity when the temperature rises may therefore formally 





TABLE 14 

Bctsic catalysis of the enolization of acetoacetic and a-monobromoocetoacetic ester at 0, 18, and 
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H 

s 

o 

g 

I* 

fao 

s 

0 

z 

o 

. 8 

O 

X 

« 

ociooooo 

koid-^oo^o) 

fH i-<4 »-<t 

% 

1.097 

0 520 

0 909-1 

0 643^1 

0 35 -2 

0 884-4 

1.775 

1.153 

0.597 

0.447 

0.097-1 

0.590-3 

2 021 

1.426 

0.779 

0.748 

0.57 -1 

0.840-3 

> 

25 

6.62 

1.62 

0.88 

0 09 

0 766 X 10-8 

119 

28.4 

7.9 

5.6 

0.5 

3.89 X 10-» 

210 

53.4 

12.0 

11.2 

1.5 

6.92 X 10-» 

96 

1 

Po 

M II 

U II 

1“ 

< 

& 

X 

& 

1.69 

1 68 

1 72 

2 35 

0 42 

0 70 

7 96 

7 87 

8 17 
10 23 

2 02 
3.55 

13 6 
13.6 
14.5 

17 4 
3.52 
6.22 

9< 

0 908-1 

0 364-1 

0 764-2 

0 678-2 

0 211-3 

0 804-5 

0 569 

0 013 

0 442-1 

0 387-1 

0 073-2 
0.506-4 

0.803 

0 241 

0 692-1 

0 642-1 

0 380-2 
0.750-4 

* 

•4e 

1.620 

0 462 

0 1162 

0 0954 

0 0065 

0 637 X 10-" 

7 41 

2 06 

0 554 

0 488 

0 047 

3.21 X 10"^ 

12 70 

3 48 

0 983 

0 876 

0 096 

5.62 X 10-* 

CATALYST 

O-l 5»< 

4 469 

3 566 

2 55 
2.18 

0 98 

-1.74 

4 447 

3 528 
2.55 

2 296 

1 28 

-1 74 

4 450 

3 511 
2.55 
2.337 

1 39 

-1 74 
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<•> Unpublished electrometric measurements. At20°C., Grove (6). Bjerrum and Unmack (1). As (c). Extrapolation to 
0 *C. This paper, page 614. 
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be divided in two parts: (1) the increase in velocity at constant basic 
strength, (2) the change in velocity owing to the change in basic strength. 
It may be of some interest to consider the first part separately. From 
formula 33 we find, when we assume that /3 and are constant, the ^‘heat 
of activation’^ 


d loir G 
4.576 XlO-*j^ 

The values of Qq calculated from this formula are given in table 15. For 
monochloroacetic acid we have assumed that the dissociation constant is 
independent of the temperature. Qq is approximately constant for all the 
bases. When we compare bases which have at constant temperature the 

TABLE 15 

BoBic catalysis of the ‘>nolization of acetoacetic and ot-monobrojnoacetoacetic ester 


The dependence upon temperature; the heat of activation 


CATALT8T 

ACETOACETIC ESTER 

O-MONOBROMO- 

ACETOACBTIC 

ESTER 

log fO-’C. - 25*C ) 

Q 

Qg 

Q 

CHjCOa- 

10 905-2 921 X lOVT 

13 4 


14 

CHaOHCOr 

10 165 2.868 X W/T 

13 1 


13 5 

CH 2 C 1 C 02 - 

10 125-3 021 X loyr 

13.8 

^B^^B 

13 

H2P04“ 

10 487-3 143 X lOVT 

14 4 

13 0 

16 

804 — 

11,788-3 817 X lOVT 

17.5 

13.7 


H 2 C) 

7.130-3.093 X lOVT 

14 2 

14.2 

14 


same G* this must naturally be so. However, Qq has nearly the same 
value also for the last three bases, although G* here varies considerably. 
It is interesting that the sulfate ion, which has an especially great heat of 
activation (Q), has the same Qq as the other bases. 

The mechanism of prototropic isomerization was discussed at length in 
the theoretical paper (11). As showm there the enolization of acetoacetic 
ester follows the scheme 

0:CCH, 

I 

A + -CHCOOCjHj 

it 

-OCCH, HOCCH, 

II - II 

A + CHCOOCjHs B + CHCOOCjH. 

where the equilibrium between the two forms of the ion is attained prac¬ 
tically instantaneously. It follows from the theory that the transference 


0:CCH, 

I 

B + HCHCOOC.H. 
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of protons from the keto-ester to the base determines the velocity of the 
total reaction, if the tautomeric ion by taking up a proton from an acid 
forms predominatingly the enol-ester. It was shown that this is probably 
the case here, because the enol form is a much stronger acid than the keto 
form. However, w^e may also test this condition experimentally in the 
following way. 

The apparent dissociation constant of acetoacetic ester at 25°C. is 2.0 
X (Goldschmidt and Oslan (4)). It is therefore easy to prepare a 
solution which is so alkaline that the ester is completely ionized. To this 
solution we suddenly add a mixture containing an excess of hydrochloric 
acid and bromine water. If only enol is formed this will instantaneously 
react with bromine (one mole per mole ester). After this the a-mono- 
bromoacetoacetic ester formed will react slowly with more bromine. 
The excess of bromine was removed by adding allyl alcohol immediately 
after the hydrochloric acid, and the solution was titrated in the ordinary 
way. It was always found that about one mole of bromine had reacted 
per mole of ester. However, the experiments were not quite reproducible. 
When the excess of bromine was small, less than the theoretical amount 
was used. Similar experiments have been carried out by Grossmann (5). 
He also finds that acetoacetic ester in sufficiently alkaline solution behaves 
as if it were exclusively the enol form of the ion. From these considerations 
we conclude that the velocity of enolization which we have measured in 
this work is actually the velocity of transference of protons from the keto 
form to the bases, or, in other words, the velocity of dissociation of the 
keto form, which is an extremely weak acid. 

SUMMARY 

This paper contains an experimental study of the rate of bromination 
of acetoacetic ester in solutions of weak bases and their corresponding 
acids. 

It has been shown that the velocity of bromination is determined by the 
consecutive enolizations of acetoacetic and a-monobromoacetoacetic ester, 
which reactions are catalyzed by bases in general. 

The catalytic constants of the six bases acetate, glycolate, monochloro- 
acetate, primary phosphate, sulfate ions, and water at 0, 18, and 25®C. 
have been determined and compared with the strengths of the bases. 

Evidence has been given in favor of the view that the velocities of enoli¬ 
zation are determined by the velocities of dissociation of the keto forms, 
which are extremely weak acids. 

I wish to thank the head of the laboratory, Professor Niels Bjerrum, for 
valuable advice and kind interest in my work. 
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Among: the greal number of authors who studied the system ^Td-H 2 /' 
many considered the question of the influence of hydrogen pressure upon 
the adsorptive capacity of palladium, but actual study of the influence of 
high pressure of hydrogen on its adsorption by palladium occupied the 
attention of very few investigators. The first work in which high hydro¬ 
gen pressure was applied to the system 'Td is the work of Dewar 
(1), who wanted to clear up the question as to whether a critical tempera¬ 
ture exists at which palladium will not adsorb hydrogen at an optional 
pressure. For this purpose Dewar carried out experiments at tempera¬ 
tures from 8(iO°C. to 600°(\ and under hydrogen pressures of 60, 80, and 
120 atmospheres. 

The results of Dewar’s experiments might be summarized in table 1. 
He found that at 420®(\ and 80 atmospheres of hydrogen pressure, the 
amount of hydrogen adsorbed by palladium is of a magnitude of the order 
of 225-200 mg. per 100 grams of palladium. Mond, Ramsay, and Shields 
(6) come to an opposite conclusion as to the role of pressure, on the basis of 
their experiments on the occlusion of hydrogen and oxygen by palladium.^ 
The^^ indicate that increase of hydrogen pressure up to 4.6 atmospheres at 
room temperature does not influence the amount of hydrogen adsorbed by 
palladium. 

Reviewing the results of the recent investigations on the state of hydro¬ 
gen adsorbed in palladium, in particular the results of investigations by 
Holt (4), Sievert-s, Firth (2), McBain (5) and Muller and Schwabe (7), 
one may come to the conclusion that all data bespeak the fact that in all 
platinum metals hydrogen is primarily adsorbed, that at least in the case 
of palladium a solid solution is formed, and that no chemical composition 
occurs with any of the metals of this group. 

In the case of adsorption of hydrogen by palladium, however, there is 
reason to assume a direct solubility of hydrogen, and therefore the adsorp¬ 
tive capacity of palladium must depend upon the pressure. 

1 The amount of oxygen present in palladium is less than the experimental error. 
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von Samson-Himmelstern (9), recalculating the data of Hoitseraa (3) 
and Eoseboom (8), comes to the conclusion that the relationship between 
the amount of hydrogen adsorbed by palladium and the pressure may be 
expressed by the following formula: 

X — a log p + 6 

where x = concentration of hydrogen dissolved, p - pressure, and a and 
b are constants. This equation he applied to the data of Rosebooin, ex¬ 
tended up to 1000 mm. of pressure. Extmpolating by his formula up to 
1000 atmospheres of pressure, he obtains 0.787 gram-atom of hydrogen 
adsorbed per gram-atom of palladium If the extrapolation is made based 
on a linear relationship between the adsorptive capacity and the pressure, 
then 9 gram-atoms of hydrogen adsorbed per gram-atom of palladium 
are obtained at 1000 atmospheres and 25®C. 

Experiments of von Samson-Himmelstern, who saturated palladium with 
hydrogen electrolytically, under a pressure of 1000 atmospheres, show^ed 


TABLE 1 

Adsorption of hydrogen by palladium 


TBIIPBRATUBE 

PRBS3UUE OF HTDROOEK 

HYDROGEN ADSORBED BY 119 O. 

OF PALLADIUM 

degrees C. 

atmospheres 

CC. 

420 

80 

2980 

500 

80 

1900 

420 

120 

3000 


that almost no dififereiice exists in the amount of hydrogen adsorbed by 
palladium at 1 and 1000 atmospheres. Thus, if at 1 atmosphere 1 gram- 
atom of palladium adsorbs 0.7 gram-atom of hydrogen, then at 1000 at¬ 
mospheres the amount of hydrogen adsorbed again did not exceed 0.007 
gram-atom of hydrogen per gram-atom of palladium. As will see 
further, the part of pressure in the hydrogen adsorption by palladium is 
considerably greater than follows according to von Samson-Himmelstern. 

Thus the survey of a small number of opinions on the question of the role 
of pressure in hydrogen adsorption by palladium permits the conclusion 
that there is no opinion in the literature actually based on experiments 
involving the application of high pressure. When the question arose, in 
connection with the work on displacement of noble metals from solutions 
of their salts by hydrogen under pressure, as to how' much hydrogen might 
be adsorbed by palladium black and the state of this adsorbed hydrogen, 
we could find no answer in the literature and had to carry out a series of 
experiments under conditions which w^ere to be used in further experiments 
on the displacement of palladium from solutions, namely, at intervals of 
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pressure from 1 to 25-50 atmospheres and at temperatures from 15°C. 
to 150'’C. 


EXPERIMENTAL PART 

After a search for a suitable method for the determination of the ad¬ 
sorptive capacity of palladium for hydrogen under high pressure, a very 
simple equipment was adopted, which was essentially the ordinary Ipa¬ 
tieff’s bomb, but of a diminished size (see figure 1). 

The bomb was provided with an accurately controllable valve and with 
a manometer for accurate measurements up to 0.1 of an atmosphere. 



Palladium was placed in the bomb in a sealed ampulla; hydrogen was 
pumped into the apparatus until a definite pressure was reached, then when 
the whole system was shown to be tight, the ampulla was broken by a 
slight shaking of the bomb. The contact of palladium with hydrogen 
pumped into the bomb resulted in a drop of pressure in the bomb, and in 
certain cases this drop reached a remarkable magnitude. The difference 
in readings before and after the experiment gave the total drop in pressure, 
and from the original volume of gas present in the bomb and the volume of 
the bomb itself, subtracting the volume of palladium and the glass of the 
ampulla, the amount of hydrogen adsorbed by the palladium w’as calcu¬ 
lated. 




626 


V. IPATIEFF, JR., AND W. G. TRONOW 


The amount of gas pumped into the bomb by a given pressure was de¬ 
termined as follows: A definite pressure was produced in the bomb, for 
example, 20 atmospheres, and after testing the tightness for a day, the 
gas was discharged to a gasometer, a gas buret, or a gas meter. The 
volume of gas in cubic centimeters thus obtained by direct measurement 
corresponds to 19 atmospheres; from this the number of cubic centimeters 
corresponding to 1 atmosphere may be determined. A repeated deter¬ 
mination of the number of cubic centimeters corresponding to 1 atmos¬ 
phere, made at 5, 10, 15, and 20 atmospheres initial pressure, gave nearly 
an absolute check (the difference amounted to tenth parts of a centimeter), 
and thus indicated the correctness of readings of the measuring apparatus 
and the insignificant deviation of hydrogen from the ideal gas law. 

Palladium black was prepared from a carefully purified palladium, ac¬ 
cording to Willstatter (10). The experiments were carried out as follows: 
After the sealed test tube containing the palladium was placed in the bomb 
and hydrogen pumped in, the bomb was tested for a while for tightness. 
In case the bomb was tight, the amount of hydrogen present in the bomb 
was determined by direct discharge. Afterwards hydrogen was pumped 
in again up to the former pressure and the tightness tested again. 

After these preliminary tests the ampulla was broken by carefully in¬ 
clining the bomb. Immediately after this, observation of the readings of 
the indicator on the manometer was started. The indicator moved rapidly 
at first, and then slowly in the direction of diminished pressure. In most 
cases the equilibrium was reached after two to three hours, while at low 
pressures, the equilibrium was established much more slowly. 

The amount of gas adsorbed by palladium was determined by two 
methods: (1) By the difference in readings of pressure before the experi¬ 
ment and after. (2) By the difference between the amount of hydrogen 
pumped in the bomb and the amount of hydrogen discharged from the 
bomb after the experiment. 

In the determination of the adsorptive capacity of palladium by the 
second method the question arises as to how fast the hydrogen, adsorbed 
at increased pressure, is given off at a decreased pressure. It was found 
that hydrogen, adsorbed by palladium under high pressure, was liberated 
extremely slowly after the pressure was decreased to 1 atmosphere. This 
is proved not only by direct observations, but also by a good correspond¬ 
ence in the results obtained by determination of the hydrogen adsorption 
by the first and second methods. 

The following detailed description of one of the experiments is 
given as an example: 3 g. of palladium black were placed in a sealed 
ampulla having a volume of 16 cc. and an internal volume of 9.5 cc., and 10 
atmospheres of hydrogen were pumped in. The amount of hydrogen taken 
corresponded to 440 cc. After testing for tightness the ampulla was 
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broken. The drop in pressure with time is shown in table 2. Calcula¬ 
tion of the amount of hydrogen adsorbed by 3 g. of palladium at 3.5 at¬ 
mospheres pressure gives 251 cc. according to the first method and 250 
cc. according to the second method. Thus, the results practically co¬ 
incide. The calculation of hydrogen adsorbed per gram-atom gives the 
following figures: 1 gram-atom of palladium adsorbs 0.79 gram-atom of 
hydrogen at 3.5 atmospheres pressure. 

In further pieliminary experiments according to the method described, 
various weights of palladium black (from 3 to 10 g.) and also various 
initial pressures of hydrogen from 7 to 40 atmospheres were applied, in 
order that the equilibrium hydrogen pressure would be established for 
such weights in the intervals of from 1 to 30 atmospheres. 


TABLE 2 


TIME AFTER RKEAKING THE AMPULLA 

PRESSURE 

minutes 

atmospheres 

0 

10 

5 

4.2 

15 

4.1 

30 

4.0 

45 

3.9 

60 

3.8 

90 

3.6 

120 

3.5 

150 

3.5 

48 hours 

3.5 


Depending upon the weight of palladium and the initial hydrogen pres¬ 
sure, the pressure during the experiments decreased by from 10 to 20 
atmospheres. The results of experiments carried out at 150°C. are show n 
in table 3. 

It is seen from table 3 that under pressures above 1 atmosphere the 
solubility of hydrogen in palladium changes extremely slowly. Increasing 
the pressure twenty-seven times increases the solubility only 1.34 times. 
Thus the chief adsorptive capacity of pallladium lies within pressure limits 
of 1 atmosphere. 

Attempts to apply the method used above for the determination of the 
adsorptive capacity at higher pressures failed, because the ampulla did not 
stand the high pressures and burst before the beginning of the experiment. 
Great difficulties were also encountered when working at high tempera¬ 
tures. 

Thus the method had to be modified as follows (see figure 2): Instead of 
one bomb, two bombs with accurately measured volumes w^ere used. Both 
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TABLE 3 


Adsorption of hydrogen by palladium 


EXPERIMENT 

NO. 

WEIGHED 
AMOUNT OP 
PALLADIUM 

INITIAL 

PREaSURS 

OF HYDROGEN 

HYDROGEN 
PRESSURE AT 
THE END OF THE 
EXPERIMENT 
(equilibrium) 

HYDROGEN 
ADSORBED BY 

1 CC. OF 
PALLADIUM 

HYDROGEN 
ADSORBED BY 

1 GRAM'ATOM 
OP PAIXADIUM 


grams 

atmospheres 

atmospheres 

CC. 

gram-atoms 

5 

10.2 

20 

1.0 

900 

0.74 

2 

3 

8 

2.0 


0.76 

1 

3 

10 

3.5 


0.79 

3 

3 

15 

7.0 

1000 

0.82 

4 

10 

30 

8.5 


0.82 

6 

3.5 

20 

10.0 


0.83 

7 

10 

40 

14.0 

1100 

0.93 

8 

3.15 

30 

19.0 

1160 

0.96 

9 

3.10 

40 

27.0 

1210 

1.00 



Fig. 2. Bombs for Adsorption at High Presbgres 
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bombs were connected with each other, so that by means of-a proper turn 
of the valve, the pressure in one bomb could be controlled as desired, and 
in the other one a vacuum could be created, or by connecting both bombs, 
a constant pressure could be maintained in them for any desired time, 
without loss of gas. For the determination of the adsorptive capacity of 
palladium, the latter, accurately weighed and purified, was placed in a 
test tube in one of the bombs; after this the bomb was heated up to the 
required temperature (100~300®C.), connected with the vacuum pump, 
and maintained under a pressure of 1-2 mm. for 1 hour. If the bomb held 
the vacuum, then by a proper turn of the valve it was connected with the 
other bomb, which contained a definite amount of hydrogen under a 
definite pressure. 

The amount of hydrogen was determined on the basis of the manometer 
readings, considering the free volumes of both bombs; at increased pres¬ 
sures, proper corrections for the deviation of hydrogen from the gas laws 
were introduced. 

Applying the method described, determinations of the solubility of hy¬ 
drogen in palladium were carried out at 25, 100, 150, 200, and 300°C. at 
pressures from 0.5 to 25 atmospheres. 

Experiments at 25®C. were carried out in an isothermic room in which 
the temperature was maintained constant to within 0.1°C. The weight of 
palladium used was 9.2 g. The pressure of hydrogen in the bomb in which 
palladium was not present was 20 atmospheres. After testing the whole 
for tightness and after the vacuum of 1-2 mm. was observed to be constant 
in the bomb in which palladium was present, by opening the valve the 
first bomb was connected with the second, containing the palladium. The 
pressure in the first bomb was established at 10 atmospheres. After 24 
hours a constant hydrogen pressure of 0.5 atmospheres was established in 
the second bomb containing palladium. The calculation shows that the 
amount of hydrogen adsorbed by 1 cc. of palladium equals 730 cc., or 1 
gram-atom of palladium adsorbs 0.6 g. of hydrogen at 0.5 atmosphere. 

Experiments at low pressures of hydrogen were carried out with the 
intention of checking the correctness of the method used and also to check 
data already existing in the literature for lower pressures. As the read¬ 
ings of the high pressure manometer could not be made accurately enough 
for the measurements of low pressures, after the pressure dropped in the 
bomb containing the palladium an ordinary mercury manometer was 
connected to it by means of a valve. As may be seen from the data and 
curve (table 4 and figure 3), the results obtained by us at low pressures 
agree with results obtained by other investigators. 

Experiments at 100°C. and 150°C. were carried out in the same bombs 
in an oil thermostat with accurately regulated temperature. Thanks to 
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the high temperatures the equilibrium became established within a few 
hours (see tables 5 and 6). 

The results of experiments at 25®, 100®, and 150®C. are illustrated in 
figure 3 in the form of curves. 


TABLE 4 


Solubility of hydrogen in palladium at tS^C. and various pressures 


EXPERIMENT NO. 

PRBSfltTRE AT 
EQUILIBRIUM 

AMOUNT OP HYDROGEN 
ADSORBED BY 1 CC. OP 
PALLADIUM 

HYDROGEN ADSORBED 

BY 1 GRAM^ATOM OF 
PALLADIUM 


atmospheres 

CC. 

gram-atoms 

1 

0.5 

730 

0.60 

2 

1.0 

785 

0.65 

3 

2.0 

845 

0.70 

4 

4.5 

860 

0.71 

5 

10 0 

940 

0.77 

6 

20.0 

1050 

0.87 



Fig. 3. Results at 25, 100, and 150°C. 

In these curves solid points correspond to the results of Roseboom, and 
circles show results obtained by us. As will be seen, the results agree 
well, also at low pressure. The curves have a peculiar character at each 
temperature with a sharp break at a pressure of about 1 atmosphere. 
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If the solubility of hydrogen in palladium is expressed not as a direct 
function of pressure, but as a function of the logarithm of pressure, then 
for the curve at 25®C. and 100°C. we obtain a straight line. The curve at 
150®C. gives a straight line only beyond 2 atmospheres, because when 
passing from low pressures to high pressures, too sharp an increase in 
solubility occurs. 

If we follow the curves in the direction of low pressures, obtained on the 
basis of results of other investigators, then three sections of the curves are 


TABLE 6 

Soluhility of hydrogen in palladium at lOO^C. 


EXPERIMENT NO, 

PREAHURE DURIN<3 

THE EQUILIBRIUM 

HYDROGEN ADSORBED 
PER 1 CC OF PALLADIUM 

hydrogen ADSORBED 
PER 1 GRAM-ATOM OF 
PALLADIUM 


atmospheres 

cc 

ffrarn-^toms 

1 

0.5 

580 

0.48 

2 

1.2 

700 

0.58 

3 

3 0 

740 

0.61 

4 

10.0 

820 

0 08 

5 

22 

906 

0 75 


TABLE 6 

Solubility of hydrogen in palladium at 150°C, 


EXPERIMENT NO. 

PRESSURE DURING 

THE EQUILIBRIUM 

HYDROGEN ADSORBED 
PER 1 CC. OF PALLADIUM 

DKOGEN ADSORBED 
PER 1 GRAM-ATOM OF 
PALLADIUM 


atmospheres 

CC. 

gram-Hitoms 

1 

1 

210 

0.17 

2 

1.5 

435 

0 36 

3 

2 

600 

0 54 

4 

6.0 

740 

0.61 

5 

16 

824 

0.68 

6 

25 

940 

0.77 


observed, as follows: The first section at very low pressures, in which a 
proportionality between solubility and pressure exists. These sections 
pass into the following, in which a sharp ascent of the curves is observed. 
This ascent might be explained either by the formation of a compound 
between palladium and hydrogen or by the formation of immiscible solid 
solutions. 

Both these sections were studied in detail, and their study did not give a 
satisfactory explanation of the abnormal solubility of hydrogen in palla¬ 
dium. Neither did study of the third section, which is illustrated at each 
temperature by a logarithmic curve, give a final explanation of the ques¬ 
tion that interested us. 
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But even if a solid palladium hydride exists, then the stability of this 
compound should decrease with increase of temperature, and at a certain 
temperature no pressure could force hydrogen to combine with palladium. 
However, we know that two immiscible solutions may merge into one 

TABLE 7 


SoliMlity of hydrogen in palladium at tOO°C. 


HYDROQKM PRK88URE 

HYDROGEN ADBORBEO PER 1 GRAM-ATOM OF 
PALLADIUM 

atmoapherea 

gram-atom a 

1 

0.002 

3 

0.042 

4 

0.077 

5 

0.183 

6 

0.32 

7.5 

0.40 

17.6 

0.44 

26 

0.56 



solution with the increase of temperature. Thus we may draw the con¬ 
clusion that in this and the other case a temperature will be reached at 
which the vertical sections of the curves of solubility of hydrogen in palla¬ 
dium disappear. 

From the experiments of other writers we know that with increase of 
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temperature the parallel, vertical sections are displaced in the direction 
of an increased pressure and the length of the sections themselves de¬ 
creases each time. For example, at 100®C. the break in the curve is ob¬ 
served at a pressure of less than 1 atmosphere, at 150°C. at a pressure of 
1 to 2 atmospheres, and at 180°C. at 2 to 3 atmospheres. 

At 200*^0. Hoitsema did not reach a break because the pressure had to 
be elevated about 4 atmospheres and he did not have the necessary ap¬ 
paratus at his disposal. We succeeded in carrying out experiments at 
200°C. and 300®C., and in this connection it should be noted that at 300°C. 
experiments were carried out in an air thermostat and therefore the data 
cannot be as accurate as at lower temperatures; probably this curv^e must 
be considered as corresponding to a lower temperature. The character 
of the curves for 200°C. and 300°C. is exactly the same as at lower tem¬ 
peratures (see table 7 and figure 4). 

In all curves obtained at increased temperatures, the breaking point 
displaces in the direction of higher pressures. The so-called vertical part 
of the curve deviates more and more from the vertical. Considering fur¬ 
ther experiments at higher temperatures, it is evident that the curve of the 
relation between the solubility of hydrogen in palladium and pressure 
will change to a straight line. 

Phenomena observed in the solubility of hydrogen in palladium recall 
the concept of gases at their critical temperature. 

SUMMARY 

1. The solubility of hydrogen in palladium black was determined at 
15®, 25®, 100®, 150®, 200®, and 300®C. at pressures of from 1 to 27 at¬ 
mospheres. 

2. In agreement with data of Hoitsema, isotherms obtained are char¬ 
acterized by the presence of peculiar parallel parts, distinguishing hydrogen 
adsorption in palladium from other adsorption isotherms. 

3. It is shown that with increase of temperature these parallel parts 
displace themselves in the direction of high pressures and begin to incline 
from the vertical; at 300®C. this tends to disappear and the whole curve 
becomes straightened out. 
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A recent paper on carbon dioxide as a radiochemical catalyst by Rosen- 
blum (6) includes a few experimental results supplied by Lind and Bard- 
well concerning the rate of polymerization in a mixture of acetylene and 
carbon dioxide irradiated by alpha rays. 

These results are found to agree with two formulas which I have deduced 
in 1931 and which were tested at first by means of the then available data 
on the catalytic effect of nitrogen in the same reaction (2). 

In the case of the acetylene polymerization, the theory is very simple 
and may be summarized as follows. When acetylene is irradiated by 
rays, every pair of ions produced in the gas causes the condensation of 
twenty-six molecules (3). This confirms the suggestion made by Rideal 
(5) that one layer of (n) neutral acetylene molecules clusters around every 
ion C 2 H 2 ““ or C 2 H 2 ^. The somewhat lower value M/N = 20, that has 
been found (1, 4) when acetylene is irradiated by a particles, may be ex¬ 
plained by the increased rate of recombination which is to be anticipated 
in the case of intense and columnar ionization. 

Let r be the time required for the completion of a 13-molecular cluster, 
no the initial number of ions per unit volume, n the ionization still remain¬ 
ing at the time r. The bimolecular law that applies to ionic recombina¬ 
tion, dn/dt = — an®, yields the integrated formula 

n 1 

no 14- noar 

Now, the time t required for complete clustering varies as the inverse of 
the acetylene concentration, while no depends on the total pressure. Let 
Pi and p 2 be the partial pressures of acetylene and of inert gas, let ti and 
h be the respective molecular ionizations (i.e., total ionization times stop¬ 
ping power). Putting 


Yi 


Qi - iiPx 

and 

Qz 

Qi 

and 

Y, 

Qi + Q. 
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iipt 

Oi + O2 
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we shall write 


n_ 1 


The constant A is easily found if the lowering of M/N from 26 ifi rays) 
to 20 (a rays) is ascribed entirely to the fact that a part of the recombina¬ 
tion occurs before completion of the clusters. This assumption leads to 
the relations 


M n 26 
N ~^n»“l + A 


20 


4-0.3 


since, for pure acetylene, 71 = 1. 


TABLE 1 


pi 

P2 

M/N (experimental) 

M/N (theoretical) 

mm. 

mm. 



557.5 

561 5 

16.39 

16 0 

460.3 

550 5 

16.38 

15.4 

436.1 

547.8 

15 15 

15.2 

413.5 

545.2 

13.82 

15 1 

349.9 

538 0 

13.02 

, 14.4 

304.9 

533.0 

12 82 

13 9 

200.3 

521.3 

10 78 

12.1 

171.1 

517 9 

10 78 

11.4 

133.0 

517 6 

10.08 

10.2 

95.9 

509 5 

8.6 

8 6 

25.4 

501.5 

3.1 

3.3 


Using this value of A and putting ii = 1.4 and ii = 1.52, the formula 
that should apply in the case of the polymerization of acetylene mixed 
with carbon dioxide can be written as follows 


M 

N 


26 


1+0.3 


1.4pi + 1.52jP2 

1.4pi 


The first three columns of table 1 give pi, p 2 , and the corresponding ex¬ 
perimental values of M/N (calculated by Lind and Bardwell for 100 per 
cent ionic efiiciency of the catalyst). The fourth column gives the theo¬ 
retical values of M/N from the above formula. 

There is still another feature of interest about the polymerization of 
acetylene mixed with carbon dioxide. A small amount of the latter dis¬ 
appears from the gaseous phase, but can be partially recovered on heating 
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the solid. In the experiment of Lind and Bardwell the amount of missing 
carbon dioxide that was not recovered corresponded to a partial pressure 
of 63 — 35 = 28 mm. Nitrogen shows a similar behavior, which has been 
explained (3) by the assumption that a nitrogen ion may be found in the 
center of a cluster just as well as a positive or negative acetylene ion. 

It is easy to calculate the amount of carbon dioxide that should disappear 
if among the positive ions the percentage of carbon dioxide were equal to 
Y2 - Qi/{Qi + Qi) and if among the negative ions the percentage of COj" 
were equal to Z 2 = Ri/(Ri + Ri). In the latter expression, Ri = 28.5 
X 10“^® Pi and R 2 = 24.4 X 10~*® pj, where 28.5 X 10“*® and 24.4 X 
10“'® are the squares of the critical radii that may be obtained from the 
dielectric constants 1.00134 and 1.00098. The small variation of pressure 
of carbon dioxide is then expressed by the equation 


^ 26^1.40 r, 28.5 Z,J 


Y 2 and Z 2 being calculated from initial conditions. (For the deduction of 
the formula see reference 3). Using the numerical values quoted by Rosen- 
blum we find — dpj = 29.3 mm. 

The agreement with the experimental value of 28 mm. is quite satisfac¬ 
tory. It might have been improved by taking into account the variability 
of P 2 when calculating Fj and Z 2 . 


SUMMARY 

A theory previously developed is shown to be consistent with recently 
published data concerning the inert gas effect in the radiochemical poly¬ 
merization of acetylene. 
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In a previous paper (6) it has been mentioned that the effect of ammonia 
upon the adsorption of calcium hydroxide from aqueous medium by silica 
gel and hydrous oxides is not to be attributed to a complex formation be¬ 
tween calcium hydroxide or calcium ions and ammonia. More definite 
proof of this statement was obtained from solubility measurements of 
calcium hydroxide in solutions having a concentration up to 2 iV in am¬ 
monia. Since ammonia appeared to have a marked lowering affect upon 
the solubility of calcium hydroxide, it was decided to determine the solu¬ 
bilities of calcium iodate and of ammonium perchlorate in the same media. 

MATERIALS USED 

Calcium oxide. A hot solution of c.p. calcium chloride was treated with 
a slight excess of a solution of ammonium oxalate. The precipitate was 
digested, filtered, washed until free from chloride, dried and ignited in an 
electric furnace. 

Calcium iodate, A hot solution of c.p. calcium chlo¬ 

ride was treated with a slight excess of potassium iodate. The precipitate, 
after washing, w^as twice recrystallized from conductivity w’ater. Upon 
drying at 110°C. the monohydrate is formed. On shaking with water or 
dilute ammonia solution it is quickly transformed into the hexahydrate. 

Ammonium 'perchlorate. A Kahlbaum product recrystallized from w^ater 
w^as used. 

Ammonia. A solution of carbonate-free ammonia was obtained by 
distillation of 20 per cent ammonia in the presence of an excess of barium 
hydroxide. The distillate was kept in a paraffined container and protected 
from carbon dioxide of the air. 

SOLUBILITY DETERMINATION 

Solubilities were determined in a thermostat at 25.00°C. ± 0.02®C. 
Paraffined containers w^ere used throughout this w ork, although with glass- 
stoppered Pyrex bottles the same results w^ere found. In all cases equilib¬ 
rium was attained after fourteen to twenty hours of shaking. The pre- 
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cipitates were then allowed to settle in the thermostat and samples of the 
supernatant liquids analyzed. 


TABLE 1 


Soluhiliiy of calcium oxide in ammoniacal solutions at 


CONCENTRATION 

or NHa 

DENSITY OF SATU¬ 
RATED SOLUTION 

AT 25“C. 

CONCENTRATION OF CA^UM HYDROXIDE 

Moles per liter 

CaO per 100 cc. of 
solution 

CaO per 100 
solution 

N 



grams 

grams 

0 

0 998 

0 02128 

0.1194 

0.1196 

0.496 

0.994 

0 01993 

0 1117 

0 1124 


0 989 

0 01850 

0 1038 

0.1049 

1 475 

0.985 

0 01700 

0.0953 

0 0967 

1.955 

0.982 

0.01571 

0.0881 

0 0896 


TABLE 2 

Solubility of calcium iodate hexahydrate in ammoniacal solutions at B6°C. 


CONCENTRATION 

or NHa 

DENSITY OF SATU¬ 
RATED SOLUTION 

AT 25*C. 

CONCENTRATION OF Ca(IO|)} 

Moles per liter 

Ca(I 03)2 per 100 cc 
of solution 

Ca(l() 3 )iper 100 g 
of solution 

N 



grams 

grams 


0.999 

0.00785 


0.306 

0 489 

0.995 

0.00779 




0.991 

0 00756 

0 295 


1.422 

0.987 

0 00733 

0 285 


1.966 

0.983 

0 00715 

0 279 

0 284 


TABLE 3 

Solubility of ammonium perchlorate in ammoniacal solutions at 

I I CONCENTRATION OF NH4CIO4 


CONCENTRATION 

or NH| 


N 

0 

0.443 
0.876 
1 303 

1 731 

2 59 


DENSITY OF SATU¬ 
RATED SOLUTION 

AT 25‘'C 


1.095 
1.092 
1.089 
1.088 
1 086 
1 084 


Moles per liter 


1.830 

1.841 

1.871 

1.915 

1 954 

2 049 


ANALYSES 


NH 4 CIO 4 per 100 cc 
of solution 


grams 

21 50 
21 63 

21 98 
22.50 

22 96 
24.08 


Nn4C104 per 100 g. 
of solution 


grams 

19 64 
19.81 

20 16 
20.68 
21.14 
22 23 


In the solubility determinations of calcium hydroxide the calcium and 
hydroxide content was determined. After removing the excess ammonia, 
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the calcium was precipitated from weakly acid solution as oxalate, and 
titrated according to standard procedures with potassium permanganate. 
Other samples were evaporated to dryness, the residues treated with an 
excess of standard hydrochloric acid, carbon dioxide driven off by boiling, 
and the acid back-titrated with sodium hydroxide, using methyl red as 
indicator. The results obtained in both procedures agreed within 0.5 
per cent, the oxidimetric method always yielding higher values than the 
acidimetric one. The solubility of calcium iodate was found from iodo- 
metric titrations of the iodate. The ammonium perchlorate content of 
the solutions was determined by evaporating known volumes to dryness 
and weighing after drying to constant weight at 110°C. All analyses have 
been made in duplicate or triplicate. Duplicate analyses with samples 
from the same bottle agreed within 0.1 per cent in the case of ammonium 
perchlorate; with samples from different bottles discrepancies of the order 
of 1 per cent were sometimes noticed. Therefore the solubility data given 
for ammonium perchlorate do not .seem to be as exact as those of the other 
two substances. The highest values obtained are reported in table 3. 
In all cases the densities of the supernatant liquids were determined at 
25®C. Correspondingly the solubilities found are expressed in moles per 
liter and in grams per 100 g. and per 100 cc. of solution. 

RESULTS 

The results are given in tables 1, 2, and 3. 

DISCUSSION OP THE RESULTS 

1. Solubilities m water. Data reported in the literature on the solubility 
of calcium oxide in water vary from 0.115 to 0.125 g. of CaO per 100 cc. 
at 25®C. (cf. Seidell, 1928). In a recent paper Johnston and Grove (5) 
gave results obtained with crystalline calcium hydroxide, which are 7.5 
per cent lower than the figure obtained with our product. The difference 
is probably due to the difference in the nature of the saturating phases 
used. 

The values obtained with our product of calcium oxide were quite re¬ 
producible and independent of the amount of solid taken. The solubility 
of calcium iodate hexahydrate agrees exactly with the figure determined by 
Hill and Brown (3). Their paper was published after this work had been 
finished. There is a wide divergency in the literature on the solubility 
of ammonium perchlorate in water; expressed in grams of NH 4 CIO 4 per 
100 g. of solution the following data at 25°C. are reported 21.1 (Carlson 
(1), by interpolation); 19.8 (Mazzuchelli and Rosa (8) by interpolation), 
20,02 (Freeth (2), at 25°C.); 19.95 (Willard and Smith (10), at 25®C.). 
The figure of 19.64 determined in this study is lower than any of the pre- 
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vious values reported, but was found to be consistent with various times of 
shaking and different amounts of solid body. 

2. The effect of ammonia upon the solubilities of the three substances 
investigated is quite different. The solubility of ammonium perchlorate 
increases regularly with increasing ammonia concentration in the solution, 
that of calcium iodate hexahydrate decreases slightly, and that of calcium 
hydroxide very markedly. Konowalow (7) at 20®C. foimd 0.1017 g. of 
calcium oxide per 100 cc. of water, and 0.0610 g. per 100 cc. of solution 
containing 6.2 per cent of ammonia (about 3 N). 

From the results given in table 1 it may be concluded that up to a con¬ 
centration of 2 JV in ammonia the solubility of calcium oxide decreases 
linearly. 


S = 0.1194 - 0.016 Cnh, 

S is solubility expressed in grams of CaO per 100 cc. of solution at 25°C.; 
Cnhi is the normality of ammonia. 

The decrease of the solubility of calcium hydroxide in the presence of 
ammonia cannot be attributed to a common ion effect. For example, in a 
solution 1 N with respect to ammonia and saturated with lime, the con¬ 
centration of the hydroxyl ions contributed by the ammonia is only 1.3 
per cent of that formed by dissociation of the calcium hydroxide. The 
decrease of the solubility of calcium hydroxide in the presence of ammonia 
therefore has to be attributed to a specific medium effect. Ammonia at 
24.5®C. has a dielectric constant (4) of 14.9 and is therefore expected to 
decrease markedly the dielectric constant of aqueous solutions, and conse¬ 
quently the dissociation of electrolsrtes. It should be remembered that the 
second dissociation of calcium hydroxide is far from being complete; in the 
presence of ammonia it is still further decreased and consequently the 
solubility also. Qualitatively speaking, ammonia has here the same effect 
as organic solvents, such as methanol, ethanol, etc., have on the dielectric 
constant of aqueous solutions. It is beyond the scope of this paper to 
investigate in further detail the striking effect of ammonia upon the solu¬ 
bility of calcium oxide. 

3. The results obtained confirm the primary object of this investigation, 
namely, to prove that the effect of ammonia on the adsorption of calcium 
hydroxide by hydrous oxides and silica gel is not to be attributed to a 
complex formation. The linear decrease of the solubility with the am¬ 
monia concentration and the constant composition of the solid show defi¬ 
nitely that up to concentrations of 2 iV in ammonia no complexes are 
formed in the solution. 
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SUMMARY 

1. The solubilities of calciuiu hydroxide, calcium iodate, and ammonium 
perchlorate at 26®C. in water and in solutions containing concentrations of 
ammonia up to 2 iV have been determined. 

2. The solubility S (in grams of CaO per 100 cc. of solution at 25®C.) of 
calcium hydroxide decreases linearly with increasing ammonia concen¬ 
tration: 

S - 0.1194 - 0.016 Cnh. 

3. No complex compounds between calcium hydroxide or calcium ions 
and ammonia are formed in the solution at ammonia concentrations smaller 
than 2 N. 
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I. NATURE OF THE PROBLEM 

The vast literature on colloidal electrolytes suffers, more perhaps than 
most chapters of physical chemistry, from a lack of correlation in the light 
of exact theories. Thermodynamic concepts such as activity and osmotic 
coefficients are often misused and, whenever the ideas of the interionic 
attraction theory are applied, the reasonings are of an entirely qualitative 
nature. We refer the reader to the book of Pauli and Valko (8) where most 
papers on the subject are discussed, briefly reviewed, or at least quoted. 
Theoretical treatments so far proposed are either too specialized or too 
vague. On the other hand, the general mathematical treatment of Scatch- 
ard and Kirkwood (9), which implicitly includes the case of colloidal 
electrol 3 rt/es, is prohibitively complicated for most physically significant 
cases. The so-called “Hammarsten effect’^ gave rise to a qualitative 
theoretical treatment by E. and H. Hammarsten (4, 5) and to a general 
theory by Linderstrom-Lang (7). According to Pauli and Valko (8) a 
colloidal electrolyte exhibits the Hammarsten effect when its osmotic 
pressure is smaller than that calculated for a concentration equal to the 
activity of the simple ions, i.e., when, in the case of an acid for instance, 

P<ajj.*Rr (1) 

P is the measured osmotic pressure, the activity of the hydrogen ion, 
R, the molar gas constant, and T the absolute temperature. 

Let us recall in this connection that activities do not bear a direct rela¬ 
tion to the osmotic pressure, except for the fact that there are thermody¬ 
namic differential relations between activity and osmotic coeflScients. If 
^0 is the osmotic coefficient of the solvent and /, the activity coefficient of 
the solute, we have 

Nod |(1 - flfo) log ~ I « - Nnd log /. (2) 

No and N, being the mole fractions of the solvent and the solute, respec¬ 
tively. 
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In the case of dilute solutions we may define the osmotic coefficient as 
the ratio between the observed osmotic pressure P and that calculated 
according to the formula 

Po - mUT (3) 

m being the concentration in moles per liter. We have then 

P * gPe « gmRT (4) 

The abnormality corresponding to the Hammarsten effect is that g defined 
as above is often of the order of 1 or less when, on account of dissociation, 
one would expect much higher values. 

The low osmotic pressures exhibited by many colloidal electrolytes sug¬ 
gest immediately the presence of ions of very high valence such as those 
which would result from the association of a large number of simple ions 
into colloidal micelles. It is then natural to investigate the properties of 
these systems by means of the theory of electrol 3 rtes. We shall assume 
that all micelles have the same charge zc, c being the elementary quantum 
of electricity. We thereby overlook the possible presence of micelles of 
different charges or that of neutral aggregates. The charge and size of the 
micelle should then be considered as averages. Furthermore, we shall 
restrict our reasoning to cases where the oppositely charged particles are 
monovalent single ions. Supposing that in dilute solutions the cohesive 
forces have no appreciable effect once the micelles are formed, our problem 
is reduced to a study of the properties of an electrolyte of valence type 1-z 
according to the Debye-Huckel theory. 

II. OSMOTIC PROPERTIES OF AN ELECTROLYTE OF VALENCE TYPE 1 -Z 
ACCORDING TO THE DEBYE-HtJCKEL THEORY 

The solution contains n free monovalent ions and n/z ions of valence z 
per cubic centimeter. The charge ze of the latter is supposed to be con¬ 
centrated in such a way that the distance of closest approach between the 
monovalent ions and the ions of valence z is a A.U. The electric fields of 
both kinds of ions are supposed to possess spherical symmetry. 

The Debye-Hlickel theory (2, 6) defines as follows the “characteristic 
length” or radius of the ionic atmosphere 1/k: 



D is the dielectric constant, k is Boltzmann’s constant, Ur the number of 
ions r per cubic centimeter, and Zr the valence of these ions. Here we have 

SnrZr* == n + =* n(z + 1) 


( 6 ) 



OSMOTIC PBOPEBTIES OF COLLOIDAL ELBCTBOLYTEB 


647 


The ionic strength I of the solution is 


J 


1122 ? 


•2nr2r* 


iVx being Avogadro’s number. 
In our case, 


(7) 


1 


]_ 1000 
2* JVa 


•n(* + 1) 


( 8 ) 


Calling C the concentration of the monovalent ions in moles per liter, we 
have 


7-|c(* + l) (9) 

It will be sufficiently accurate for our purpose to suppose that the product 
DT, in the case of water, is constant in the range of temperature in which 
most experimental data are obtained (0 to 25°C). We have then 

K = 0.23 y/c(z + 1) • 10« (10) 

Defining the osmotic coeflicient g of the solvent as the ratio between the 
actual osmotic pressure and that of an ideal solution of concentration 

C (1 + —) we have 


with 



( 11 ) 


( 12 ) 


Vr being the number of ions r into which one molecule of salt dissociates, 
and V the total number of ions. Here we have 



aa/j 


(13) 


(r(ico) is a function of the product ko defined as {follows: 


(14) 
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In the first paper of Debye and Huckel (2) a table of the numerical values 
of a is given.* 

The ratio between the actual (or observed) osmotic pressure and that of 
the corresponding ideal imdissociated solute is usually given in experimen¬ 
tal papers. A definite formula is then assumed for the solute and the con¬ 
centrations are expressed in moles per liter in terms of that formula. It is 
more logical to express the concentrations in moles or gram equivalents of 
the simple ion (Na+, Cl“, ...) per liter (C in our notation). 

From equations 11 and 13 we deduce for the osmotic pressure 

p - jPy. = Pm. (1 - 0 . 26 *V'c’(l + *)-<r(*o)] (15) 

The ideal osmotic pressure Pid. is given by 

Pid.-c-i^-fir (16) 

Z 

Combining formulas 15 and 16 we find 

P - CRT-^-^[\ - 0.265^0(1 +3)-^(*0)] (17) 

z 

Formulas analogous to formula 15 could of course be obtained for the freez¬ 
ing point lowering, the dew point lowering, etc. 

III. INTERPRETATION OF SOME TYPICAL EXPERIMENTAL DATA 

On the basis of the foregoing considerations it is possible to attempt an 
interpretation of experimental data. Two parameters have to be chosen: 
z and a. It is quite likely that both these parameters change appreciably 
with concentration. We shall however show that if z is supposed to be 
constant, it is possible to find a particular value of z such that the corre¬ 
sponding values of a do not change too much with concentration. 

Our procedure is the following: The values of g are computed at the 
various concentrations for which data are available. It is then shown that 
the lowest value of z compatible with the probable fonnula of the com¬ 
pound under consideration (2 for Congo red, 4 for sodium thymonucleate) 
yields too high values of g and that association of ions of one sign has to be 
assumed. Various successive values of z, all multiples of the lowest (4,6,... 
for Congo red, 8, 12, ...for sodium thymonucleate) are used until a value is 
found which gives a <T(Ka) smaller than one at the lowest concentration 
at which data are available. The values of (t{kq) at the various concen¬ 
trations are then deduced from the calculated values of gf, using formula 
15 and the corresponding values of na are obtained from a smooth curve 

* The value 0.855 given in the table for a; =*» 0.1 is wrong and should be replaced by 

0 . 866 , 
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drawn by means of the values of Ka and c{Ka) given by Debye and Hiickel 
(2). K is calculated by means of formula 10 and a is then obtained. There 
seems to be one particular value of z for which a is suflBciently constant and 
such that G{Ka) is smaller than 1 at the lowest concentration. (Values of 
cr(Ka) larger than 1 correspond to negative values of a.) 

These calculations are only of an approximate nature for the following 
reasons: 

1. They are based on a rather crude model (spherical symmetry of the 

electric field due to the charges). 

2. The values of na become larger than 1 already at very low con¬ 

centrations. The model and calculations of the Debye-Hiickel 
theory of course lose much of their plausibility when the distance 
of closest approach of two ions of opposite signs becomes larger 
than the radius of the ionic atmosphere of either one. 

3. The higher terms of the Poisson-Boltzmann equation are neglected. 

TABLE 1 


Osmotic pressure of Congo red (Donnan and Harris) 
T = 290 *^ 


r 

EQUIVALENT OF Na^ 
PER LITER 

P ralod 
(calculaicd) 

P 

(measured) 

P/Pcalod. 

0.17324 

1667 0 

1363 

0 869 

0 14404 


1139 

0.873 

0 04742 


603 

0 890 

0.03664 

331 8 

310 

0.934 

0 02170 

196 0 

185.5 


0.01112 

100.5 

97 

0 965 


We now give the results obtained in two typical cases: aqueous solutions 
of Congo red (Donnan and Harris (3)) and of sodium thymonucleate (E. 
Hammarsten (4)). 


A. Congo red 

Table 1 gives the concentration C of Congo red in equivalents of sodium 
ion per liter, the osmotic pressure calculated for an ideal solution of the 
compound NagCo (molecular weight, 696) in millimeters of mercury, the 
observed osmotic pressure P in millimeters of mercury, the ratio P/Poaicd.. 
The table is taken from Zsigmondy (10). This table shows that the ob¬ 
served osmotic pressure is smaller than that corresponding to an undisso¬ 
ciated solute of formula Na 2 Co and hence that highly charged micelles arc 
probably present. 

For z = 2, 4, and 6 the value of <r(#fa) corresponding to the lowest con- 
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centration is larger than 1, We have calculated aiKo), Ka^ k and a for 
z - S, 10, 12, and 14, respectively. The values of a are plotted against 
the concentration on figure 1 for these four values of z. The curve cor¬ 
responding to 2 = 10 seems the most satisfactory. The small values of a 
obtained at the lower concentrations may be due to the neglect of the higher 
terms. We feel justified however in concluding that the anions of Congo 
red solutions consist of four or five simple double-charged anions Co*. 

B, Sodium thymonucleate 

The osmotic properties of this salt were carefully studied by E. Hammar- 
sten (4). The results are particularly suitable for an interpretation ac- 



Fig, 1. Mean Ionic Diameters of Congo Red for Different Charges op the 

Micelles 


cording to our method: all the data were obtained at extremely low con¬ 
centrations, the range being 0.33 X 10“® to 9 X 10~* moles per liter 
(empirical formula of the salt, Na.T), hydrolysis is apparently negligible, 
and dissociation is probably very high. Our interpretation will be based, 
as in the case of Congo red, on the assumption that all the sodium ions are 
unbound. The molecular weight corresponding to the formula Na.T 
is 1545. Table 2 gives the concentrations C of the sodium ion in equival¬ 
ents per liter, the osmotic pressure Pciod. calculated for an ideal solution 
of molality C/4 in centimeters of water, the observed osmotic pressure P 
in centimeters of water, the ratio P/Poaud.. 
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TABLE 2 


Osmotic 'pressure of aqueous solutions of sodium thymonucleate (E. Hammarsten) 

T = 293® 


c 

KQUIVALBNT OF Na^ 
PEIl LITER 

Pfjilfd 

(calculated) 

P 

(observed) 

P/Prulccl. 


cm HjO 

cm. HjO 


1.32 

8 1 

6 5 

0.80 

2.52 

15 6 

13.0 

0.83 

5.12 

31.7 

25 0 

0.79 

6.32 

39.2 

31 0 

0.79 

9.68 

59 9 

47.7 

0.79 

14.28 

88 5 

69.0 

0.78 

17.12 

106.1 

82 5 

0 78 

17 20 

106.6 

83.1 

0.78 

17.52 

108 5 

83.5 

0.77 

16 40 

101.4 

82.0 

0 81 

18 08 

111.8 

85.6 

0.77 

18.00 

111.3 

85.8 

0.77 

18 00 

111 3 

86.5 

0.78 

36 00 

222 7 

173 2 

0.78 



Fig. 2, Mean Ionic Diameters op Sodium Thymonucleate for Two Different 
Charges op the Micelles 



652 


FIIiRBE VAN BYSBELBEBGHS 


The ideal osmotic pressure Pa. of a completely dissociated salt of con¬ 
centration C (1 + “) is given by formula 16. 

We have here 


^\CRT 

4 


( 18 ) 


and 


P.d. (20) 

The other formulas to be used in the calculations are the same as those used 
in the case of Congo red (formulas 15, 16, 17,10, etc.). 

The ratios P/Pcaicd. fluctuate irregularly but are practically constant. 
We are hence justified in considering that, at all concentrations investi¬ 
gated, the ratio P/Pcaicd. is equal to the average value 0.78. 

We have to go to as high as 2 == 20 before obtaining a value of (r(#ca) 
smaller than 1 at the lowest concentration. We have calculated (r(fca), 
ica, K and a for 2 — 20 and 24. The values of a are plotted against the con¬ 
centration on figure 2. The curve for 2 : = 20 is a little more satisfactory 
than that for 2 = 24. The small values of a obtained at the lower concen¬ 
trations and the large values of kg (which become already larger than 1 at 
concentrations of the order of lO^^ moles per liter) show that we are far 
from the ideal conditions where the Debye-Hiickel theory can be considered 
as correct. It is however reasonable to conclude that the anions of sodium 
thymonucleate consist of at least five simple quadruple-charged ions. 

We have also made calculations of the same type for the other thymo- 
nucleates studied by E. Hamrnarsten and for certain colloidal dyes studied 
by Biltz (1). The results were analogous to those presented here. 

SUMMARY 

It is shown that, if the proper amount of association into micelles is 
taken into account, the low osmotic pressures observed for several colloidal 
electrolytes are qualitatively explained by the Debye-Hiickel theory. 
The Hamrnarsten effect is not an unexpected ‘^abnormality.'' 
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INTRODUCTION 

Two methods of calculation of the ionization by alpha particles from 
radon have been developed,—^the average path method of Lind (5) and a 
method due to Mund (6), These calculations have been the subject of 
former studies (3, 4). Whereas the average path method which involves 
the molecular ionization is directly applicable to the case of gaseous mix¬ 
tures, it is necessary to develop a method of computing the relative total 
ionization for mixtures before the Mund method can be applied to them. 
Such calculations are presented in this paper. The following symbols are 
used: 

It— total ionization (number of ion pairs) produced by an alpha 
particle from radon in its range (ro) in air at standard con¬ 
ditions (1.55 X 10^ ion pairs). 

I *= average intensity of ionization in air at N.T.P. 

I i = total ionization produced by an alpha particle on gas i in the 
mixture. 

N = number of alpha particles formed in time t, 

F' — Mund^s correction factor (see references 3 and 4). 
ro = range of the alpha particle from radon in air at N.T.P. (con¬ 
cordant range = 3.45 cm.; references 3 and 4). 

Vi ■= range of alpha particle in gas i at the temperature •f the ex¬ 
periment and at a pressure P equal to the total pressure of 
the mixture. 

Xi «= distance traversed by the alpha particle. 

Vi — Xilvi — reduced distance. 

X — average path of the alpha particle, 
p = ratio of rm to radius of reaction vessel. 

E T — total kinetic energy of the alpha particle. 

Et = energy of the alpha particle at the point Xt. 

Qi = total ionization relative to air (N.T.P.) in gas i due to one 
alpha particle. 

Pi = partial pressure of gas i, 
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P = total pressure of the gaseous mixture. 

Si = stopping power of gas i, 
t == temperature of the experiment (°C.). 
m = as subscript refers to the gaseous mixture. 

I. ENERGY LOSS AND TOTAL IONIZATION PER CENTIMETER PATH 

These two quantities are given by 

( 1 ) 
( 2 ) 

The integrated forms of these equations as a function of the reduced path 
{xi/vi) are: 

E, - Et(i - ' = Et (1 - 

1 — —* j ~ gdr (1 — 

From equations 3 and 4 it is seen that at the same value of the ratio 
the alpha particle has lost the same fraction of its energy, and similarly 
the same fraction of its total ionization has been produced when it has 
travelled the distance in the separate gases. The alpha particle travels 
in the gaseous mixture, however, and in order to deal with this situation it 
is convenient to consider the case in the following manner. 

II. THE STRIATED GAS 

For convenience of discussion a differential element of the gaseous mix¬ 
ture may be thought to consist of i layers of gas which are traversed by the 
alpha particle in succession. These i layers have together the elementary 
length dr^. All of the molecules of type i are separated into the layer dx* 
such that 

Pt 

^ dxm » dxi (5) 

and 


(3) 

(4) 




Sdx, = dJTm 


( 6 ) 


This means that each of the individual gases has the pressure P in dx*. 
This separation of dxm into elements dxi is very helpful in studying the 
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problem. In order to be certain that the treatment below is satisfactory, 
a graphical study was made for the case of two components. The gas was 
divided into alternating layers of gas 1 and gas 2, and it became clear that 
the following discussion adequately represents the case of mixtures. 


III. THE RANGE AND STOPPING POWER OF A GAS MIXTURE 

The loss of energy by the alpha particle in a gaseous mixture of length 
dxm is the sum of the losses (djEt) due to the ionization of the various gases. 
This loss is also represented by an expression similar to equation 1 with 
the range in the mixture r^ replacing the range r*. Using equation 1: 



But this comparison must be made at the same point on the reduced path 


Xi X2 

— ssz — 


ri ro 



( 8 ) 


Therefore 


but 


therefore 


P 



Ti = 


S,P 


and 


J m 


ru 


(9) 


( 10 ) 


The last result is equivalent to the usual statement that stopping powders 
are additive in the case of mixtures. 


IV. THE RELATIVE TOTAL IONIZATION IN A GAS MIXTURE 

By a similar argument the total relative ionization {gnd in a mixture may 
be defined. The sum of the ionizations (d/,) in each layer (d.rO must I e 
equal to the ionization in the layer dxm. Using equation 2: 



and with equation 8 



gmP 

r,„ 


( 12 ) 


(13) 
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substituting from equation 9 and 10 

Zg,8,Pi 


(14) 


The only case where this result can be checked with experiment is that 
of air where the proper values of the components are known (5), 

« 103 X 1.064 X 0.209 -h 0.96 X 0.989 X 0.791 ^ ^ 

1.064 X 0.209 + 0.989X0.791 

while the experimental value is 1.0. There is quite a variation in the ex¬ 
perimental data from various sources (7), and a better check cannot be 
expected until more experimental material is at hand. 


V. AVERAGE PATH LAW FOR MIXTURES 


It has been shown (3, 4) that the average path method of calculating 
ionization in spherical vessels holds for large values of the ratio p. In 
these former calculations the case of mixtures was not considered. It 
should be pointed out how the considerations presented here affect the 
average path method. It is only necessary to consider the gaseous mix¬ 
ture as a fictitious gas with properties and Sm, and the average path 
law states 


where 




ZNl^S’gmSm* 


H 273 
760*273 +1 


9m*Stn 


r> 


(16) 

(16) 


VI. TOTAL RELATIVE IONIZATION IN HYDROGEN-BROMINE MIXTURES 

It should be of interest to make a sample calculation of the relative 
total ionization {gm) for gaseous mixtures of hydrogen and bromine as a 
function of their partial pressures. The stopping powers of hydrogen and 
bromine are 0.24 and 2.80, respectively. The latter value was obtained 
from Glasson^s rule (2). Their relative total ionizations^ are, respectively, 
1.00 and 1.35. Then 

^ qAPi + giS^P2 ^ 0.24Pi + 3.78P> 

S.P.+ “0.24^1 + 2.80?, 


and 


SiP^ + S,Pi 0.24Pi + 2.80P, 

■ — -—- Sts — I........ .. 

P P 

To 760 273 + t 
273 


(18) 

(19) 


‘ The value for bromine was calculated by the method of R. D. Kleeman (Proo. 
Roy. Soc. London 79A, 220 (1907)). 
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These equations have been applied to a set of hydrogen and bromine mix¬ 
tures, where P = 760 mm., t == 100°C., and the radius of the spherical 
vessel is 2.153 cm. The values of for these mixtures are shown in figure 



Fig. 1 Fig. 2 

Fig. 1. Total Relative Ionization of Hydrogen-Bkomine Mixtures a Func¬ 
tion OF the Partial Pressure of Bromine 

Fig. 2. Number of Ion Pairs Per Alpha Particle as a Function of the Partial 

Pressure of Bromine 

The total pressure is 1 atmosphere, the temperature is 100°C., and the radius of the 
spherical vessel is 2.153 cm. 

I, The total number in the mixture; II, the partial ionization on bromine; III, 
the partial ionization on hydrogen. 

1 as a function of composition. The respective total ionizations in these 
mixtures are shown in figure 2, where the individual ionizations falling on 
the hydrogen and the bromine are also shown. The method of calcula- 
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tion is indicated in section VII, The individual ionizations are propor¬ 
tional to their respective (^/SP)»products, as follows from equation 2: 


h SB r ^ GlSiP 1 

I2 Q^SiPi JiQiSiP % 


( 20 ) 


VII. CALCULATION OF TOTAL IONIZATION IN HYDROGEN-BROMINE 

MIXTURES 


The use of the foregoing results can best be illustrated by the calculation 
of a pertinent case. Consider a gaseous mixture of hydrogen and bromine 
at a total pressure of one atmosphere and partial pressures P(H 2 ) = 684 
mm. and P(Br 2 ) = 76 mm. at 25®C. in a vessel of 2.153 cm. radius: 

(a) The stopping power of the mixture (equation 11) is 0.50. 
fb) The concordant range in the mixture is 


3.45 760 298 

0.50 ^ 760 ^ 273 


7.53 cm. 


( 21 ) 


(c) The value of p = 3.5 and F' = 0.342. 

(d) Qm for the mixture is 1.20 (by equation 14). 

(e) The total ionization in the mixture is 


In. ^ N X gm X It X F' (22) 

« JV X 1 20 X 1 55 X W X 0.342 
« V X 0.636 X 10» 


The average path law of Lind yields in this case the following result; x 
== 0.5833 X 2.153 = 1.25 cm.;/ = 2.86 X lOMon pair cm.~^ (3,4). Equa¬ 
tion 15 yields 

= iV X 3 X 2.86 X 10^ X 1.25 X 1.20 X 0.50 X 0.984 (23) 

= iV X 0.634 X W 


VIII. TOTAL RELATIVE IONIZATION OF COMPOUNDS 

For the purpose of calculation of Qm a compound might be considered 
as a mixture of its component atoms, ignoring the effect of bonding forces. 
This case has been adequately treated by Kleeman (footnote 1 and refer¬ 
ence 1). 


SUMMARY 

Thecalculationforthe ionization by alpha particles from radon in spheri¬ 
cal vessels containing gaseous mixtures has been studied. The range of 
an alpha particle in the mixture is = P/S(P/r)». The stopping power of 
the gas mixture is aS^ = 2 {PS)i/P, The total ionization relative to air 
(N.T.P.) is Qm == 2 (gSP)t/X iSP)t. The molecular ionization of the gas 
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mixture is given by {gS)m = (1/-P) 2 {gSP)i, There are i components in 
the mixture and P is its total pressure. 

It is a pleasure to thank Dr. S. C. Lind and Dr. G. B. Heisig for discuss¬ 
ing these questions with us. 
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INTRODUCTION 

In a recent study in this laboratory, Hurd and Miller (5) have obtained 
data upon the effect of temperature on the time of set of gels of hydrated 
silica or silicic acid gels, as they are commonly called. The data were 
later examined and were found to indicate the possibility of a relation be¬ 
tween the hydrogen-ion concentration and time of set. A further study 
of this possible relation has been made. The results are incorporated in 
this article.^ 


HISTORICAL 

Numerous investigators have studied the effects of various factors upon 
the time of set of silicic acid gels, among such factors being the concentra¬ 
tion of silica, the concentration of acid, salts, or foreign materials, and the 
temperature. The effect of the hydrogen-ion concentration has not been 
thoroughly studied. The effect of the acid was noted by Holmes (2) and 
later by Hurd and Letteron (4). The hydrogen ion specifically was noted 
by Glixelli and Wiertelak (1) and by Prasad and Hattiangadi (8). Ray 
and Ganguli (10) determined the optimum limits of pH within which 
setting occurred in their experiments. 

To cite merely three opinions® concerning the setting of these gels of 
silicic acid, Holmes has stated that the acid molecules have a dehydrating 
effect upon the silicic acid, while Laskin (7) believes that certain ions in 
solution possess a dehydrating effect. Kroger (6) believes that the sodium 
ions in solution have a peptizing effect upon the silicic acid. However, 
from the results to be cited in this article, it seems almost certain that the 
peptizing action in alkaline mixtures containing silicic acid is due to the 
hydroxyl ion. 

^ This research was supported by a Grant-in-Aid of the National Research Council. 

* A report W'as made on the first half of these results before the Colloid Division 
of the American Chemical Society at the meeting held in Washington, March, 1933. 

* In the interests of economy, the bibliography has been practically omitted from 
this article and the article itself greatly condensed. 
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EXPERIMENTAL 

As previously stated, Hurd and Miller have made a study of the effect of 
temperature upon the time of set of various mixtures of solutions of sodium 
silicate and acetic acid. Five commercial brands of silicate were used, 
known by their maker, the Philadelphia Quartz Company, as brands 

TABT.E 1 


Time of set of sodium sUicaic-acelic acid mixtures at 25^C. in minutes 



BRAND 


“S” ! 

1 “N” 

1 “K” 

1 “U" 

1 

MIXTURE 

Soda-8ilica ratio 


1 3 

1 3 33 

1 1 2 04 

1 2 52 

1 1 2 06 


Time of Bet 

0 

100 0 

114 0 

81 3 

117 5 

42 2 

1 

153 2 

158 5 

120 2 

158 5 

79 4 

2 

206 6 

219 0 

164 0 

205 6 

117 5 

3 

257 0 

266 0 

209 0 

247 2 

149 7 

4 

298.6 

298 6 

248 4 

283 8 

182 0 

5 

355 0 

342 8 

282.0 

320 0 

221 4 


TABLE 2 

Excess acetic acid in the mixtures whose time of set is tabulated in table 1 



“S” 

1 “N” 

1 “K” 

1 -U” 

1 “C” 

MIXTURE 

Socla-silica ratio 


1 3 09 

1 1 3 33 

1 ] 2 04 

1 1 2 52 

1 206 


KxceBB ac’etic acid 

0 

0 177 

0 237 

0 185 

0.242 

0.127 

1 

0.302 

0 362 

0 310 

0 367 

0.252 

2 

0 427 

0 487 




3 

0 522 

0 612 

0.560 

HliH 


4 

! 0.677 


0 685 


B^B 

5 

0 802 

0 862 

0 810 


fIBM 


“N,’' and Six different mixt-ures of each brand with ace¬ 

tic acid were used. Every mixt^ure used contained the same concentration 
of silica, namely, 0.645 gram-mole silica per liter. From these data the time 

* The writers wish to thank the Philadelphia Quartz Company for their kindness 
in supplying the silicates used in this and other research. 
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of set of each mixture at 25°C. was detemuned, the fij^ures being given 
below in table 1. Also from the concentrations may be obtained what we 
call ‘^excess acetic acid/^ namely, the difference in equivalents of the total 
acetic acid and the sodium of the sodium silicate, expressed as sodium 
hydroxide. It is thus the excess of acetic acid over that equivalent to the 
sodium in the sodium silicate. These data are given in table 2. 

The time of set for each mixture of table 1 has been plotted as ordinate 
against the concentration of excess acetic acid of table 2 as abscissa. The 



Fig. 1. Time of Set in Relation to Concentration of Excess Acetic A(’id 


curve is shown in figure 1. These isothermal curves show, apparently, a 
linear relation between time of set and concentration of excess acid. Ex¬ 
trapolation to the left indicates a minimum time of set with slightly less 
than enough acetic acid to be equivalent to the sodium of the sodium sili¬ 
cate. It is well known that minimum time of set occurs in mixtures w hich 
are slightly alkaline. 

This linear relation between time of set and concentration of excess acetic 
acid might well be taken to point toward a linear relation between the time 
of set and the hydrogen-ion concentration since, in solutions containing an 
excess of weak acid, acetic acid, in the presence of a fixed concentration of 
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sodium acetate, the hydrogen-ion concentration will be very nearly pro¬ 
portional to the acetic acid concentration. 

To test the hypothesis that a linear relation exists between the time of 
set and the hydrogen-ion concentration, the following series of experiments 
were made. A series of mixtures of solutions of “E” brand sodium sili¬ 
cate and acetic acid were made. This silicate is particularly clear and 
suitable. It was used in the form of a solution, 1.23 normal with respect 
to sodium hydroxide. All water used in any of these solutions was dis¬ 
tilled water which had been freshly boiled. 

The mixtures were made by placing the solution of sodium silicate and 
the acetic acid solution in small beakers in a 23.5®C. thermostat. The 
amount of sodium silicate was fixed, 50 cc. of sodium silicate 1.23 normal 
with respect to sodium hydroxide. The relative amounts of acetic acid 
and water were varied, although the total volume was fixed. The silicate 
was poured quickly into the acid, the result mixed thoroughly by pouring 
back and forth several times and then divided into two 80-cc. portions. 
One portion was poured into a 100-cc. beaker in a 25°C. thermostat, where 
the time of set was determined by the tilted rod method. The other half 
was placed in an electrically insulated 25®C. thermostat where the pH was 
determined by the quinhydrone method, using a platinum wire electrode 
and solid quinhydrone. The whole technique for this method using quin- 
hydrone had been carefully tested in this laboratory by an elaborate series 
of tests and found to be reliable. 

Particular attention should be called here to the care used to keep the 
mixture steadily at 25“C. We have not found this mentioned elsewhere. 
In all cases, the rise in temperature upon mixing, due to the neutralization 
of sodium hydroxide by acetic acid, was measured previously. In the 
case just mentioned it was 1.5°C. The thermostat in which the two solu¬ 
tions were kept before mixing was then adjusted to that interval below 
25®C., in this case, to 23.5°C. 

The results of this series of experiments are given in table 3. All con¬ 
centrations are in gram-moles per liter. 

The relation between time of set and concentration of hydrogen ions and 
the logarithmic relation, namely, between logarithm of time of set and pH 
are shown in figure 2. Between concentrations of hydrogen ion of 1.0 
X 10“* and 7.24 X 10~‘ the relation between time of set and concentration 
of hydrogen ion is seen to be very nearly linear. As the concentration of 
hydrogen ions increases, however, the time of set is seen to be slightly less 
than would be indicated for a linear relation. Table 3 shows, however, a 
large excess of acetic acid required to produce increase in the hydrogen- 
ion concentration. 

In order to try a mixture where the hydrogen-ion concentration could be 
greatly increased without any appreciable increase in the amount of excess 
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acid, the same type of experiment was carried out using hydrochloric 
instead of acetic acid. Owing to the rapid change in hydrogen-ion con¬ 
centration with excess hydrochloric acid, mixtures were made containing 


TABLE 3 

Time of set and pH data for mixtures of sodium silicate and acetic acid at 25°C. 


TOTAL CHaCOOH 

EXCESS 

CHiCOOH 

1 

1 

pH 

CONCENTRATION 

opH" 

TIME OF SET 

LOO TIME or SET 

1.363 

0 975 

4.14 

7 24 X 10“® 

minutes 

331 0 

2 520 

1.240 

0.852 

4 21 

6.17 X 10-^ 

299 0 

2 476 

1.053 

0.665 

4.32 

4 79 X 10-^ 

247 0 

2 393 

0 942 

0 554 

4 42 

3 80 X 10-^ 

213 0 

2 328 

0 855 

0 467 

4 48 

3 31 X 10”^ 

185 0 

2 267 

0 744 

0 356 

4 61 

2 45 X 10-^ 

143 5 

2 157 

0 683 

0 294 

4 69 

2 04 X 10-^ 

114 0 

2 057 

0.620 

0 232 

4 78 

1.66 X 10"^ 

97 0 

1 987 

0 583 

0 195 

4 87 

1 35 X 10"^ 

86 0 

1 935 

0.558 

0 170 

4 92 

1 20 X 10-^ 

74 0 

1 869 

0 496 

0 108 

5 09 

0 813 X 10-*^ 

48 5 

1 686 

0 459 

0 071 1 

5 29 

0 513 X 10-*^ 

33.5 1 

1 525 

0 434 

0 046 

5 46 

0 347 X 10-^ 

21 5 

1 332 

0.422 

0 034 

5 60 

0 251 X 10-*^ 

16 0 

1 204 

0 409 

0 021 

5.75 

0.178 X 10 

11 2 

1 049 

0.397 

0 009 

6 00 

0 100 X 10-6j 

6 2 

0 792 


TABLE 4 


Time of set and pH data for mixtures of sodium silicate and hydrochloric acid at ^5^C. 


pH 

CONCENTRATION OP II ^ 

TIME OF SET 

LOO TIME OF SET 

4.21 

6 17 X 10-‘ 

m 1 n utes 

75 0 

1 875 

4 29 

5.13 X 101 

55 0 

1 740 

4,32 

4.79 X 10-‘ 

51 0 

1.708 

4.35 

X 

o 

49 0 

1 690 

4.45 

3.55 X 10-» 

40 0 

1 602 

4.49 

3.24 X lO-® 

34 5 

1 538 

4.63 

2.34 X 10-^ 

29.5 

1 470 

4.82 

1 51 X 10-^ 

21 0 

1.322 

4 90 

1 26 X 10-^ 

16 5 

1 217 

5.03 

0 933 X 10 

14 0 

1 146 

5.06 

0.871 X 10-® 

10.9 

1 037 

5.44 

0.363 X 10 

5 5 

0.740 


as nearly as possible the same amount of acid with a fixed amount of sili¬ 
cate solutions. Checks, of course, could not be made. The excess of 
hydrochloric acid could not be measured, being less than 0.001. The 
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data are given in table 4 and plotted on figure 2. The linear relation be¬ 
tween the time of set and the hydrogen-ion concentration is evident. In 
fairness, it should be pointed out here that the variation in hydrogen-ion 
concentration is only about twentyfold, from pH = 4.21 to 5.44. A 
study over a wider range is contemplated in the future. 

The range with acetic acid mixtures from pH = 4.14 to pH = 6.00 repre¬ 
sented the limits for the experiment. Higher hydrogen-ion concentrations 
could not be reached because of curdling of the mixture. Lower hydrogen- 
ion concentrations could not be reached because the mixture set too rapidly 
to allow accurate measurements to be made. 

To investigate further the effect of the hydrogen-ion concentration upon 
time of set, the following series of experiments was devised. A series of 




Fig. 2. Relation Between Time of Set and Hydrogen-ion Concentration 

mixtures was made in which the amount of sodium silicate brand) 
was fixed. The amount of acetic acid was varied, but with it was added 
sufficient sodium acetate so that the pH of the final mixture remained fixed. 
The proper quantities were determined by preliminary experiments. The 
proper quantities of solutions were thermostated at 23.5°C. and mixed 
as before. The time of set was determined with half of the mixture and 
the pH with the other half, each at 25®C. The solutions used were sodium 
silicate 1.23 normal, acetic acid 2.007 normal, and sodium acetate 2.225 
molar. In all, six different series of runs were made, each at a fixed pH. 
The data are tabulated in table 5 and in figure 3 the time of set for each 
sample is plotted against the concentration of excess acetic acid. 

The curves of figure 3 show that while in Series I with pH — 4.22, the 
time of set remains practically constant as the excess acetic acid and sodium 
acetate are increased, the effect of these substances is greater and greater 




TABLE 5 


Time of set of six scries of mixtures each with a constant pH 


CONCENTRATION 


CONCENTRATION 

CONCENTRATION 


OF EXCESS 

TOTAL Nu 

OP TOTAL 

OF EXCESS 

TIME OK SET 

CHaCOONa 


CHsCOOlI 

CHjCoon 



Series 1. pH =4.22; = 6.03 X IQ-® 


0 000 

0 047 

0 074 

0.100 

0 122 

0 385 

0 432 

0 459 

0 485 

0 507 

1 253 

1 319 

1.380 

1 442 

1 506 

0 868 

0.934 

0 995 

1 057 

1 121 

minutes 

296 

295 

296 

296 5 

297. 


Series 11. pH = 4.48; H”' = 

3.31 X 10-^ 


0 000 

0 385 

0 880 

0 495 

189 

0 061 

0 446 

0 943 

0 558 

190. 

0 097 

0 482 

1 007 

0 Q 32 

190. 

0 136 

0 521 

1 068 

0 683 

193 

0 175 

0 560 

1 131 

0 746 

199 5 


Series 111. pH = 4.79; H"^ = 

= 1.62 X 10-^ 


0 000 

0 385 

0 628 

0 243 

101 

0 101 

0 486 

0 691 

0 306 

103. 

0 213 

0 598 

0 7.54 

0 369 

106 

0 309 

0 694 

0 816 

0.431 

109 5 

0 394 

0 779 

0 879 

0 494 

116. 


Series IV. pH = 4.92; H"^ = 

: 1.20 X 10“^ 


0 000 

0.385 

0 565 

0 180 

78. 

0 153 

0 538 

0 628 

0 243 

82. 

0 288 

0 673 

0 691 

0 306 

87. 

0 404 

0.789 

0 754 

0 369 

91 

0 515 

0 900 i 

0 816 

0 431 

97 


Series V. pH = 5.09; H'" = 

8.13 X 10-^ 


0 000 

0 385 

0 502 

0 117 

53. 

0.188 

0 573 

0 565 

0.180 

58. 

0.369 

0 754 

0 628 

0 243 

64 

0.543 

0 928 

0 691 

0 3or> 

71 

0 713 

1 098 

0.7.54 

0 369 

77.5 


Series VI. pH = 5.44; H'' = 

= 3.63 X 10-« 


0 000 

0.385 

0.439 

0 054 

24 5 

0.390 

0.775 

0 502 

0.117 

31 2 

0 700 


0 565 

0.180 

39 2 

1.030 

1.415 

0.628 

0 243 

45 0 


All concentrations are in gram-moles per liter. Constant are NaOH, 0.385, and 
SiOj, 0.645. 
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the higher the pH. It should also be noticed that in series I the first 
sample, which contains no excess sodium acetate, already contains excess 
acetic acid, 0.868 gram-mole per liter. In series VI, on the other hand, the 
first sample, which contains no excess sodium acetate, contains only 0.054 
gram-mole per liter excess acetic acid. The shape of the family of curves 
is suggestive. 

The curves and data show clearly, however, that the time of set is in¬ 
creased by the presence of excess acetic acid and excess sodium acetate, 
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Fig. 3. Time of Set of Mixtures with Constant pH as a Function of Excess 

Acetic Acid 

and is not alone a function of the hydrogen-ion concentration. We have 
not been able to distinguish between the effect of the sodium acetate and 
that of the acetic acid. 

To test further the effects of sodium salts in considerable amounts upon 
the time of set, three series of determinations of the time of set and pH of 
the mixture were made, using increasing amounts of three different salts, 
sodium chloride, sulfate, and nitrate. The concentrations of sodium sili¬ 
cate and acetic acid were kept constant. The effects of electrolytes have 
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been studied by other investigators, especially Prasad and Hattiangadi 
(9). Too little attention has been paid to the simultaneous effect of varia¬ 
tion of the pH, however, as was pointed out by Hurd and Carver (3). 

The results of these three runs are given in table 6 and are plotted in 
figure 4. It is apparent that increasing amounts of sodium chloride show 
no effect upon the pH. The effect upon the time of set is marked, namely, 

TABLE 6 


The effect of certain sodium salts upon the time of set of silicic acid gels and upon the pH 

of the mixtures 


BALT 

CONCENTRATION 

pH 

TIME OF BBT 




minuUt 


0 000 

5 09 

52.5 


0 063 

5.09 

48.0 

* 

0 188 

5 09 

40.0 

NaCl. 

0 312 

5.09 

36.5 

0.468 

5.09 

31.3 


0 625 

5.09 

28.0 


0 845 

5 09 

25.6 


0 938 

5 09 

23.9 


0 000 

5 09 

53.0 


0 062 

5 09 

51 0 


0 124 

5 09 

48 5 

NaiSOi. 

0 188 

0 250 

5 08 

5 08 

48.0 

47.5 


0 376 

5 04 

45 3 


0 500 

5 03 

44 5 


0 625 

5 03 

43.7 


0 000 

5 09 

52.5 


0 062 

5 09 

46.7 


0.124 

5 08 

43 0 

NaNO,. 

0 188 

0.250 

5 08 

5 08 

40 8 

38 8 


0.376 

5 07 

34.0 


0.500 

5 07 

31 6 . 


0.625 

5 06 

29 5 


a decrease of over 50 per cent in time of set in a mixture containing approxi¬ 
mately 1 gram-mole per liter. The sodium sulfate caused an appreciable 
decrease in pH, while the sodium nitrate caused a smaller decrease. Each 
of the pH changes should cause an increase in the time of set, estimated at 
about nine minutes in the case of the highest concentration of sodium sul¬ 
fate. The effect of each of these three salts is to cause a marked decrease 
in the time of set. The sodium ion, therefore, in company with its anion, 
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shows no net peptizing effect, such as might be expected from the inter¬ 
pretations of Kroger. 

The assumption may be made, therefore, in the interpretation of the 
data of table 5 that the sodium acetate, in addition to its function of keep¬ 
ing the pH constant in the presence of increasing amounts of acetic acid, 
would contribute materially toward decreasing the time of set. The net 
increase might, therefore, be due to the increasing amounts of acetic acid. 



Fig. 4. Effect of Certain Sodium Salts on Time of Set 


DISCUSSION OF RESULTS 

In this paper an attempt has been made to study so far as possible the 
effect, on the time of set, of the hydrogen-ion concentratibn, the concen¬ 
tration of excess acid, and of certain salts. The precautions taken to iso¬ 
late these variables so far as possible have been explained. The descrip¬ 
tion of details has been necessarily limited. The concentration of silica 
and the temperature have been kept constant throughout. 

In the case of gels made from sodium silicate and acetic acid, the time of 
set appears to be a nearly linear function of the concentration of hydrogen 
ion from pH = 4.14 to 6.00. The presence of considerable excess acetic 
acid confuses the interpretation, however. In the case of gels made with 
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hydrochloric acid, the excess acid required to produce the same change in 
hydrogen-ion concentration is so small that it may be neglected. Here 
the time of set appears as a linear function of the hydrogen-ion concentra¬ 
tion, as shown by figure 2. 

We may admit the assumptions first proposed by Hurd and Letteron, 
namely, (1) that in dealing with the mechanism involved in the setting of 
a silicic acid gel we are dealing with a process which follows the laws of an 
ordinary chemical reaction, so far as its velocity is concerned, and (2) 
that for a given silica content, the time of set measures the time when a 
certain fixed proportion of the silica, in whatever form, in solution has 
reacted. 

Then it may be shown easily that the specific reaction rate, fc, is inversely 
proportional to the time of set, It is not necessary that we know the 
order of the reaction, n. From the curve of figure 2 for the hydrochloric 
acid gel, the time of set appears to be not only a linear function of the hy¬ 
drogen-ion concentration, but to be actually proportional to the hydrogen- 
ion concentration. 

Since the specific reaction rate, fc, is inversely proportional to the time of 
set, Vj and since the hydroxyl-ion concentration is inversely proportional 
to the hydrogen-ion concentration, it would appear that the specific re¬ 
action rate, A;, is proportional to the hydroxyl-ion concentration. This 
may suggest the idea that in silicic acid gel mixtures in this pH range, the 
hydroxyl ion plays the part of a catalyst. 

From other work it appears, however, that in mixtures containing silicic 
acid of pH greater than 8, the hydroxyl ion peptizes the silica. 

SUMMARY 

Several series of experiments are described in which an attempt has been 
made to determine the effect on the time of set of silicic acid gels of the 
hydrogen-ion concentration and the concentrations of excess acid and of 
certain salts. 

With gels from sodium silicate and hydrochloric acid from pH == 4.2 
to 5.5, the time of set appears to be a linear function of the hydrogen-ion 
concentration. 

With gels from sodium silicate and acetic acid from pH = 4.14 to 6.0, 
a nearly linear relation is evident between time of set and concentration 
of hydrogen ions. 

With gel mixtures of constant pH, the time of set is increased by in¬ 
creasing amounts of acetic acid and sodium acetate. 

Three salts, sodium chloride, sodium sulfate, and sodium nitrate were 
found to decrease the time of set considerably without causing any con¬ 
siderable change in the pH. 
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Bonnsdorff (1) stated that sodium and potassium were not oxidized by 
dry oxygen, and later Holt and Sims (4) published a paper on the oxida¬ 
tion of the alkali metals in which they announced: ‘Totassium and sodium 
(and probably lithium) are not attacked by dry oxygen and may be dis¬ 
tilled in it without undergoing oxidation.” 

The truth of this statement has apparently never been questioned. 
Work done in this laboratory, however, has indicated that the statement is 
only partially correct. In the absence of moisture, sodium is coated with 
a film of oxide which protects it from further oxidation. In the presence of 
moisture, the film is unstable and, because of this fact, sodium is slowly but 
completely oxidized in ordinary air. The experiments upon which this 
belief is based will be described in detail, and it will be shown that the 
earlier workers either overlooked this surface film or else observed it, but 
failed to realize its significance. 

THE EXPERIMENTS 

All of the observations reported here were made upon liquid sodium- 
mercury amalgams. The mercury was purified by washing carefully with 
acid mercuric nitrate solution and then distilling under reduced pressure in 
a current of air. The amalgams were prepared by electrolysis of specially 
purified sodium chloride solutions. A platinum anode was used. 

It was first observed that such amalgams could be preserv^ed in vacuo 
indefinitely, but when they were stored under dry hydrogen, obtained from 
a cylinder in the laboratory, tliey behaved in an abnormal manner. If the 
flask holding such an amalgam was rocked, the amalgam would wet the 
walls and would not drain back completely. A thin mirror-like film was 
left adhering to the glass. The experiments reported in this paper were 
performed in order to explain the formation of these mirror films. 

Experiment 1 

A bulb was blown on the end of a glass tube and then partially filled 
with sodium amalgam (0.5 per cent). The bulb was then connected to a 
Cenco H3rvac pump and evacuated. After several minutes, the bulb and 
the tube were heated until the mercury was boiling freely. The tube was 
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then sealed off, leaving the amalgam in an evacuated bulb with a tube 
several inches long. A similar bulb was prepared containing pure mer¬ 
cury. The bulb containing the amalgam was corroded on the inside by 
the sodium oxide fused into the glass, but when the amalgam and the pure 
mercury were run into the clean tubes attached to their respective bulbs, 
it was not possible to distinguish between the two. Such tubes containing 
amalgam and mercury have been kept for three years without any visible 
changes. 


Experiment 2 

When one of the bulbs containing amalgam was sealed off and cooled, 
a minute crack appeared in the glass. This bulb was watched to deter¬ 
mine the effect of the slow admission of air. Before the appearance of the 
crack, the amalgam could not be distinguished from mercury of the high¬ 
est purity. Afterwards the amalgam became coated with a thin film 
which was made visible only by the wrinkles which appeared when the 
surface was agitated. At the same time, the amalgam acquired the 
property of wetting the glass to form mirrors. At first the surfaces ex¬ 
hibited a brilliant metallic luster, but this slowly became tarnished and 
dull. 


Experiment 3 

A bulb containing amalgam was evacuated and heated as described 
previously, but before sealing it off, a small amount of air was admitted. 
In this bulb, the surface films appeared at once. There was no tarnish¬ 
ing; the surfaces remained bright. 

Experiment 4 

Previously experiment's had shown that some material present in the 
air caused the formation of the mirror films, and that an excess of air caused 
the films to tarnish. It was suspected that moisture was responsible for 
these effects. In order to eliminate the effect of moisture, the apparatus 
shown in figure 1 was constructed. Bulb C was partially filled with phos¬ 
phorus pentoxide. Its capacity was approximately 35 cc. Amalgam was 
placed in bulb A and the apparatus was then sealed at D. The entire 
system was then evacuated through E and F. About 1 cc. of mercury was 
distilled over into B, and then all of the apparatus to the left of stopcock E 
was heated as uniformly as possible. Mercury distilled over into C sweep¬ 
ing out the last traces of air from the amalgam bulbs. The stopcocks 
were then closed and the apparatus was allowed to cool. The bulb C was 
then allowed to fill with air by opening F momentarily. The apparatus 
was then shaken to coat the walls of the drying chamber with the pentoxide 
and thereby hasten the drying process. 
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After 44 hours, the amalgam was transferred to bulb B, At that time,, 
the amalgam resembled pure mercury. The dried air was then admitted 
to the amalgam chamber. No change could be observed until the bulbs 
were tilted. Then the amalgam was found to be coaled with a rigid sur¬ 
face film, and a mirror film was left on the glass. It should be noted in 
particular that neither of these phenomena could have been detected if 
solid sodium had been exposed to dry air. The brilliance of the surface 
was not impaired. 


Experiment 5 

Experiment 4 was repeated using hydrogen from a cylinder instead of 
air. The gas was admitted to the amalgam after drying for 4 days. A 
film was fonned over the surface as in the previous experiments. However, 
it did not, appear instantly. Several seconds were required for its formation. 



Experiment 6 

The hydrogen used in the previous experiment had been obtained from 
an experimental plant and was suspected of containing traces of oxygen, 
though this has never been proved directly. Experiment 5 was repeated in 
duplicate using hydrogen which had been passed through freshly prepared 
alkaline pyrogallol solution. After interv^als of 6 and 4 days, the gas was 
admitted to the amalgam chamber. No change could be detected. The 
purified hydrogen was without effect. 

Experiment 7 

Experiments 5 and 6 had showm that there w as a small amount of the 
substance responsible for film formation in the hydrogen used, and that 
this could be removed by alkaline pyrogallol. In this experiment, carbon 
dioxide dried for 14 days was found to have no action upon the sodium 
amalgams. 
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Experiment 8 

Nitrogen dried for 14 days over phosphorus pentoxide had no action 
upon a sample of sodium amalgam. 

Experiment 9 

Oxygen was dried for 14 days over phosphorus pentoxide, using the 
apparatus shown in figure 1. Before admitting the gas to the bulbs con¬ 
taining the amalgam, a globule of amalgam was transferred to the tube 
leading to the stopcock. When the oxygen was admitted, this globule 
was shot down the tube by the inrushing gas, leaving the tube coated with a 
mirror-like film, proving that the formation of the film was practically 
instantaneous. No change could be observed in the appearance of 
the amalgam in the bulbs until the apparatus was tilted. The surface 
crumpled like tinfoil. 



Fig. 2. Apparatus Used to Determine the Effect of Pure Water Vapor upon a 

Sodium Amalgam 

, Experiment 10 

The apparatus shown in figure 2 was constructed in order to determine 
the effect of pure water vapor upon a sodium amalgam. An alkaline solu¬ 
tion of stannous chloride was placed in bulb D and a few pieces of tin were 
added. It was believed that this would fix any oxygen which might remain 
in that bulb, and that no volatile substance except water would be intro¬ 
duced into the system. This bulb was then heated until the solution boiled 
vigorously, and then the inlet was sealed off. Bulb E was partly filled 
with solid sodium amalgam to remove oxygen, and liquid sodium amalgam 
was placed in bulb A. This compartment was boiled out as usual before 
closing stopcocks 1 and 2. A small amount of moisture was then admitted 
to the solid amalgam by opening stopcock 3. This was done to insure 
the absorption of oxygen from the bulbs. 

After 11 days, the liquid amalgam was transferred to the clean bulb B, 
and stopcock 1 was opened. No change could be observed. Stopcock 4 


REACTION OP SODIUM WITH DRY OXyOEN 


679 


was then closed and stopcock 3 was opened momentarily. Small lenses of 
water appeared almost instantly upon the surface of the amalgam, and a 
gas (hydrogen?) was liberated slowly until the water disappeared entirely, 
leaving small white flakes floating upon the surface. When more water 
vapor was admitted, the same cycle was repeated. The characteristic 
mirror formation was never in evidence, nor could any film be detected 
upon the surface. 


Experiment 11 

The apparatus shown in figure 1 was modified by providing it with two 
sets of amalgam bulbs, and by enlarging the drying chamber to 250-cc. 
capacity. Oxygen was dried in this for 49 days. The gas chamber was 
then connected momentarily to each of the amalgam chambers in turn. 
In both cases the amalgams remained bright, but the presence of a rigid 
fihn was disclosed when the apparatus was shaken. The oxygen reservoir 
was then connected permanently with the first amalgam chamber. After 
four months, there was no visible difference in the appearance of the two 
amalgams in contact with different amounts of oxygen. 

Experiment 12 

It is known that metallic sodium in air phosphoresces with a greenish 
light. Linneman (5) attributed this to oxidation; Reboul (7) attributed 
it to the reaction of sodium oxide with water vapor. More recently, 
Woodrow and Bowie (9) and Bowie (2) have concluded that the reaction 
is between metal and water vapor, and not a direct oxidation. 

It was believed that if the film formation was due to a surface oxidation, 
and that if this oxidation gave rise to luminescence, it might be possible to 
detect a flash of light w^hen the oxygen was first admitted. For this ex¬ 
periment, oxygen was dried for 10 days in the apparatus shown in figlire 1. 
The oxygen w^as then admitted to the amalgam in a completely darkened 
room. There were two observers. One saw nothing, the other observed 
a faint flash of light in the tube leading from the stopcock to the amalgam. 
A small globule of amalgam had previously been transferred to this tube. 

This experiment was repeated, drying the oxygen for 51 days. Two ob¬ 
servers noticed the flash, a third did not. 

This experiment was again repeated, drying the oxygen for 13 months. 
When the oxygen was admitted, one observer uttered an exclamation of 
surprise when he saw the light. He had no way of knowing the instant 
at which the oxygen was to be admitted. 

In these experiments, no light was ever observed upon the surface of the 
amalgam in bulk. It was only seen in the tube where a small amount of 
amalgam was probably suspended in the rush of oxygen, and where the oxi¬ 
dation continued longer than it did on a stationary surface. It might be 
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added that it is not possible to estimate the actual intensity of the light 
because the duration of the flash is exceedingly short, and because the 
greater part of the walls of the tube was instantly covered with an opaque 
mirror film. 


Experiment IS 

Previous experiments had indicated that sodium amalgams react to a 
limited extent with dry oxygen, but no indication had been obtained as to 
the actual amount of oxygen involved. In order to learn more regarding 
the quantities involved, the apparatus shown in figure 3 was constructed. 
After placing phosphorus pentoxide in bulb B, the system was evacuated. 
It was then filled with oxygen, a stream of oxygen being forced out through 



Fig. 3. Apparatus Used to Determine the Amount of Oxygen Involved 

the manometer for about five minutes. After closing stopcock 2, the oxy¬ 
gen was allowed to dry for 167 days. The graduated tube T was then filled 
with amalgam. A small amount of gas was formed and this was removed 
by evacuating for 2 hours. Four hours later, 1.0 cc. of the amalgam was 
allowed to flow into the oxygen chamber (capacity 200 cc. zt). The 
amalgam was instantly covered by a rigid film. The absorption of oxygen 
caused less than 1 mm. change in pressure. After 24 hours, no change 
could be detected. An additional 2.0 cc. of amalgam was then added. 
After 2 days, the loss of oxygen was still too small to detect (less than 1 mm. 
of mercury). The apparatus was then rocked gently for 2 hours to break 
up the film and expose fresh surfaces to the oxygen. During that time the 
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pressure fell 25.0 mm., and the surface of the amalgam became coated with 
a heavy scum. 

DISCUSSION 

As a result of the experiments which have been described, it is believed 
that sodium is attacked by dry oxygen, and that an impervious film is 
fonned which prevents further oxidation. 

From the nature of the problem, it is always possible to argue that the 
gases used were not dry enough for the results to be conclusive. It is 
necessary, therefore, to review the original evidence for the non-reaction of 
dry oxygen and sodium. Bonnsdorff (1) states: ^^In ciner vollkommen 
trocknen und von Kohlensaure freien Atmosphare oxydiert sich kein 
Metall. Auch Kalium und Natrium bleiben in dcrselben ohne Oxyda- 
tion.” However, he admits that there is a slight oxidation for he goes on 
to say, ^^I)as Kalium lauft zwar gewohnlich in kurzer Zeit unbedeutend 
an, aller Wahrscheinlichkeit nach eine Folge davon, dass die Versuch nicht 
mit solcher Genauigkeit gemacht werden kann, dass die Wirkung des 
Wassers vollig ausschlossen bleibe, aber das Metall erhalt sich als dann un- 
vertodert.^' In his experiments, the air used was dried over sulfuric acid, 
and it doubtless contained much more moisture than the oxygen used in 
our experiments. On a later page he stages that the bright metal exposed 
to dry air ^^sich unverandert mit metallischen Glanz crhielten.^^ Our 
experiments proved that the presence of metallic luster was not a safe 
indication of the absence of a surface film. 

The paper of Holt and Sims (4) is frequently quoted on the subject of the 
oxidation of sodium by dry oxygen. In their conclusion they state, 
“Potassium and sodium (and probably lithium) are not attacked by dry 
oxygen and may be distilled in it without undergoing oxidation,” How¬ 
ever, a study of their paper reveals that they did not actually distill these 
metals. They merely fused them in an atmosphere of ox^’^gen, and heated 
until fumes appeared. This is analogous to the experiments of Deville 
(8), who reported that aluminum was absolutely resistant to oxygen even 
when fused. 

Furthermore, Holt and Sims make the enlightening statement: “In 
a few experiments made by passing a stream of dried oxygen direct into 
molten sodium at a temperature of 235®C., no oxidation took place except 
at the surface, . . . .” 

In both of these papers it is admitted that some surface oxidation took 
place. In both cases the authors chose to ignore this as “unbedeutend,” 
and assumed that since the reaction did not go to completion, it would not 
have occurred at all if water vapor had been entirely eliminated. Accord¬ 
ing to their own writings, they did not actually reach this ideal condition. 
Hence it still remains to be proved that oxygen can be made so dry that it 
will not react with sodium. 
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It is not possible to prove that the oxygen used in these experiments was 
dry, but the evidence should be considered. All gases were dried over 
phosphorus pentoxide, which leaves no measurable amount of water vapor 
in the gas (6), and the drying periods were greatly prolonged. Other in¬ 
vestigators have used calcium chloride or sulfuric acid, which are of doubt¬ 
ful value. In fact, Russel (8) has reported that the amount of water left 
in a gas by sulfuric acid is the optimum concentration for the rapid oxida¬ 
tion of phosphorus. 

There is the possibility that all of the water was not removed from the 
glass surfaces by this treatment. Even if that were the case, the partial 
pressure exerted by the adsorbed water must have been infinitely small and 
can scarcely account for the extreme speed of the initial reaction,—an 
action which ceased immediately, but which began again the instant that 
a fresh surface was exposed. 

Regarding the reaction responsible for the chemiluminescence of sodium, 
it is evident that no light could be detected by the eye unless the reaction 
continued for an appreciable inteival of time. Therefore the evidence in 
the literature favoring the reaction with water is not valid, since it does not 
ehminate the possibility that water is not directly responsible for the lu¬ 
minescence, but merely makes it possible for the oxidation to proceed 
slowly by preventing the formation of protective films. 

CONCLUSIONS 

1. It remains to be proved that oxygen can be made so dry that it will 
not react with sodium. 

2. When sodium amalgams were exposed to oxygen dried over phos¬ 
phorous pentoxide for more than a year, the amalgams were instantly 
covered with a protecting film which prevented further action. 

3. Sodium will react with dry oxygen at room temperature with the 
emission of light, but the reaction ceases instantly unless water vapor is 
present to prevent the formation of protective films. 
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When the catal 3 rtic or sensitizing effect of inert gases on gaseous reac¬ 
tions produced by alpha particles from radon was first discovered by Lind 
and Bardwell (6), they pointed out certain puzzling facts. It appeared 
strange that a radiochemically inert gas such as carbon dioxide should 
apparently not catalyze reactions in which it is formed. Furthermore, a 
peculiar ^^depletion^^ effect was observed; quite generally, after the par¬ 
tial pressure of reactants decreased beyond the point at which half of the 
total ionization fell upon the catalyst, the accelerating influence of the 
latter diminished rapidly. 

It is now known that carbon dioxide actually does speed up the carbon 
monoxide oxidation (8), its effect being small compared to that of krypton, 
helium, and nitrogen. In the original study of radiochemical sensitiza¬ 
tion, it appeared that ions formed in the sensitizing gas were completely 
transferred to reactants. In the carbon monoxide oxidation it was found 
that the dioxide is extremely inefficient as a sensitizing agent, only 14.5 per 
cent of its ionization being effective in promoting reaction. Because its 
effect was so small, carbon dioxide was at first thought to be without any 
influence in the radiochemical carbon monoxide oxidation. Further work 
(10) has disclosed that the dioxide is characteristically inefficient as a 
catalyst in all reactions where its influence has been studied. In the com¬ 
bination of hydrogen and oxygen, again about 15 per cent of the ionization 
falling on the carbon dioxide is transferred to reactants, while in the acety¬ 
lene polymerization as much as 30 per cent seems to be utilized. 

It is of interest to note that from the very start of both last mentioned 
reactions, more than half of the total ionization falls upon the catalyst. 
Accordingly we are dealing with cases which are in the range of most 
marked ‘'depletion/^ Actually if one assumes (6) that all the carbon 
dioxide ionization is utilized, then the resulting velocity constants, and of 
course ratios (molecules reacting per ion pair formed), are far below 

those of the normal (unsensitized) reactions, and continue to decrease fur¬ 
ther as the reactions approach completion. Referring on the other hand 
to the recalculated velocity constants and — Af/N values based on the 
fractional efficiency of carbon dioxide, one obtains values comparable with 
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those of the normal reactions, and which remaiii fairly constant throughout 
the catalyzed reaction. This is equivalent to a disappearance of the de¬ 
pletion effect. It thus appears possible to eliminate this puzzling feature 
of ionic catalysis by correcting for the proper efficiency of the ionic catalyst. 

To test this possibility more fully, the existing data for reactions in which 
argon has been used as the inert gas have been considered more carefully 
from the point of view of fractional catalytic efficiency. For purposes of 
comparison with carbon dioxide, it is a happy coincidence that the three 
reactions in which the effect of the dioxide has been investigated have 
likewise been chosen by Lind and Bardwell (6) for a study of the argon 
effect. 

Experimental determination of the fractional efficiency of an ionic 
catalyst has been fully described elsewhere (8, 10). It requires the graphi¬ 
cal comparison of velocities of parallel reactions in spheres of the same size, 
containing equal quantities of radon and reactants, except that in one is 
found a known quantity of inert gas. Unfortunately the normal and argon 
catalyzed reactions were not studied undei sufficiently similar conditions 
to permit a strict application of the method. The result is a decided down¬ 
ward trend in the calculated efficiency as the catalyzed reaction proceeds. 
However it was useful as an approximation, and in all reactions an interme¬ 
diate value yielded a satisfactory fractional efficiency. Details of this 
preliminary work will of course be omitted. It is advisable, though, to 
summarize briefly the notation to be employed. Fuller descriptions are 
to be found in the papers already cited. 

In general the velocity constant of a normal radiochemical reaction is 
given by 

/^Y _ 2.303 A log P roHCtfint 


where is the initial quantity of radon in curies, and Proactant is the par¬ 
tial pressure of reactant. For a catalyzed reaction where no correction is 

( ku 
X 

If the catal 3 d;ic effect is considered, the corrected constant becomes 




2.303 A log [P„.eu„t + X 

rPHft tH n t 


where Pctoiyst is termed the ionic equivalent of the catalyst. 

L ^reactant J 

Here, X is the fractional efficiency,^ Pcataiyat is the partial pressure of the 


^ The term **efficiency” as used in this paper should not be confused with the term 
^*per cent efficiency^' as used by Lind and Bardwell (6). These authors define 
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inert gas, and Catalyst and Zr«actant represent the molecular specific ionization 
(4) of the catalyst and reactant, respectively. The following values of 
specific ionization were used in this paper: 

fco = 1.00; icOi = 1.52; iut = 0.24; iot = 1.10; ic2H2 = 140; i\ = 1.245. 
Consequently for mixtures of reacting gases we have: 

^( 2004 * 10 *) == 1.03; i(2H24-108) ~ 0.53 
TABLE 1 


The effect of argon on the water synthesis 
2U,(fr) -f 102 (g) + A(g) = 2 H 20 ( 1 ) -h A(g) 

D =* 1.939 cm.; Eo = 0.0463 curie of radon; Pa = 559.5 mm. 



^\2H2 + 102) 

\ X /corr 

— M/N RATIO 

I (assuming 100 
per cent effi¬ 
ciency) 

II (assuming 40 
Iier cent effi¬ 
ciency) 

I* {assuming 100 
per rent effi¬ 
ciency) 

II (assuming 40 
I>er cent effi¬ 
ciency) 


rnm. fig 





1 000 

557 5 





0 9705 

517.5 

15 3 

27.2 

3 60 

5 82 

0 9174 

452 5 

14 3 

26 1 

3.21 

5 59 

0 8447 

374 0 

13 3 

24 8 

3 12 

5 29 

0 8030 

332 8 

12 3 

24 0 

2 89 

5.10 

0 7663 

297 4 

12.6 

24 7 

2.95 

5.25 

0.7069 

243.7 

11 9 

24.4 

2 80 

5 17 

0 6400 

185 9 

11 8 

25 1 

2 78 

5 31 

0.5905 

147.0 

11 2 

24 4 

2.64 

5 15 

0 4786 

66 6 

10.5 

24 4 

2 48 

5 13 

0 4158 

34 9 

7 8 

18 8 

1 82 

3 93 

0 3271 

1 2 

6.1 

15.0 

1 42 

3 11 

Average. . 

5 30t 


* These —M/N ratios are calculated with the use of older values of average inten¬ 
sity of ionization (5). Recalculation on the basis of F as given by Glockler and 
Heisig (1) would yield —M/N ratios lower by approximately 7 per cent, 
t Pressure drop average of values down to the broken line. 


The —Af/iVratio (i.e., molecules reacting pei ion pairformed in and contrib¬ 
uted by catalyst to reactant) is calculated from the expression:— 


-M/N 



F’H /^‘iicactant 


1.668 X W 


“percentage of catalytic efficiency^ in a sensitized reaction as the ratio of the veloc¬ 
ity constant obtained for a given interval (assuming complete utilization of ions 
formed in the catalyst, i.e., column I in tables 1 , 2 , and 3) over the normal velocity 
constant. The present author defines efficiency simply as the fraction (or per cent) 
of the ionization produced in the inert gas which appears to be effective in producing 
reaction. 
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where V and D are volume and diameter of the reaction sphere, H is the 
recoil atom correction (8), and F is the average intensity of ionization (1). 

Tables 1, 2, and 3 show the influence of argon on the water synthesis, 
the carbon monoxide oxidation, and on the acetylene polymerization. 
Detailed accoimts of the normal reactions as well as of the argon catalyzed 
water synthesis have already appeared in the literature. Only summaries 
of the argon catalysis of the two other reactions have been published (6). 
Fortunately, with Professor S. C. Lind’s kind permission, the writer had 
access to the original experimental data collected by Lind and Bardwell, 
which are here presented. 

From table 1 it is clear that less than 100 per cent efficiency is character- 

TABLE 2 


The effect of argon on the carbon monoxide oxidation 
2CO(g) -f 102 (g) + A(g) » 2C02(g) + A(g) 

D = 1.930 cm.; Eq * 0.0418 curie of radon; Pa ■* 563.4 mm. 




V X / corr. 

—M/N RATIO 


^ (2CO + lOi) 

1 (assuming 100 
per cent eifi- 
oiency) 

11 (assuming 40 
per cent eft- 
ciency) 

I (assuming 100 
l)er centelK- 
ciency) 

n (assuming 40 
per cent em- 
ciency) 

1.0000 

0.9778 

mm Hg 

560.1 

522.0 

29.0 

43.1 

3.18 

4.67 

0 9254 

444.0 

26.2 

40 0 

2 88 

4.33 

0,8511 

360.0 

20.3 

33.4 

2 24 

3.62 

0.8076 

321.0 

17 5 

28.6 

1 94 

3.10 

0.7730 

288,0 

19.1 

32.1 

2.12 

3.49 

0 7109 

243.0 

15.1 

25.7 

1 67 

2 79 

0.6449 

195 0 

15.8 

27 8 

1 75 

3.02 

0.5983 

165.6 

14 2 

25.6 

1.58 

2 77 

0.4822 

104.4 

12.4 

23 2 

1.38 

2.50 

0.4190 

74.4 

11.6 

22.8 

1.29 

2.46 

0.2837 

21.6 

10.0 

20 5 

1 11 

2.21 


istic of argon. 



and M/N values based on this efficiency 


(columns I) plainly show the so-called depletion effect. On the other hand 
a 40 per cent efficiency (columns II) yields a satisfactory velocity constant, 
and —M/N ratio for the whole course of the reaction, this in spite of the 
fact that initially 71 per cent of the total ionization falls upon the catalyst. 
Furthermore the reaction proceeds uniformly to the point where as much 
as 96 per cent of the total ionization falls upon argon. Evidently the de¬ 
pletion effect has been eliminated; and the average —M/N ratio of 6.30 
for the catalyzed reaction is in harmony with the 5.13 value for the normal 
synthesis (3, 6). 
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Table 2 contains a summary of the carbon monoxide oxidation. The 
eflSciency of carbon dioxide is taken as 14.5 per cent. 

Here again the assumption of a 40 per cent efficiency raises the —M/N 
ratio. There still remains a decided downward trend which may be due 
to a still further diminishing efficiency of argon as reactants disappear 
and carbon dioxide appears. The appearance of the dioxide further com¬ 
plicates the system in that it contains two ionic catalysts, a type of system 
which is little understood. Nevertheless it is gratifying that the —M/N 

TABLE 3 

7'he effect of argon on the acetylene polymerization 
xC2H2(g) + A(g) « (C,H2 )x + A(g) 

D = 1.951 cm.; Eq ~ 0.00845 curie of radon; Pa =* 382 mm. 




(-)' 

\ X /corr. 

—M/N RATIO 


1 (assumins 
lOU per cent 
efficiency) 

II (assuming 
50 per cent 
efficiency) 

III (assuming 
60 per cent 
efficiency) 

I (asRuming 
100 per cent 
efficiency) 

II (assum¬ 
ing 50 per 
cent effi¬ 
ciency) 

III (assum¬ 
ing 60 per 
cent effi¬ 
ciency 


mm Hg 







1 0000 

762 6 







0 9851 

733.3 

212 2 

256 

247 

17 0 


19 5 


697 8 

216 1 

259 

250 

17 3 


19 9 

0 9489 

666 2 

206 0 

246 

236 

16 6 

19 7 

18 9 

0.9105 

600.9 

201.8 

250 

240 

16 3 

19 9 

19 1 

0 8384 

489 8 

203.3 

256 

244 

16 5 

20 6 

19 7 

0 8290 

477.4 

186 0 

238 

227 

15 2 

19 3 

18 4 

0 7945 

430.9 

177.4 

256 

242 

14 5 

20 8 

19 6 

0.6637 

281.7 

193 6 

256 

243 

15 9 

20 8 

19 6 

0.5850 

211 6 

178 2 

254 

234 

14 7 

20 6 

19 1 

0.5774 

206.1 

150.6 

226 

208 

12.4 

18.3 

17 0 

0.4886 

142 9 

163.4 

245 

223 


19 8 

18 1 

0 4089 

97.3 j 

146.0 

234 

210 

12 0 

18 8 

17 0 

0.2805 

45 0 

119.1 

201 

196 

9.8 

16 1 

14 2 

0.2278 

29.3 

94.2 

171 

146 

7 8 

13 5 

11 7 

0 1371 

12.3 

61.0 

116 

99 

5 0 

9 1 

7 9 

0.0128 

2.4 

26 5 

53 

45.1 

2 2 

4 1 

3 6 

Average , 






20.2 

18 8 







ratio is approximately that of the normal reaction (8), which yields a value 
between 3 and 4. 

A more decided example is the acetylene polymerization shown in table 
3. Here it appears that argon is somewhat more efficient, ^ a value of 50 
per cent or 60 per cent yielding a — Af/iV ratio very close to the normal 
value. The original experiments of Lind, Bardwell, and Perry (7) sug- 

* Compare with reference 10. Just as for argon, the efficiency of carbon dioxide 
in the acetylene polymerization is also greater than in the other two reactions. 
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gested an average —M/N ratio of 19.8. A reconsideration of ionization 
produced, based on the Mund calculation (9) as summarized by Glockler 
and Heisig (1), has led Heisig to give this figure as 18. Assiunption of 
50 per cent efiiciency (columns II) yields a constant —M/N value of 20.2, 
while 60 per cent eflSciency (columns III) gives 18.8. It is not the purpose 
of this discussion to determine exactly the characteristic efficiency of argon. 
Undoubtedly it varies somewhat with the reaction studied. The fact 
which does remain certain is that recalculation results in a vanishing of 
the depletion phenomenon. In this reaction 69 per cent of the initial 
ionization falls upon the reactant; and a satisfactory constant —M/N 
ratio is obtained to a point where 78 per cent of the ionization is being 
carried by the catalyst. 


SUMMARY 

1. Existing data on the radiochemical reactions in which argon is used 
as an ionic catalyst have been recalculated, assuming a fractional efficiency 
of the catalyst. It appears that approximately 40 per cent of the ioniza¬ 
tion produced in argon is utilized in promoting the hydrogen and carbon 
monoxide oxidations. In the acetylene polymerization it behaves as 
though it possessed an efficiency of 60 per cent. 

2. Satisfactory velocity constants and —M/N ratios are thus obtained 
in regions where by far most of the total ionization is being carried by the 
argon. 

3. It appears possible by making such a correction to eliminate the puz¬ 
zling depletion effect. 
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INTRODUCTION 

The activity coefficient of hydrochloric acid in the alkali and alkaline 
earth chlorides has been determined by a number of investigators (11). 
Work with trivalent chlorides has been reported by Harned and Mason 
(4) for aluminum chloride and by Randall and Breckenridge (9) for lan¬ 
thanum chloride. 

In this investigation the activity coefficient of hydrochloric acid has been 
determined in aqueous cerous chloride solutions. The cells 

Ha I HCl(wj), CeCb M | AgCl | Ag 

containing hydrochloric acid at 0.01 molal concentration and varying 
amounts of cerous chloride, and hydrochloric acid and cerous chloride 
mixtures at constant total ionic strength have been measured at 25®C. 

EXPERIMENTAL 

The measurements were obtained with the usual type of H cell without 
the employment of vacuum technique. At the concentration of acid em¬ 
ployed, any hydrolysis of the cerous chloride was sufficiently suppressed 
as to have no noticeable effect. 

The cerous chloride was prepared from spectroscopically pure cerium 
oxalate by the method of Honigschmidt and Holch (1, 7). The cerous 
chloride solutions were prepared by weight from a stock solution. This 
was analyzed gravimetrically for chloride as silver chloride and for cerium 
as Ce02. This latter determination was carried out according to the 
method of Moore and Bonardi (8), except that it was found necessary, as 
suggested by Hillebrand and Lundell (6), to heat the oxide at 1200®C. 
to obtain constant weight. The two methods checked to within 1 part in 
700 for the concentration of the solution. 

The hydrochloric acid used was obtained by distillation of a standard 
arsenic-free commercial acid, discarding the first and third portions. 

The silveiMsilver chloride electrodes used were those described by 
Harned (3) as type 2. 
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The hydrogen electrodes were prepared in the usual manner from plati¬ 
num foil. The cells measured were all corrected to one atmosphere par¬ 
tial pressure of hydrogen (2). 

All the measurements were made in a standard water thermostat at 25®C. 
dzO.Ol'^C. 


TABLE 1 

Electromotive forces of the cells H 2 1 HCl (mi), CeCls (m 2 ) | AgCl | Ag at BS°C. 


1. Constant acid; varying salt 


MOLALITY OP 

HCl(mi) 

MOLALITY OF 
CeCl 3 (iwj) 

IONIC STRENGTH 

M 

E 

ACTIVITY COEFFI¬ 
CIENT 

7 

0 010 

0.000 

0.010 

0 46467t 

0 904* 

0.010 

0.005 

0 04 

0 44509 

0 839 

0.010 

0.010 

0 07 

0 43500 

0 805 

0.010 

0 030 

0 190 

0 41646 

0 745 

0 010 

0 050 

0.31 

0 40535 

0 717 

0.010 

0.075 

0 46 

0 39678 

0 699 

0.010 

0 100 

0.61 

0 39039 

0 689 

0.010 

0.1650 

1 000 

0 37991 

0.662 

0.010 

0 250 

1 51 

0 36998 

0 655 

0.010 

0 3750 

2 26 

0 35898 

0 664 

0 010 

0 500 

3 01 

0.34908 

0 698 

0 010 

0 750 

4 51 

0 33389 

0 767 

0 010 

1 00 

6 01 

0 32095 

0 855 


2, Constant total ionic strength oil n 


MOLALITY or 

HCKmi) 

MOLALITY OF 
CeCl4(m*) 

E 

ACTIVITY COEFFI¬ 
CIENT 

7 

(observed) 

ACTIVITY COEFFI¬ 
CIENT 

7 

(calculated) t 

0.100 

0 1500 

0.31569 

0.700 

0 702 

0.300 

0 1167 

0 28113 

0.727 

0.727 

0.500 

0.0833 

0 26250 

0.755 

0 750 

0 700 

0.0500 

0.24904 

0.779 

0.776 

0 900 

0 0167 

0.23810 

0.804 

0 803 

1 000 

0 000 

0 23342 

0 814 

0.815 


* Randall and Young (10). 

t Agrees within limits of experimental error with Harned and Schupp (6) for 
similar cells. 
t Equation 3. 

RESULTS 


The electromotive forces of the cells 


Ag I AgCl I HCl(mi), CeCl,(m,) | Hj | HCl (0.01) | AgCl | Ag 

are related to the activity coefficients and concentrations involved by the 
equation 


E 


0.1183 log - +0.06916 log 

■Yr 


(wi + 3ms) (mi) 


( 1 ) 


( 0 . 01 )‘ 
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where 7 is the activity coefficient in the salt solution and 7 r that in the refer¬ 
ence solution of pure hydrochloric acid, m is the concentration in gram- 
moles per thousand grams of water. Using this equation the activity 
coefficients of hydrochloric acid have been calculated for the cells measured. 
7 r was taken to be 0 904 for 0.01 molal hydrochloric acid (10). 

Table 1 (section 1 ) gives results for the cells containing 0.01 molal acid 
and varying cerous chloride concentrations. Section 2 contains the 
measurements made at a constant total ionic strength of Ifi, 

From the data in table 1 (section 2 ) we may test the equation 

log 7 =“ log 70 4- a rni (2) 

which has been shown to be valid for solutions containing hydrochloric 
acid in uni-univalent chloride and aluminum chloride solutions at constant 
total ionic strength (4, 11). 7 is the activity coefficient of the acid, mi 
its molality, and 70 its activity coefficient in the acid-free salt solution. 

A plot of log 7 against mi at constant total ionic strength of 1 /z gave a 
straight line expressed by the equation 

log 7 = 1.8381 + 0.0740 m, (3) 

The last column of table 1 (section 2 ) gives the values of 7 calculated from 
this equation. These agree, except for one concentration, to within three 
parts in the third decimal place of activity coefficient. This corresponds 
to an error of approximately 0.20 millivolt in the electromotive force of 
the cells. 


SUMMARY 

1 . The activity coefficient of hydrochloric acid has been measured at 
25°C. in aqueous cerous chloride solutions by means of the cell 

H 2 1 HCl (mO, CeCb (yn,) | AgCl | Ag 

2. The results at constant total ionic strength of 1/x verify the law of 
the linear variation of log 7 and may be expressed by the equation 

log 7 « 1.8381 + 0.0740 mi (3) 
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It has long been known (7) that when two electrodes of platinum or any 
other noble metal are introduced into a solution of a fluorescent dye and 
one of them is illuminated, a difference of potential is set up between the 
two electrodes, the magnitude and sign of the p.d. depending among other 
things on the dye, the solvent, the concentration of the dye, and the na¬ 
ture and intensity of the incident light. 

Various theories have been advanced from time to time to explain the 
mechanism of this interesting phenomenon, but with apparently little 
success. From the similarity of the current-potential curves, obtained 
when an auxiliary potential is impressed on the electrodes, to analogous 
curves for photoelectric emission, Goldmann (4) w^as led to the conclusion 
that photovoltaic effects owed their origin to photoelectric phenomena. 
Subsequently van Dijck (11) obtained with a copper oxide cell evidence 
which is singularly at variance with such conceptions. The extensive 
work of Grumbach (5) has fairly well established the fact that the seat of 
E.M.F. is in the illuminated electrolyte and that the electrode is practically 
inactive. Russell (9) pictured the process as a photochemical activation 
of the dye molecules and the building up of the e.m.f. by the impact of 
the activated molecules with the electrode surface. He traced the time 
lag of the photopotential curves to the formation of the active molecules 
at some distance from the electrode, which would take a measurable time 
to diffuse to the electrode. Ghosh (3) developed this concept further, as¬ 
sumed a mutual deactivation of the molecules by collision, and by applying 
the Nemst equation for concentration cells derived an expression for the 
time rate of the rise of potential on illumination, which was verified with 
the experimental data of Rule (8) on fluorescein. He also showed that the 
maximum photopotential developed would be proportional to the square 
root of the intensity of the incident radiation, a prediction also proved by 
the data of Rule. 

The concept of a photochemical origin for the e.m.f. suggests at once a 
close relationship between photochemical absorption and photovoltaic 
potential. The complete lack of data of this type has excluded a crucial 
examination of the hypothesis of Ghosh. The following work was started 
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to provide some of the required data. A point of further interest was the 
question of a possible parallelism between photovoltaic effects and the 
phenomenon of optical sensitization, so extensively employed in chromatic 
photography. Accordingly, erythrosin, a fluorescent dye very much used 
in the preparation of orthochromatic plates and a non-fluorescent dye, 
chrysoidine, were selected for investigation. 

EXPERIMENTAL 

The dyes employed were of the highest purity obtainable and were fur¬ 
ther purified by recrystallization from alcohol. A concentrated solution 
of the dye was first prepared by dissolving in water a weighed amount of 
the dye and making up the solution to a definite volume; a check on the 
concentration was obtained by weighing the residue on evaporating a 
measured volume of the solution to dryness over a water bath. The 
solution was preserved in the dark in stoppered bottles of resistance glass 
previously steamed. Under such conditions the stock solution showed no 
signs of deterioration and a solution of erythrosin aged in this way for 
four months gave results differing from a freshly made solution of the same 
concentration by less than 2 per cent. Solutions of desired strength were 
made by diluting the stock solution in the right proportion. 

The dye solution was contained in a glass cell with plane parallel walls 
and about 4 cm. wide. A coating of non-reflecting black on the outer 
faces with a small rectangular patch 1.5 by 1.0 cm. on one face to admit 
the light served to shut off effectively stray light from the cell. The cell 
was mounted on a thick paraffin block. 

The electrodes were rectangular pieces of platinum foil of the same size as 
the opening in the glass cell joined by a short length of platinum wire to 
sealed mercury cups. One face of the electrode and the platinum lead 
wire were coated with a thin film of paraffin wax, which greatly diminished 
local cell formation. The illuminated electrode was at a constant dis¬ 
tance of 0.5 mm. from the glass wall and directly opposite the unpainted 
patch. The dark electrode almost touched the opposite wall of the cell. 
A light trap of a suitable shape immediately behind the illuminated elec¬ 
trode helped to screen efficiently the major portion of the electrolyte from 
the activating light. 

The source of light was a transparent silica mercury burner (K.B.B. 
atmospheric—horizontal type) working at 85 volts and 2.0 amperes. 
The current in the burner was maintained constant by means of an 
adjustable rheostat in series. During the early experiments the entire 
radiation from the burlier after passing through a glass cell containing cold 
water to filter the heat radiation w'as utilized for exciting the photopo¬ 
tentials, while, later, narrow spectral regions were isolated by interposing 
suitable Wratten filters of gelatin. 
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The cell showed a pronounced tendency to polarize; it was necessary to 
leave the cell a whole afternoon undisturbed when once it was polarized. 
The use of a potentiometer for measuring the photopotentials was thus 
excluded, for, during balancing, a small current is invariably drawn from 
the cell. A vacuum tube voltmeter was therefore considered to offer a 
distinct advantage; this instrument could further be made to give a con¬ 
tinuous record of the growth of the photopotential. The principle of the 
valve-voltmeter is too well-known to need a full description here. It is 
however of interest to mention that a straight circuit utilizing a single valve 
operating well below its normal rated anode and filament potentials proved 
highly satisfactory. The arrangement was extremely stable, albeit a slight 
reduction in its sensitivity resulted thereby. A Philips B405 valve (normal 
rating,—anode 120 volts and filament 4.0 volts) was made use of with only 
50 volts on the anode and 2.8 volts on the filament; the mutual conductance 
of the valve under these conditions was 1.0 milliampere per volt. This in 
conjunction with a Cambridge mirror galvanometer of sensitivity 0.33 
X 10“® ampere provided a means of measuring potentials of the order of 
0.33 X 10““® volt. The photopotentials were of the magnitude of a few 
millivolts. It was therefore necessaiy to shunt the galvanometer suit¬ 
ably in order to bring the potentials to be measured within the range of 
the instrument. Potentials of 10 millivolts and above were measured on 
a Cambridge microammeter with a central zero, while lower potentials 
could be easily measured on the mirror instrument shunted so as to give a 
deflection of one scale division for a grid swing of 3.3 X 10""® volts. 

It is necessary here to remark on the great stability of the arrangement. 
During an experiment which usually lasted some hours the creep of the zero 
of the instrument was ordinarily one scale division, but in inclement 
weather the creep at times amounted to even three divisions on the mirror 
galvanometer. Even this large creep meant only a change in the grid 
potential of a tenth of a millivolt. 

The cell was connected directly betw een the grid and the negative end of 
the filament. The readings on the microammeter and the mirror gal¬ 
vanometer gave not only the magnitude of the photopotentials but also 
their sign directly. 


RESULTS 

The photopotentials were negative in sign in the case of erythrosin solu¬ 
tions, but positive with chrysoidine. It is yet eaily to attempt an ex¬ 
planation for this difference in behavior of the two dyes; possibly, the 
chemical constitution of the dye in addition to the solvent plays a part in 
determining the sign of the photo-E.M.F. 

When freshly formed, the cell generally showed no p.d, between its elec¬ 
trodes; even in cases when the cell exhibited a minute p.d. initially, this 
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was never more than a fraction of a millivolt and the change of p.d. on 
illumination was always the same. This minute dark e.m.f. has possibly 
its origin in the presence of traces of impurities on the electrode surfaces. 

Figure 1 illustrates the time rate of the rise of the photopotential at 
various concentrations of the dye; curves a, b, c, and d refer to 0.035 mg., 
0.00017 mg., 0.276 mg., and 0.825 mg., respectively, of erythrosin per cubic 
centimeter of solution, while curves e and f refer to 0.0364 mg. and 0.0018 
mg., respectively, of chrysoidine per cubic centimeter of solution. It will 
be noticed that the rise of e.m.f. is rapid at first, then becomes compara¬ 
tively slow, and finally reaches a saturation value. This saturation p.d, 
is determined by the concentration of the dye and the color and intensity 
of the exciting light. The gradual rise of e.m.f. on illumination is in ac¬ 
cord with the concept of diffusion of activated molecules to the electrode, 



» Fig. 1 

a process obeying a law similar to the curves of figure 1. Again, the dis- 
app)earance of the photopotential on cutting off the illumination (cf. curve 
c) is a much slower process than the building up. Both erythrosin and 
chrysoidine exhibit this behavior in all concentrations. (Only one curve 
has been shown for convenience.) Another interesting feature of the 
curves of figure 1 is that the maximum potential is reached sooner in dilute 
solutions. Such a behavior is also explained easily on the diffusion theory, 
since with a decrease in the concentration of the dye more and more of the 
active radiation is transmitted to the molecules contiguous to the electrode, 
thus reducing the diffusion path. Secondly, decreased viscosity effects 
at smaller concentrations of the dye may also tend to accelerate the diffu¬ 
sion of the activated molecules. Further evidence in support of this hy¬ 
pothesis was obtained in this way. By slightly altering the position of the 
electrode the attainment of the maximum potential could be either re¬ 
tarded or accelerated. 
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PHOTOPOTENTIAL AND CONCENTRATION OF DYE 

The variation of the maximum potential with the concentration of the 
dye in solution is shown in curves Ei and Cr of figure 2 for erythrosin and 
chrysoidine, respectively, in the composite light of the mercury arc lamp. 
For convenience the concentration of the dye is plotted on a logarithmic 
scale. Curves E 2 and E 3 , giving the maximum potential developed by 
erythrosin solutions in the light of the mercury arc after passing through 
a green and yellow filter, respectively, are of some interest. While in more 
concentrated solutions green light is more active, in dilute solutions yellow 
light develops higher potentials. This difference probably arises from a 
difference in the extinction coefficients of the dye for the two kinds of light. 



Fig. 2 


Another feature of the curves E ( 1 , 2 , and 3) is that the maximum in the 
potential occurs at the same concentration of the dye solution irrespective 
of the nature of the exciting light. Still another characteristic of the 
curves of figure 2 (excepting Ea which will be discussed later) is that after 
the maximum potential has been reached, the fall of potential thereafter 
proceeds directly as the logarithm of the concentration of the dye solution. 
The same cannot be said however of the potential rise. The fall of e.m.f. 
with increasing concentration of the dye is most probably due to increasing 
absorption of the active radiation in layers immediately after the glass wall 
of the cell. Lowry ( 6 ) has shown by eliminating the presence of a thick 
absorption layer in front of the electrode that the potential-concentration 
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curve exhibits no maximum, but that the potential merely tends to a satura¬ 
tion value. Of interest in this coimection are the results of some experi¬ 
ments in which the exciting light traversed a column 4 cm. long of the dye 
solution of various concentrations in a separate absorption cell before being 
incident on the photo-cell. The photo-cell liquid contained 0.035 mg. of 
the dye er 3 d.hrosin per cubic centimeter of solution corresponding to the 
optimum concentration. Curve of figure 2 depicts these results, in 
which the maximrun photopotential developed by the photo-cell is plotted 
against the concentration of the absorbing liquid. Ea and the descending 
part of El are parallel to each other, pointing to a parallelism between the 
two mechanisms. 

PHOTOPOTENTIAL AND INTENSITY OP LIGHT 

The dependence of the maximum photopotential on the intensity of the 
incident light was next investigated in a cell containing the optimum con- 
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centration of the dye solution. Variations in intensity of the light were 
produced by interposing in its path neutral tint screens of known trans¬ 
mission. The results are shown in figure 3. Curve a refers to erythro- 
sine and curve b to chiysoidine. It will be noticed that with both dyes the 
photopotential reaches a saturation value at higher light intensities. In 
curves a' and b' the photo-E.M.p.’s are plotted as functions of the square 
root of the intensity. The linear course of these curves is in agreement 
with the deductions of Ghosh (3). 

PHOTOPOTENTIAL AND WAVELENGTH OF LIGHT 

The next point of interest was the location of the spectral region most 
active in producing the p.d. The qualitative experiments in yellow and 
green light recorded previously are of no use, since the transmission powers 
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of the filters are not known. Therefore the light from the arc was filtered 
through Wratten light filters; Nos. 26, 22, 12, and 35 appeared most 
suitable. Of these No. 26 cuts off sharply at 600 ^m and transmits about 
70 to 75 per cent of the very feeble orange lines of the mercury arc. No. 22 
transmits 70 per cent of the yellow lines at 579 nn, while No. 12 allows to 
pass through 73 per cent of the green line and 75 per cent of the yellow 
lines. No. 35 cuts off all the ultra-violet up to 340 mm and the visible 
beyond 460 mm- The transmission of this filter is about 27.5 per cent of 
the line at 365, 56 per cent of that at 405, and again only 27.5 per cent at 
436 mm- This is indeed a very wide band, but sufficiently narrow to show 
the comparative activity of the shorter wavelengths. The results are 
shown in table 1. 

Since the distribution of energy in the mercury arc is very different for 
the different wavelengths, in order to compare the activities of the various 

TABLE 1 


Activity of different regions of the spectrum in producing photopotentials 


FILTER 

PHOTOPOTBNTIAL 

Erythrosm 

Chryw)idinc 


mv 

wir 

No. 26. 

1.5 

0 

No. 22. 

9.0 

1.4 

No. 12. 

11.4 

5.0 

No. 36. 

6.0 

2.0 

Composite light. 

18 3 

7 8 


spectral bands it is necessary to know this energy distribution. Bensley 
(2) has measured this in an arc of the same type and working under similar 
conditions of current and voltage. He gives the following values for the 
energy of the different lines in the mercury arc spectrum. In addition 
there is present the luminous background of the arc; since this is very 
feeble, appreciable errors will not be introduced by neglecting it. 

Energy distribution in the K.B.B. mercury arc—horizontal type, cur¬ 
rent 2 amperes, voltage 85. 


1Fot«- 

Entrgy in 

length 

arbitrary untU 

577-9 

13 

546 

19 

404-8 

2.5 

366 

9 


By taking into account this unequal distribution and variation of photo¬ 
potential with intensity illustrated in figure 3, the transmission factors of 
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the Wratten filters employed, the values given in table 2 are calculated for 
the activity of the different regions of the spectrum in producing the pho¬ 
topotentials. Before discussing these values further it is advantageous 
to consider the absorption of the dyes. Erythrosin in water shows very 
slight absorption at 360^^ followed by strong absorption between 455 and 
562/xiu with a maximum at 518/x/Lt and is transparent from 562 to 630 mMi 
while chrysoidine is transparent from 330 to 360mm and from 540 to 630mm 
with a pair of unseparated bands in the region 360 to 540mm (10). It is 
clear from a comparison of the data for photovoltaic activity with the ab¬ 
sorption of the dye, that the maximum potential is induced by regions of 
the spectrum immediately following the long wavelength limit of the ab¬ 
sorption band, both in the case of erythrosin and chrysoidine. Further, 
erythrosin is known to sensitize the photographic plate to wavelengths 
up to 600mm with a pronounced maximum in the neighborhood of 580mm 

TABLE 2 


Calculated activity of different regions of the spectrum in producing photopotentials 


WAVELENGTH 

CALCULATED PHOTOPOTBNTIAL 

Erythrosin 

Chrysoidine 


mv. 

mv. 

615mm 

3.2 

0 

577-9mm 

20 0 

2.7 

546mm 

15 2 

12.0 

<436mm 

10.0 

4.2 

Composite light 

18 3 

7.8 


(1). The conclusion therefore seems to be reasonable that the same fac¬ 
tors come into play both in exciting photopotentials and in optical sen¬ 
sitization. 

SUMMARY 

From a study of the photovoltaic effects in aqueous solutions of erythro¬ 
sin and chrysoidine, it is shown that: 

1. The usually observed maximum in the potential-concentration curve 
is to be attributed to the absorption of the active radiation in the column 
of the electrolyte in front of the electrode. 

2. The photopotential varies directly as the square root of the intensity 
of light. 

3. Wavelengths immediately following the long wave limit of the ab¬ 
sorption band of the dye are most active in producing these potentials. 

My best thanks are due to Professor H. E, Watson for continued help 
and guidance. The greater part of this work was carried out in the General 
Chemistry Department of the Indian Institute of Science, Bangalore. 
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THE COMPLEXES OF MANNITOL AND SORBITOL WITH 
SODIUM ARSENITE AND BORAX 

M. SRINIVASAN and M. SREENIVASAYA 
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Received September S, t9SS 

It is known that boric acid, on addition to polyhydric alcohols, enhances 
their optical rotation and sufTers an increase in acidity (5, 8, 14, 20). 
These properties have been utilized for the estimation of mannitol (17), 
and for the titrimetric determination of boric acid (13). 

van’t Hoff (19) assumes in this reaction the formation of a complex 
having the cyclic grouping 

R—O—H, 

^c— 

where R represents the inorganic constituent. Magnanini (15) by con¬ 
ductivity measurements supports the formation of a compound from one 
molecule of mannitol and three of boric acid, while, according to Ageno 
and Elena Valla (1) the ratio of mannitol to boric acid is 1:1. Fox and 
Gauge (9) claim to have isolated mannito-boric acid as a definite compound. 

The work of Boeseken and his coworkers at Delft for the past twenty 
years has revealed that this property is more generally shared by a large 
number of polyhydroxy compounds. The ease with which these boric 
acid-diol complexes are formed is dependent on the positions of the hy¬ 
droxyl groups, the most favored configuration being the situation of the 
two hydroxyl groups in the same plane and on the same side of the carbon 
atoms to which they are bound (4). Irvdne and Steele (12) support the 
findings of Boeseken by a study of electrical conductivity and specific 
rotation of the methylated mannitols. Dubrisay (6) indicates compound 
formation between boric acid and mannitol, by measuring the optical 
rotation and surface tension of the system, as also the critical solution 
temperature of phenol and water in presence of the complex. 

The possibility of boric acid and its salts forming more than one com¬ 
plex with mannitol is shown by the work of Griin and Nossowitsch (11) 
and by Gilmour (10) from optical rotation data. The last-mentioned 
author obtains a maximum rotation of 37.6® by treating sodium mannito- 
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borate and sodium metaborate in molecular proportions. Thus is ex¬ 
plained the exaltation of rotation on mannitol from 22.5® (Vignon) to 
28.3° (Fischer) under the influence of an excess of borax. The theory of 
ring structures of the boric acid complexes first suggested by van^t Hoff 
and later adopted by Boeseken, is extended in the work of Meiilenhoff 
(16) who ascribes to the boric acid complex of mannitol the formula 





Bancroft and Davis (3), however, in a paper on 'The Boric Acid Prob¬ 
lem^' doubt the compound formation between boric acid and organic hy¬ 
droxy bodies, and attribute the enhanced acidity of boric acid to its in¬ 
creased dissociation in presence of the organic compounds dissolved therein, 
while the change in optical rotation is explained by "the abnormal effect 
of boric acid solutions.” 

Besides borax, sodium arsenite also induces dextrorotation (Vignon 
(20)), providing a method for the estimation of mannitol (2). In a solu¬ 
tion in which the ratio of arsenious acid to mannitol is not less than 17.5, 
the specific rotation of the hexitol is 46.53°. From a study of the increase 
in solubility and neutralization values of arsenious acid in presence of 
mannitol, sorbitol, and other polyhydroxy compounds, Englund (7) has 
postulated that this acid forms with hydroxy bodies compounds similar 
to those formed by boric acid. 

In spite of the large number of physicochemical measurements like 
optical rotation, electrical conductivity, hydrogen-ion concentration, sol¬ 
ubility, and phase study, that have been applied to reveal the nature 
of combination of boric acid and arsenious acids with mannitol and other 
polyhydroxy compounds, the question remains yet unsettled. The meas¬ 
urement of volume changes, should they accompany the formation of 
these "complexes,” would throw new light on the problem. The present 
communication relates to a dilatometric investigation of the complexes 
of mannitol and sorbitol with sodium arsenite and borax. 


MATERIALS AND METHODS 

The dilatometer devised by Sreenivasaya and Sreerangachar (18) was 
used in these investigations, as being best suited for the study of reac¬ 
tions in which the equilibrium is attained almost immediately when the 
reacting components are mixed. All dilatometric measurements were 
made at 30°C. in a thermostat. A triple shade polarimeter illuminated by 
a mercury arc was employed for determining the optical rotations in a 200- 
mm. tube at room temperature (27°C. zbl.0°C.). 

(i-Mannitol and d-sorbitol (B.D.H. products) were recrystallized from 
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water, samples dried at 100°C., and kept in a vacuum desiccator over phos¬ 
phorus pentoxide. Solutions of these were prepared by dissolving weighed 
amounts of the substance in distilled water and made to volume. Arse- 
nite solutions were prepared by boiling 198 g. of arsenious oxide with 132.5 
g. of sodium carbonate, and the solution was made up to a liter (2). The 
strength of arsenite solution was determined iodometrically. Borax solu¬ 
tions saturated at 30°C. were used, the amount of dissolved borax 
(Na 2 B 407 • IOH 2 O) being estimated by acidimetric and alkalimetric titra¬ 
tions. 


TABLE 1 

I)ilalometers and reaction mixtures 


DILATOMETfSit 

REACTION MIXTI7RB 


Small bulb 

bulb 

Control. 

5 CO. of water 

50 cc. of arsenite or 

Experimental. 

5 cc. of mannitol or i 

borax solution 

50 cc. of arsenite or 


sorbitol solution 

borax solution 


TABLE 2 
M annitol-ar senile 


1 

EXPERIMENT 

MOLES OP 1 

ARSENITE PER j 
URAM'MOLE OF 
MANNITOL 

DILATOMETRIC 

RISE 

VOLUME 
INCREASE PER 
ORAM-MOLE OF 
MANNITOL 

OBSERVED 

ROTATION 

[“C 

(Ml 



cm. 

CC 



1 

0.0 

— 

— 


— 

2 

2 4 

9.1 

8.05 

0.26 

45.88 

3 

4 8 

12.9 

10 52 

0.36 

63.53 

4 

7.2 

13.8 

12 14 

0.39 

68.84 

5 

9.6 

14.3 

12 53 

0.41 

72.36 

6 

19 2 

17.3 

15.22 

0.49 

86 48 

7 

24 0 

17.3 

15.22 

1 

0.49 

86.48 


The dilatometers and the reaction mixtures used were as given in table 1. 
As large quantities of arsenite or borax are necessary to react with a definite 
amount of sugar alcohol, the big bulb always received the inorganic salt 
solution, while the hexitol occupied the small one. The details of the 
experimental procedure were those followed in a previous communication 
(18). On mixing the solutions, one observes a depression in the control 
dilatometric column due to dilution of the salt solution, the order of de¬ 
pression depending on the strength of arsenite or borax solution used. 
But the experimental dilatometer treated as above records a definite rise. 
The equilibrium is attained within fifteen minutes, when the final readings 
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of the dilatometers are taken. The difference between the readings of 
the two dilatometers is a measure of the volmne change accompanying 
the formation of the complex. The solutions are finally polarized. The 
whole operation takes one and a half hours. 


TABLE 3 

Mannitol-borax (Na2B4O7*10 H 2 O) 


EXPERT MBNT 

MOLES OP BORAX 
PER GRAII-IIOLE 
OP MANNITOL 

DILATOMETRIC 

RISE 

VOLUME 
INCREASE PER 
ORAM'MOLB OF 
MANNITOL 

OBSERVED 

ROTATION 

[“C 

liif] 



cm. 

CC. 



1 

0.0 

— 

— 

— 

— 

2 

0.5 

16.6 

16.47 

0.20 

39.73 

3 

1.0 

17.5 

17.34 

0.22 

43.7 

4 

1.5 

18.2 

18.03 

0.23 

45.68 

5 

2.0 

19.1 

18.92 

0.25 

47.67 

6 

2.5 

19.5 

19.32 

0.25 

49.66 

7 

3.3 

19.7 

19.52 

0.28 

49.66 

8 

5.0 

20.2 

1 20 02 

0.25 

1 49.66 

9 

7.5 

21.0 

20.81 

0.26 

51.65 

10 

10 0 

21.0 

20.81 

0.26 

51.65 


TABLE 4 


M annitol- arseni te 


EXPERIMENT 

MANNITOL 

DILATOMETRIC 

RISE 

DILATATION 

CONSTANT 

(V) 

OBSERVED 

ROTATION 

1 Jmci 

I-]" 


mg. 

cm. 

CC 



1 

72.7 

4.9S 

15.24 

0.14 

47.15 

2 

87.8 

5.95 

15.17 

0.17 

47.71 

3 

122.1 

8.30 

15.21 

0.23 

46.41 

4 

162.5 

11.05 

15.22 

0.31 

47.02 

5 

254.2 

17.30 

15.22 

0.49 

47.51 

Mean. 

15.21 


47.22 


RESULTS 

^^Complexes^^ of mannitol 

Preliminary experiments were conducted to study the effect of adding 
increasing quantities of arsenite and borax to a given quantity of mannitol. 
Five cc. of 5 per cent mannitol and 50 cc. of arsenite or borax solutions of 
varying concentrations (prepared from the standard stock solutions by 
dilution) were used. The results are given in tables 2 and 3 and repre¬ 
sented graphically in figure 1. 
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The above results show that the dilatometric change and optical rota¬ 
tion reach a steady maximum, beyond which further additions of arsenite 
or borax are no more accompanied by increases either in volume or in 
optical activity. To bring about this maximum change, about 19.2 
moles of arsenite (see reference 2) or 7.5 moles of borax (decahydrate) per 
gram-mole of mannitol is found necessary. Further, this maximum cor¬ 
responds to a volume increase of 15.22 cc. with arsenite and 20.81 cc. with 
borax per gram-mole of mannitol. 



The experiments were repeated with varying concentrations of the sugar 
alcohol and calculated amounts of arsenite and borax to induce maximum 
changes, and the results, incorporated in tables 4 and 5 and figure 2, con¬ 
firm the above findings. 


^^Complexes” of sorbitol 

A dilatometric study of the sorbitol-arsenite and sorbitol-borax systems 
has given the results embodied in table 6 and figure 2. It will be seen that 
the dilatation constants per gram-mole of sorbitol are 16.93 cc. and 22.38 
cc. with arsenite and borax, respectively. 
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ACCURACY OP THE METHODS 

Table 7 gives the dilatometric and polarimetric readings (taken from 
the previous tables) and their errors corresponding to maximum and mini¬ 
mum amounts of mannitol. 


DISCUSSION 

On mixing solutions of mannitol and sorbitol with a solution of either 
arsenite or borax, there occurs an appreciable increase in volume cor¬ 
responding to the exaltation in optical activity (tables 2 and 3 and fig- 



Sugar* aleohot In fTtg 

Fig. 2 

ure 1). This volume change observed in the case of the two hexitols is a 
new property found to accompany the formation of the ‘‘complexes.^' 

A strict proportionality exists between volume change and the amounts 
of mannitol and sorbitol forming the complex (tables 4,5, and 6 and figure 2). 

As compared with the polarimetric estimation of mannitol or sorbitol 
now adopted, the dilatometric method offers a more convenient mode of 
determination, ensuring greater accuracy. Table 7 gives the errors in 
estimating mannitol in two concentrations by the two methods. It will 
be seen that the error in the dilatometric estimation is about 0.2 to 1 per 
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TABLE 5 
M annitol-boraz 


EXPERIMENT 

MANNITOL 

DILATOMETRIC 

KiaE 

DILATATION 

CONSTANT 

(V) 

OBSERVED 

ROTATION 

L Jfi4 1 



mg 

cm 

cc 



1 

65 00 

6 05 

20 83 

0 08 

30 33 

2 

79 20 

7 39 

20 87 

0 09 

27 80 

3 

81 25 

7 55 

20 80 

0 10 

30 33 

4 

138 00 

12 86 

20 77 

0 16 

28 57 

5 

140 00 

13 10 

20.81 

0 16 

28.16 

6 

162 50 

15 15 

20 85 

0 19 

28 82 

7 

225 80 

21 00 

20 81 

0 26 

28.38 

Mean. 

20 82 


28 91 


TABLE 6 

Sorhitol-arscniie and sorbitol-borax 


EXPERIMENT 

SORBITOL 

ARSENITE 

BORAX 

r>ilaiomelnc 

rise 

Dilatation 
constant (P) 

Dilatometric 

rise 

Dilatation 
constant iV) 


mg. 

cm 

<c 

cm 

cc 

1 

20 

1 5 

16 78 

2 0 

22 38 

2 

25 

1 9 

17 00 

2 5 

22 38 

3 

* 50 

3 8 

17 00 

5 0 

22 38 

Mean. . 

16.93 


22 38 


TABLE 7 

Accuracy of the methods 




DILATOMETRIC 

POLARIMETRIC 


MANNITOL 

Reading 

Error in 
reading 

Error 

Tlcading 

Error in 
reading j 

Error 


mg 

mm. 

mm 

per cent 

degrees 

degrees 

per cent 

Arsenitc.| 

72 7 

49 5 

=h0 5 

=bl 0 

0 14 

dcO.Ol 

±7.0 

254 2 

173 0 

±0 5 

0 3 

0,49 

rhO.Ol 

2 0 

Borax.| 

65.0 

60 5 

=t0.5 

0.8 

0 08 

=b0 01 

12.5 

225.8 

I 210 0 

j =b0 5 

0 2 

0 27 

±0.01 

3.7 


cent, while the polarimetric method involves an error of about 2 to 12.5 
per cent, which gets considerably multiplied if the test solutions happen 
to be colored. This limitation does not affect dilatometric estimations. 
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Since the volume change per gram-mole of mannitol or sorbitol is greater 
with borax than with arsenite, borax complexes are to be preferred for the 
dilatometric estimation of these sugar alcohols. 

The dilatometric data obtained in this investigation strongly point to 
the existence of a definite compound in the systems studied. Solutions of 
arsenite or borax which suffer a decrease in volume on dilution with water 
(shown by controls) should undergo further decrease on mixing with man¬ 
nitol or sorbitol solutions, if it is only a question of enhanced electrical 
conductivity, according to Bancroft and Davis (3). On the other hand, 
a definite increase in volume on mixing the two solutions has been recorded 
in all the experiments. Further, mannitol and sorbitol (at the concentra¬ 
tions used) do not register any volume change on mixing with water. 
Hence the dilatometric changes are more the characteristics of the forma¬ 
tion of a new entity than the additive behavior of the preexisting constit¬ 
uents. These, along with the strict proportionality found to hold between 
the volume increase and the amounts of hexitol reacting, point to the 
formation of a compound as shown by Boeseken in the course of his ex¬ 
tensive researches. 


SUMMARY 

1. The formation of the ^^complexes^’ of mannitol and sorbitol with so¬ 
dium arsenite and borax has been investigated in the dilatometer and also 
followed by polarimetric estimations in the case of mannitol. 

2. The reaction is accompanied by appreciable increases of volume, 
which correspond to 15.21 cc. and 20.82 cc. at 30°C. per gram-mole of 
mannitol with arsenite and borax, respectively. The corresponding dila¬ 
tation constants for sorbitol are 1(5.93 cc. and 22.38 cc. 

3. The dilatation constants of the hexitols being higher with borax 
than with arsenite, borax complexes have to be preferred for the dilato¬ 
metric estimation of these hexitols. It is shown that this method is more 
convenient and accurate than the polarimetric one now in vogue. 

4. The volume expansions attending the ^^complex^^ formation and their 
definite relationship to the concentration of mannitol and sorbitol, suggest 
the formation of compounds as shown by Boeseken. 

In conclusion, one of us wishes to thank the Government of Madras 
for the aw^ard of a scholarship that has enabled him to pursue this in¬ 
vestigation. 
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NEW BOOKS 


Mass-spccira and Isotopes. By F. W. Aston. 248 pp. New York: Longmans, 
Green and Co., 1933. Price: $4.80. 

The present volume replaces the earlier well-known monograph of the author 
published by the same company under the title Isotopes” (second edition, 1924). 
In expanding the title the author has sought to restrict the scope of the book some¬ 
what, though its length has necessarily increased with the expansion of the experi¬ 
mental material and of its theoretical significance. 

A very welcome part of the new book gives a detailed account of the construction 
of the new focusing mass-spectrograph and of the theory and practice of its use. The 
more accurate values of the relative mass of individual atoms have shown definitely 
the departure from the whole number rule and have established the highly impor¬ 
tant ‘‘packing fractions” for most elements and the general shape of the curve as a 
function of atomic mass. 

As sixty-six of the possible eighty-four elements have now been subjected to 
isotopic analysis, the statistics have a broad significance. Only twenty simple 
elements have been found, and no element of odd atomic number has been found to 
have more than two isotopes. Two very interesting chapters on the isotopic effect 
in molecular and atomic spectra have been added. 

As we have just entered on new and highly interesting phases of nuclear transmu¬ 
tation, Aston’s packing fractions are an indispensable guide in the calculation of the 
interchange of mass and energy. 

S. C. Lind. 

Modern Thermodynamics by the Methods of Willard Gibbs. By E. A. Guggenheim. 
xvi -f 206 pp.; 10 figures. London: Methuen and Co., Ltd., 1933. Price: $3.50. 
This book can be heartily commended to the attention of teachers and advanced 
students of thermodynamics. That it is not written for the beginner is evident from 
the fact that the author pays scant attention to the experimental basis and physical 
significance of the first and second laws, contenting himself wdth advising the reader 
to make himself familiar with the treatment in Planck’s “Thermodynamics.” 

The theorems of thermodynamics are developed in a logical way, the mathematical 
method employed being the straightforward, analytic one. The author quite rightly 
criticizes the “method of cycles” on the ground that when it is simple it is usually 
inexact and when it is exact, it is usually complicated. The author must also be 
commended for employing, as Gibbs did, the illuminating term, “chemical poten¬ 
tial,” in place of the verbose expression, “the partial molal free energy.” A very 
valuable feature of the book is the author’s treatment of activities and activity 
coefficients. The serious student will find especially helpful the chapters on electro¬ 
chemical systems, gravitational field and surface phases. 

F. H. MacDougall. 

Fundamentals of Biochemistry in Relation to Human Physiology (Fourth Edition). 
By T. R. Paksons. 12 x 18.5 cm.; 435 pp.; 26 figures. Cambridge: W. Heffer 
and Sons, Ltd., 1933. Baltimore: William Wood & Company, 1933. Price: $3.(X). 
The emphasis of this book is on fundamentals. In automobile parlance it is the 
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stripped and cut-away chassis delineating the biochemical reactions characteristic 
of the vital processes of the human organism. 

The book is written in an extremely ‘‘human/' almost conversational^ style and 
reads as though the author were sitting across the table from you and confidentially 
telling you (a novice) of the wonderful chemical mechanisms operating within your 
body. In fulfilling this purpose the author is admirably successful. The reader 
needs only a minimum amount of chemical background to profit by the reading of this 
book. Even a good course in high school chemistry should be sufficient. 

The book is thoroughly up to date and should prove of great value to the indi¬ 
vidual who washes to acquaint himself with the essentials of animal biochqpaistry. 
It is also recommended for use in introductory courses in medical schools, for nurses, 
or similar groups of students. 

Certain physicochemical phases of physiology are considered in chapters XVIII 
and XIX (pp. 327-403). Here again extremely graphic illustrations are used. For 
example, in speaking of hydrogen-ion concentration and bodily reactions we read 
“Human life as a whole is like this. Let the blood become ever so slightly acid— 
not even as acid as distilled w^ater that has absorbed a trace of CO 2 from the atmos¬ 
phere—and the patient dies in coma; let it become even so faintly alkaline as tap 
water is, and the subject goes into tetany. Between these two limits w'e have all 
our lives to try to steer a middle course." .... “these two extremes do not differ 
from each other by as much as a millionth of a gram of hydrogen ions per litre of 
blood I" 

Each chapter has appended a list of literature citations so that the interested 
reader can follow up in detail such items as he wishes to pursue past the rather 
elementary treatment of the text. 

Ross Aiken Gortner. 

Hydrides of Boron and Silicon, By Alfred Stock. 250 pp.; 36 figures. Ithaca, 

N. Y.: Cornell University Press, 1933. Price: $2.00. 

This volume contains a portion of the subject matter of the George Fisher Baker 
Non-resident Lectures in Chemistry, given by Professor Stock at Cornell University 
in the spring of 1932. The work for the last thirty years on hydrides by Professor 
Stock and his coworkers is so w^ell knowm that it hardly needs comment. In the 
present volume these excellent researches are summarized and presented in masterly 
fashion. Every chemist should read this volume. The ingenuity and patience 
shown in the execution of the experiments move one to admiration. The importance 
of the boron hydride problem for valency theory cannot be overestimated. This 
problem has special significance in the development of our ideas of chemical bonds. 
Main Smith has said: “These compounds of boron must be regarded as a decisive 
test of any theory of valency." Any theory of valency which cannot explain the 
structure of the hydrides of boron in a logical and self-consistent manner is doomed 
to failure. It is obvious then that the volume before us is one of the very important 
additions to the literature of chemistry. 

The material is divided into thirty-two chapters. The individual hydrides are 
described carefully and methodically in separate sections. For cross-reference one 
finds complete chapters on the important reactions of these compounds. The in¬ 
vestigator and reader desirous of looking up any certain point can find the informa¬ 
tion with the greatest ease. The apparatus used and especially developed for these 
researches is described fully in a special appendix. Here a warning regarding mer¬ 
cury poisoning is included. It is well known that Professor Stock has taken a lead¬ 
ing position in advising research workers to use greater care in the handling of 
exposed mercury. The theoretical problem of the structure of these hydrides is 
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treated fully in four of the chapters. Literature references are given in great detail. 
The physical make-up of the book is excellent. 

It has been a great pleasure and a privilege to the writer to have had the oppor¬ 
tunity of reviewing this splendid treatise. 

Geo. Blockler. 

Abridged Scievtific Publications from the Kodak Research Laboratories (Volume XV, 
1931-1932). Rochester, N. Y.: Eastman Kodak Company, 1933. 

This volume contains complete and readily understandable summaries of sixty- 
one papers which have been published in a variety of journals. The subject matter 
of the articles varies from the description of technical procedures of interest to 
commercial photographers to the presentation and discussion of experimental results 
of importance to theoretical photochemists and physical chemists. The typography 
and the reproduction of illustrations are excellent. 

Robert Livingston. 

Introduction to Physical Chemistry. By Alexander Findlay. 21 x 14 cm.; vi + 
492 pp. London: Longmans, Green and Co., 1933. Price 7s. 6d. 

Any book from the pen of such an experienced and competent writer as Professor 
Findlay is certain to have a number of outstanding qualities, and the present work 
is no exception. The author is of the opinion that the historical method of treat¬ 
ment is the one which is most sound educationally and this has been adopted success¬ 
fully in the book under review; the student will read that Cailletet was an ironmaster 
and Joule a brewer, and these human touches should lend interest to his studies I 
All the subjects normally included in an introductory course of physical chemistry 
are discussed in an up-to-date manner: the activity concept finds frequent reference 
and the Lewis and Randall symbols are used in connection with the first and second 
laws of thermodynamics; in the brief treatment of the Nernst heat theorem, how¬ 
ever, the German symbols have been used. A few minor errors have been noted, but 
the only one likely to be misleading is the statement (p. 231) that '^In the ammonia 
equilibrium .... the equilibrium constant varies inversely as the square of the 
pressure.’^ (The italics are the reviewer’s.) The book, which concludes with an 
appendix containing some one hundred and fifty numerical problems, is worthy of 
consideration by all teachers of physical chemistry. 

S. Glasstone. 

Laboratory Experiments in Organic Chemistry. By Adams and Johnson. Revised 
edition, xiii + 363 pp. New York: The MacMillan Company, 1933. Price; $1.90. 
This is a new edition of the authors’ laboratory manual, first printed in 1928. 
The new edition retains all of the distinctive features of the old one, and, in addition 
there has been considerable expansion—sixteen new experiments being included. 
The expansion considerably improves the book and places it in the first rank as a 
laboratory manual, for either the short or long courses. The list of supplementary 
experiments, somewhat more difficult than the average of those in the body of the 
text, is well selected. The printing and binding are excellent. 

Lee Irvin Smith. 

The Chemistry of Organic Compounds. By James B. Conant. x + 623 pp. New 
York: The MacMillan Company, 1933. Price: $4.00. 

This new book by Professor Conant combines a wealth of information regarding 
the carbon compounds with an adequate, modern theoretical treatment. In sim¬ 
plicity and clarity of style the book is outstanding, and this, with the excellent choice 
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of material and orderly arrangement, makes the book very readable. The section on 
natural products is well done, and the reviewer is glad to see at last a text book of 
organic chemistry in which stereochemistry is treated so well. The printing and 
binding are splendidly done, and there are very few typographical errors. Alto¬ 
gether a fine piece of writing and look making. 

Lee Irvin Smith. 

Gmelins Handhuch der anorganischen Chemie, 8 Auflage. Herausgegeben von der 

Deutschen Chemischen Gesellschaft. 25 x 17 cm. (a) System Nummer 8: Jod, 

Lieferung 2. xxiii + 245-660 pp. Price: 68.50 M (subscription price: 60 M); 

(b) System Nummer 59: Eisen, Teil A, Lieferung 5. xiv + 847-1166 pp. Price: 

50 M (subscription price: 43.50 M). l^rlin: Verlag Chemie G.m.b.H., 1933. 

(a) The volume on iodine deals with hydriodic acid, the iodides of nonmetals and 
metals, polyhalogenides, the oxides and oxyacids of iodine, iodine fluorides, chlorides, 
and bromides, nitrogen iodides, and an appendix to the first part of the volume on 
iodine which has already appeared. In ail cases the treatment is exhaustive, accu¬ 
rate, and critical, full numerical data, curves, and discussions of physicochemical 
topics being included. The literature has been very completely covered and very 
modern work finds its place in the treatment. 

(b) The volume on iron deals with the physicochemical foundations of the techni¬ 
cal production of malleable iron. The systems Fe-O-C, F'e-Si-O, Fe-Mn-0, Fe-P-0, 
Fe-S-Mn, etc,, are considered. Deoxidation with manganese, carbon, silicon, 
aluminum, titanium and combinations of these is next dealt with. The casting of 
iron and steel is considered in relation to melting in crucibles, cupolas, reverberatory 
furnaces, Siemens-Martin furnaces, converters, and electric furnaces. The treat¬ 
ment of ferrous alloys includes those with manganese, chromium, molybdenum, 
tungsten, nickel, titanium, and vanadium. The treatment throughout is linked with 
technical processes and abundant references to literature are given. 

The two volumes considered fully maintain the high standard of Gmelin and are 
unexcelled in completeness and accuracy in their field. They are very valuable 
contributions to the literature of chemistry. 


J. R. Partington. 
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I. INTRODUCTION 

At a recent meeting, the Commission Permanente de Thermochimie 
(set up by the International Union of Chemistry) has adopted the principle 
of a secondary standard for bomb calorimetry and requested two of their 
number to investigate succinic and adipic acids, both of which appeared to 
be worthy of consideration as prospective secondary standards. 

The present paper is an answer to the Commission's request in so far as 
succinic acid is concerned. 

II. PREPARATION OP PURE SAMPLES OF SUCCINIC ACID; MISCELLANEOUS 
TESTS FOR PURITY AND STABILITY; PRELIMINARY COMBUSTIONS 

Succinic acid, sold by the British Drug Houses (B.D.H.) as an analytical 
reagent guaranteed to satisfy their special standards of purity,^ was used 
as the starting material. This was first recrystallized from conductivity 
water at a temperature kept below 70°C., in order to avoid the risk of 
some slight decomposition of the acid through loss of carbon dioxide which 
may possibly take place at higher temperatures.^ The crystals were 
filtered through a Buchner funnel and partially dried by passing a current 
of air through them for several hours. After standing between filter 
paper for two days, the acid was well crushed (in small portions at a 
time) in a mortar; it was then spread in thin layers in large Petri dishes and 

1 For some details, see section III, paragraph 1. 

* According to Lamouroux (4), saturated solutions of either oxalic or malonic acids 
give rise to very large bubbles of carbon dioxide (with simultaneous formation of 
acetic acid) when heated to 68®C.; similar decompositions may possibly take place 
with saturated solutions of the homoiogues of the above acids, though this was not 
actually observed by Lamouroux, perhaps merely because it w^as not sufficiently 
apparent. 

To get the acid quickly into solution without having to raise the temperature 
above 70®C., nearly four times as much water as would have been required at 100®C. 
was used. The solubility of succinic acid is I per 0.81 part of water at 100*^0., and 1 
per 19 parts of water at 15*^C. 
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dried for two further periods of 6 hours (each of these being followed by 
careful crushing), in a desiccator containing fresh phosphoric anhydride, 
under a pressure reduced to approximately 0.1 mm. of mercury. 

Two portions of about 4 g. each were now introduced in two weighing 
bottles and left to stand over phosphoric anhydride in an evacuated desic¬ 
cator, the loss in weight being recorded from time to time so as to ascertain 
to what extent the drying had been carried out. The results given in 
table 1 were obtained. The loss in weight recorded during the last week, 
namely 0.05 to 0.08 parts per thousand, was so small that it might well be 
entirely accounted for by a very faint volatility of the substance when 
exposed to a low vacuum. But to make quite sure that if there were any 
water left occluded in the crystals it could only be in minute traces, the 

TABLE 1 


Lohb in weight of succinic acid (in powder) on standing over phosphoric anhydride 

in vacuo 


INITIAL 

WRIOHT 

Losa 

WKIOHT AFTER 

11 0>V.Y8 

LOSS 

WEIGHT AFTER 
8 MORS DAYS 

TOTAL LOSS 

LOSS IN PARTS PER 
THOUSAND 

grama 

nig. 

grama 

mg 

grama 

nig 


3 9407 

0.9 

3.9398 

0.2 

3 9396 

1 1 

1 0 25 per rent 

3.8036 

0,7 

3 8029 

0.3 

3 8026 

1 0 


TABLE 2 

Isothermal heat of combustion of succinic acid, per gram weighed in vacuo, at an initial 

temperature of 


THE author’s values 

values OF VERKADE AND COOPS 

3025 2\ 

3024 6j ® (mean) 

[3026.1 
3026 1 [3026.2 
(3026 1 
3020.1 

^ 3026 9 (mean) 


samples were dried for a further 6 hours in vacuo, at a temperature of 46®C. 
± 5°C., and the heat of combustion determined directly afterwards in 
order to compare it with the value obtained by Verkade and Coops (8). 
The two groups of results are given in caloriesu in table 2, Verkade’s 
values having previously been reduced to vacuo. 

It will be seen that the author’s trial values are already very near to those 
of Verkade and Coops, more particularly to the first three which agree 
exceptionally well with one another while the fourth appears to be abnor¬ 
mally high. If, on the other hand, it is observed that the values of the Dutch 
investigators (obtained by the ordinary method) seem to be usually some¬ 
what higher than those of the author (obtained by the adiabatic method), 
as illustrated before in the case of salicylic acid and naphthalene (3), it 
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will appear that the sample of succinic acid derived in the way described 
from the starting material was either completely pure and dry or at least 
very nearly so. 

Having thus satisfied himself about the apparent degree of purity of the 
B.D.H. preparation, by some very sensitive and independent test, the 
author proceeded with the preliminary examination of succinic acid from 
the point of view of its resistance to decomposition on heating in air or in 
vacuo. The stability on heating is indeed an important quality to be 
expected from a standard substance, as it aiBfords a sure method to ascer¬ 
tain whether the drying has been carried to completion, without running 
the risk of deteriorating the substance. It is indeed only after such sta¬ 
bility tests have proved satifactory that an apparently suitable substance 
becomes really interesting as a prospective standard and that its energy 
contents are shown to be worthy of a systematic study. 

The stability tests no^v to be recorded are of two kinds: one series con¬ 
sists of the values obtained for the loss in weight experienced by two lots 
of pellets of the acid, of about 4 g. each (previously dried, when still in 
pow^der form, for four days at the ordinary temperature and then for 6 
hours at a temperature in the neighborhood of 45®C.) on heating in vacuo 
over fresh phosphoric anhydride, to gradually increasing temperatures; the 
other series was obtained by determining the heat of combustion of various 
specimens of succinic acid after having subjected them under greatly re¬ 
duced pressure to increasing temperatures. These data have been col¬ 
lected in tables 3 and 4. 

It will be seen at once from the consideration of table 4 that the heat of 
combustion observed does not show any characteristic variation when the 
sample of succinic acid is gradually raised from the ordinary temperature 
to a temperature in the neighborhood of 130®C., the heating being com¬ 
bined with a reduction of pressure to about 0.1 mm. of mercury. 

All of the results collected in tables 1, 2, and 4 prove conclusively that: 
(1) Succinic acid can be completely dried by heating for 6 hours in a vacuum 
at a temperature of 45 =h5®C. (2) The volatility of succinic acid is very 

small, even when it is heated in vacuo. (3) A statement recently published 
and according to which succinic acid, when heated in vacuo to a tempera¬ 
ture of 55®C., would give an appreciable proportion of succinic anhydride is 
not justified. Indeed it can easily be calculated that the anhydrization of 
1 gram of succinic acid to the extent of only 1 per cent would bring about 
an increase in the heat of combustion of 6.7 calories. No such change has 
obviously taken place during the heating; on the contrary, the mean values 
corresponding to the specimens which have been heated to temperatures 
ranging between 62®C. and 90®C. are, if anything, smaller than those cor¬ 
responding to the temperature of 45®C. only. 

Again, a portion of the acid (after recrystallization from conductivity 
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water) was dried for 7 hours under atmospheric pressure at a temperature 
of about 130®C. (sample A) and another portion of the same sample to 


TABLE 3 

Loss in weight of succinic acid (in pellet form), on heating in vacuo (in presence of 
phosphoric anhydride) to the various temperatures recorded 


INITIAL WEIGHT 
OF PELLETS 

LOSS IN WEIGHT OF PELLETS 

TOTAL LOSS IN WEIGHT 

3 hours at 

45 ± 5“C 

6 more hours at 
45 ± 5“C 

6 hours at 

62 ± 2®C. 

In milligrams 

Per 10.000 

gratnt 

mg. 

mg 

mg. 



3.8853 

0 2 

0.5 

0 4 

1.1 

2.5 

3 5610 

0.3 

0 2 

0 4 

0 9 

2 8 


TABLE 4 

Isothermal heat of combustion of succinic acid per gram weighed in vacuo, after heating; 

in steps up to 1S0°C. 


TEMPERATURE 

HEATINO INTERVAL 

HEAT OP COMBUSTION 

MEAN 

SAMPLE 

degrees C . 

hours 

cat u 



45 5 

6 

3025 2 

3024 6 

1 3024 9 

a 

45d=6 

12 

3025 6 

3026 3 

1 3025 9 

0 

62 ± 3 

6 

3023 9 

3024 2 

1 3024 2 

y 

68 dt 2 

4 

3023 9 
c023.7 

1 3023 8 

5 

70 ± 2 

1 

6 

3024 3 

1 3024 3 

5' 

90 d: 10 

2 

3021 5* 
3023.5 

1 3023.5* 

< 

120 =fc 10 

4 

3025 1 

1 3025.1 



General mean for these preliminary combustions* « 3024.6 cal.^; mean error for 
mean * 0.09 part per thousand. 

For the tenth of these combustions, it was observed that the bomb was slightly 
leaking at the end of the experiment, thus explaining the low value (3021.5); this 
result will consequently be neglected. 

about 140®C. for a period of 6 hours (sample Ai), with the following results 
for the heats of combustion: 
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Sample 

A, dried at 130®C., no phosphoric anhydride... 


Ai, dried at 140®C., with phosphoric anhydride 


Heat of combustion 

® J 3024 8 (mean) 
S 2 (mean) 


However, on heating sample A for 3 hours at about 172°C., and subse¬ 
quently to a still higher temperature, until the whole of the sample had 
melted, there was an unmistakable formation of succinic anhydride, as 
shown by the following values for the heat of combustion of these heated 
samples: 


Sample 


Heat of combustion 


A', heated at 172®C. 3036 0\ 

3035 2 / 

A'", heated above melting 
point. 3094 


3035 6 (mean) 


A nhydride formation 

1 4 per cent 


10 per cent 

(approximately) 


III. CONFIRMATORY COMBUSTIONS WITH SAMPLES OF SUCCINIC ACID 
OBTAINED BY RECRYSTALLIZATION FROM SEVERAL SOLVENTS 

The results from the combustions recorded up to the present have been 
obtained under somewhat varying conditions (namely with different 
amounts of substance and cotton burnt, i.e., for a different range of tem¬ 
peratures than the usual one, and also in connection with a small gradual 
variation in the value for the water equivalent); these differences will 
appear clearly from the comprehensive tables (7 and 8) summarizing the 
whole of the calorimetric data obtained with succinic acid. 

At this juncture it appeared advisable to check under more standardized 
conditions the results collected so far (i.e,, with succinic acid obtained by 
recrystallization from water), and also to find out whether the substitution 
for water of solvents with a lower boiling point,® but possessing at the 
same time a heat of combustion per gram much larger than that of suc¬ 
cinic acid,^ would affect them in any way. 

1. Samples recrystallized from water 

The starting material for the new combustions was sample A (dried 
under ordinary pressure at a temperature of approximately 130°C. for 7 
hours). This sample was now heated in a vacuum for a period of 7 hours 
at a temperature of 52 db 2®C (without phosphoric anhydride); sample B 

® Thus more easily got rid of and with less danger of decomposition for the 
substance. 

* So that the presence of the merest trace of such solvents would quite easily 
reveal itself through a variation in the heat of combustion, this time how^ever of 
opposite sign to that which might have been expected from the presence of traces of 
water. 
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obtained in that way was then heated in vacuo for 8 hours at a temperature 
of 80 db 2®C. (in the presence of phosphoric anhydride), giving sample C; 
samples B and C were now burnt in duplicate directly after heating, and 
in the case of the latter the combustions were repeated after the pellets 
had stood for one month over phosphorus pentoxide (see sample C'). On 
the whole the results show a very good agreement amongst themselves: 
those obtained with samples dried in the presence of phosphoric anhydride 
(see samples Ai and C) are higher by a few tenths of one calorie than those 
(relative to A and B) obtained in the absence of a drying agent; the differ¬ 
ence, amounting to about 0.5 calorie in both cases, is however so small as to 

TABLE 6 


Isothermal heat of combustion of succinic acid, per gram weighed in racuo, and dried for 
different lengths of time at th-e iempetatures indicated 


SAMPLE 

DRYINCl TEMPEHATVRE 

PRESSURE 

DRYING AGENT 

HEAT OF COMBUSTION 

A 

degrt’-ea (J 

ca. 130 

mm, 

760 


cai.u 

^ 3024.8 (mean) 

A, 

ca. 140 

760 

P»Os 

ml 4 } 2 

B 

52 2 

0.15 


S 5 } 2 

C 

80 2 

0 14 

P 2 O 5 

S. 3 } *"25 8 (-oan) 

C' 

Standing one month 


Old P 2 O 6 

3025 . 9 } ^ (mean) 


General mean for the ten combustions « 3025.3 cal.u per gram in vacuo. Mean 
error for mean — 0.05 part per thousand. 


have only little significance. The final results obtained with succinic acid 
recrystallized from conductivity water have been collected in table 5. 

2. Recrystallization from solvents other than water 

The choice of a suitable solvent for succinic acid is very limited even if 
no additional conditions were required, as there are in the present case. 
Ether was selected in spite of its small solvent power for succinic acid on 
account of its large heat of combustion (8805), its very low boiling point, 
its inertness, and also its availability in a pure state. The Bmn.ll sample 
wi—derived from sample C and thus completely dry—was recrystallized, 
from ether (A.R.) and then entirely freed from traces of solvent by banting 
in a vacuum (0.15 mm.) for 4 hours at a temperature of 80 ± 2®C. 
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Another portion of the same sample C was recrystallized from purified 
acetone (boiling between 55.8 and 56.0°C.) which was selected as the sec¬ 
ond solvent for practically the same reasons as those given with reference 
to ether, with the useful difference that the solvent powder of acetone is 
much more suitable than that of ether w ith respect to succinic acid. By 
heating the last lot of crystals for 5 hours in vacuo at a temperature of 77 
± 2®C., a sample W 2 was obtained. The heat of combustion found for that 
sample (3026.5aDd3027.1 ;mean = 3026.8) was however larger by 1.5 calories 
than the mean just recorded for the ten final combustions with the samples 
prepared by recrystallization from water. This small discrepancy was prob¬ 
ably due to the presence in the sample c «)2 of a faint trace of acetone. It can be 
calculated indeed that, owing to the relatively large heat of combustion of 
acetone (7351), it w ould suffice that 1 g. of succinic acid would contain only 1 
mg. of acetone (i.e., one part per thousand) in order to increase the heat of 
combustion of the contaminated sample by 1.3 calories ; this is just about 
equal to the divergence observed. As, however, the small discrepancy might 
have resulted from a slight measure of purification having taken place as the 
consequence of the substitution of acetone for w^ater, it was considered 
worth while to repeat the crystallization from acetone with a fresh sample 
of succinic acid. The crystals from this new recrystallization were first 
dried for one night over filter paper in the air, then heated for 6 hours in 
vacuo to a temperature of 80 ± 2®C., with alternate crushing. The value 
now obtained for the heat of combustion of the new sample 002 (3025.6 
and 3026.3; mean = 3025.8) being piactically identical wdth the general 
mean (3025,3) obtained previously, it was clear that the slightly too large 
value found for the heat of combustion of the last sample but one (from 
the first recrystallization wdth acetone) w as really caused by the presence 
of a minute trace of acetone in the sample. As a final confirmatory test for 
this statement a further recrystallization of the last sample was carried 
out, the crystals being heated in vacuo for 5 hours at a temperature of 83 
±, 2®C.; the new sample (« 2 ") was now used for a last combustion, the 
result of which (3025.5) w^as entirely in agreement wdth the general mean 
determined previously. 

The results obtained for the various combustions with samples derived 
from recrystallizations with ether or acetone have been collected in table 6. 

It can be seen that this general mean, obtained from the five combustions 
carried out with samples of acid recrystallized from solvents other than 
water, is exactly the same as that (3025.3) obtained previously when the 
solvent was w^ater. The mean of means (for the w hole of the twenty-six 
combustions carried out successfully with fifteen different samples of 
succinic acid) is equal to 3025.0 caloriesis: it differs only by +0.4, —0.3, 
and —0.4 calorie from the means referring respectively to the eleven pre¬ 
liminary and to the ten final combustions corresponding to solvent water, 
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and to the five combustions corresponding to solvents ether or acetone. 
It can thus safely be concluded that the heat of combustion of succinic 
acid, per gram weighed in vacuo, and burnt isothermally at the initial 
temperature of 20®C. is genuinely equal to 3025 db 1 caloriesis. 

IV. TECHNIQUE 

1, Apparatus 

An adiabatic calorimeter with a stirrer of the propeller type was used in 
conjunction with a Landrieu-Malsallez bomb (with gold lining and plati¬ 
num electrodes); the jacket, of the submarine type, was heated electrolyti- 
cally by means of a current of about 25 amperes (at 230 volts). The tem¬ 
perature rise was measured with a Beckmann thermometer having a range 


TABLE 6 

Isothermal heat of combustion of succinic acid per gram in vacuo^ after recrysiallization 
from ether (once) and acetone (twice) 


SOLVENT 

TEMPEEA- 

TUKE 

TIME 

INTBItVAL 

HEAT OF COMBUSTION 


degree * C . 

hours 

cal u 

Ether... 

80 db 2 

4 

3024 9\ . 

3024.6/ 

Acetone (once) ... 

80 2b 2 

6 

S.s} 

Acetone (twice).. . 

83 =fc 2 

5 

3025 5 


General mean = 3025.4 cal.u; mean error for mean « 0.1 per thousand. 

of about 5°C. (calibrated by the P.T.R. at each 0.1 division to the nearest 

thousandth of one degree). 

# 

2. Method 

The “constant range method” first proposed by the author in 1926 (2) 
was usually adhered to. The normal range of 2®C. used in former work 
was again selected, starting from the same initial temperature of 19.7°C. 
In order to meet in advance the possible criticism that by using another 
range the results might be somewhat different, a larger range (2.6‘’C.) was 
use^ as well. 

V. OENEBAL INFOKMATION; CALIBBATIONS) MAIN FEATtTBBS OF THE 
COMBUSTIONS WITH SUCCINIC ACID 

1. General information 

In order to comply with the recommendations just adopted by the 
Commission Internationale Permanente de Thermochimie at a meetii^ 
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held in Paris in April, 1933, the following data liave been collected here¬ 
under: 

(a) The mass of substance burnt was approximately 1.35 g. of benzoic 
acid and 2.80 g. of succinic acid for the range of 2°C., against 1.75 g. of 
benzoic acid and 3.65 g. of succinic acid for the range of 2.6®C. (b) The 

weight of auxiliary substance (cotton thread or wool) varied between 3 
and 6 mg. (c) The mass of water introduced into the bomb was 1 g. in 
every case, (d) The oxygen was introduced under a constant pressure of 
35 atmospheres (db5 per cent), (e) The bomb had a capacity of 450 cc. 
(f) The initial temperature was 19.7®C. in every instance, while the final 
temperature was either 21.7°C. or 22.3®C., according to whether the range 
selected was 2°C. or 2.6°C. 

The oxygen used in connection with all the combustions reported in this 
paper was manufactured (in the works of the British Oxygen Company 
Ltd.) by fractional distillation of liquid air. As will be shown elsewhere 
oxygen derived from that source contains traces of combustible impurities 
which are exceedingly difficult to detect (owing to the extreme precision 
required to bring this cause of error to light in a conclusive way), so much 
so that they do not make their influence felt to the same extent all through 
the life of the oxygen cylinder. This important and curious phenomenon 
has been studied very closely by the author during the last three years, 
using several different cylinders of oxygen. Its discussion and interpreta¬ 
tion will form the subject of a separate paper to be published shortly. 

Calibrations 

In order to establish once and for all for the water equivalent a fixed 
value of reference relative to absolutely pure oxygen,® a special calibration 
had been carried out four years ago with a sample of the preparation No. 
39c of benzoic acid supplied by the Bureau of Standards, using pure oxygen 
(purified by slowly passing the gas over palladiumized asbestos raised to a 
red heat); the true constant thus obtained for the water equivalent, after 
reduction to an isothermal value, was 4277.1 caloriesis. The data relative 
to that calibration have been collected in table 7, combustions 1 to 5. 
Since however the combustions of succinic acid were to be carried out with 
a newly refilled cylinder of oxygen, it was necessary either to purify this 
oxygen (by preheating it under suitable conditions prior to filling the bomb) 
or to carry out a special calibration with it. Since the former operation is 
very tedious and troublesome, the latter alternative was preferred. Fur¬ 
thermore, since the range of 2.6®C. had not been investigated before and 
since, on the other hand, some doubt had been expressed recently from a 
continental laboratory as to the true identity of successive preparations of 

* Thus allowing one, by comparison with the value found for the water equivalent 
obtained with some other oxygen, to estimate the approximate purity of the latter. 



TABLE 7 

Water equivalent (at the tetnperaiure of £0^C.) for pressure of SS atmospheres in the 
bomb and for various pressures in the cylinder of oxygen {in cal.n vacuo) 



TUMPERATUKS C0RR1BCT10NB 
(cOKRBrTBD IN TBN THOU- 
FOR BORIS) BANDTHB 



CORRECTIONS 

. 

IN CALOHIBS 


FOR 

AS H 

« s 

p B t 

0 « 

0 

tc 6 ^ 


MEAN W’ATBSK 
EQUI\ ALRNT 


1. (1929) Calibration with preheated oxygen for range of (mean error for mean 


= 0.11 per thousand 

1 1.3406 2.0373 4.0206 139 

-5 103 

1.9845 8.15 

10.2 

2 1.34441.9517 3.9447140 

1 123 

1.9921 — 

19.4 

3 1.3432 1.9214 3.9178 — 

— 168 

1.9901 8.4 

15.0 

4 1.34581.9135 3.9095 — 

— 122 

1.9953 8.6 

19.0 

5 1.34621.9244 3.9267 — 

-1200 

1.9918 7.7 

13.8 


2. (1933) Calibration with new and non-preheated oxygen for range of 

A. For pressure in cylinder — 116 to 113 atmospheres and 112 to 109 atmospheres. 
General mean (for combustions 6 to 13) = 4277.1 with mean error for mean =« 

0.06 per thousand 

6 1.75601.90314.4861 181 0 492.5962 1 8 12.6 48a 1164276.3 

7 1.75461.9059 4 4908 - ~ 77 2 5953 1 1 — — 115 4276 5 

8 1.7543 1.9962 4.5810 - 86 2.5943 2 2 — — 114 4277.8 

9 1.75311.9078 4.4935 — — 97 2 5941 1.6 — — 1134277.4 

10 1.7533 1 9070 4.4909 181 0 86 2 5934 2.0 12 6 39b 112 4276 8 

11 1.7533 1.90214.4843 - 712.5932 1.9 — — 1114277.0 

12 1.75241.9058 4.4847 - 48 2 5922 1 6 ~ — 110 4276.5 

13 1.75391.9017 4 4826 - 58 2 5932 1 7 — — 109 4278.7 

B. For pressure in cylinder =* 93 to 87 atmospheres. Mean error for mean = 0.09 

per thousand 

14 1.75211.9036 4.4821 181 0 45 2.5921 1.5 15.0 39b 934276.7 

15 1.75301.89414.4738 - 38 2.5940 1.1 — — 92 4275.6 

16 1.74871.9092 4.4821 180 1 48 2.5862 0.9 12 6 — 88 4277.0 

17 1.75331.8965 4.4766 181 0 51 2 5931 1.8 13.0 — 87 4277,3 

3. (]|933) Calibration with same oxygen as in § 2, but for range of 2.0''(\ 

A. For pressure in cylinder = 66 to 64 atmospheres. Mean error for mean = 0,08 

per thousand 

18 1.34281.8973 3.8743 138 0 42 1 9866 1.4 7 8 39b 

19 1.3413 1.8976 3.8723 - 44 1 9841 1.6 8.2 — 

20 1.34561.8979 3.8798 139 — 48 1 9910 1 5 7.0 — 

21 1.3466 1.8996 3.8826 -1 53 1 9915 1 7 6.6 — 

B. For pressure in cylinder « 54 to 39 atmospheres. Mean error for mean ^4275.2 

0.02 per thousand 

22 1.3433 1.9028 3.8832 139 0 681.9875 0 7 9.2 39b 54 4275.1] 

23 1.34581.8928 3.8763 - 63 1.9911 9.4 — 45 4275.4 >4275.3 

24 1.34331.8991 3.8784 -1 56 1.9875 — — 394276.3] 

General mean (for combustions 18 to 24) *= 4275.2 eal.u with mean error for mean* 




|4277 0^ 
- 1^4277 1 

I4277 2 - 


0.04 per thousand 
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standard benzoic acid issued by the Bureau of Standards, it was considered 
desirable to carry out two independent calibrations for the same range of 
one with the preparation 39b and the other with the preparation 
48a. The combustions made with the latter (see table 7, Nos. 6 to 9) 
gave for the water equivalent the value 4277.0, while with the former the 
value 4277.2 was obtained (see Nos. 10 to 13 of the same table). The 
mean for these eight combustions is 4277.1; it is thus identical with the 
value found four years earlier wth the same calorimetric system but for a 
range of 2^C. and with purified oxygen. This striking agreement estab¬ 
lishes a very strong probability in favor of the purity of the oxygen used for 
the present research and at the same time proves that the preparations 
39b, 39c, and 48a of standard benzoic acid supplied at various times by 
the Bureau of Standards are really identical, at least in so far as their energy 
contents are concerned. 

But for the reason already stated that the value for the water equivalent 
changes appreciably as a rule when the pressure in the oxygen cylinder 
decreases, five more series of control calibrations were carried out for differ- 
ept pressures in the cylinder. Three out of these were especially carried 
out in connection and simultaneously with the actual combustions of suc¬ 
cinic acid; they have for that reason been introduced in this paper (see table 
7, Nos. 14 to 24). It will appear from a consideration of the last column 
of table 7 that in the particular case of the oxygen used for this investiga¬ 
tion there has been a gradual decrease of some 2 calories as the pressure in 
the cylinder dropped from 116 to 35 atmospheres. 

3, Comhustions of succinic acid 

Simultaneously with these calibrations, three series of combustions 
were carried out with succinic acid under conditions as identical as possible, 
in particular with respect to the two selected ranges of 2.0®C, and 2.6®C. 
The data relative to these experiments have Leen collected in table 8. 

VI. GENERAL CORRECTIONS 
i. Reduction to vacuo of the weights of substance burnt 

(a) The density of benzoic acid was taken as equal to 1.266 (cf. Inter¬ 
national Critical Tables, Vol. I, p. 77), so that the corrective terms to be 
added to the weights in air (1.75 and 1.35 g.) of benzoic acid required for 
the two ranges of 2®C. and 2.6®C., are 1.4 and 1.1 mg., respectively. 

(b) The density of succinic acid was taken as equal to 1.56 (same 
reference), so that the corrective terms for 3.65 and 2.80 g. of this acid are 
2.3 and 1.77 mg., respectively. 

(c) The weights of cotton were so small that the vacuum reduction term 
was quite insignificant. 



TABLE 8 


Isothermal heat of combustion (at constant volume) per gram of succinic acid (weighed 
in vacuo) at a temperature of expressed in cal,n 
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1 

51 
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a 

98 
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26 
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97 

3024.6 
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27 

3.6595 
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42 
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3026.3 
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48 
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y 

82 

3023.9 
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— 

30 
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— 

81 
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93 
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s 

80 
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32 
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General mean (for the eleven preliminary combustions nos. 26 to 35, range =» 2.6"C.) 

=* 3024.6 cal. 16 
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— 
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— 

General mean (for the ten final combustions 

nos. 

36 to 45, usual range *»2.0®C., 

solvent water) « 3025.3 cal. 

16- 

Mean error for mean =* 0.05 part per thousand 
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3.8786 
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1.9889 

0.7 

15 0 
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47 

3024 9 

1 3024.7 
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47 

2.8080 
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1 
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48 

2.8063 

1.8994 

3.8818 

— 

— 
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1.9890 

0.8 

14.6 
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41 

3025.6 

j 3026.8 

_ 

49 

2.8054 

1.9022 

3.8868 

— 

— 

94 

1.9890 

1.0 

15.0 

— 

40 

3026.3 

— 

50 

2.8041 

1.8987 

3.8791 

— 

-1 

65 

1.9876 

0.9 

15.4 


39 

3025.5 

3025.5 

— 


General mean (for the five final combustions nos. 46 to 60, range « 2.0°C., solvent 
ether or acetone) =* 3025.4 cal.is. Mean error for mean 0.1 part per thousand. 
Mean of means (for the whole twenty-six combustions) ** 3025.0 cal.w with mean 
error for mean of mean of 0.05 per thousand. 
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2. Reduction of the heat of combustion of succinic acid to its isothermal value 

In a paper wliich will appear shortly elsewhere, the author has shown 
that, for a substance of gram-molecular weight M and heat of combustion 
(per gram) Q, and whose empirical formula is CaHhOoNd, the corrective 
term to be added to the value observed for the water equivalent (when 
determined as per international agreement by means of standard benzoic 
acid, whose heat of combustion is taken as 6319 calories 15 per gram) in 
order to give it the value which corresponds to an isothermal combustion 
for succinic acid is given by 

/ 1.7a + 7.756 4- 2 5(f -f ^0 1 0 52\ 

corr.,« == I---I W-M 

\ M Q 631 y 

where represents the rise in °C. and W stands for the water equivalent in 
calories per degree. Hence, for succinic acid {M = 118; Q = 3025 calo¬ 
ries per degree) whose formula is C 4 H 6 () 4 , the corrective term (to be added 
to the water equivalent) is either 1.98 — 0.92 = 1.06 calories per degree 
(for A< = 2.6®C.) or 1.5 — 0.7 = 0.8 calorie per degree (for A^ = 2°C.). 

3. Correction for the temperature coefficient of the heat of combustion 

The correction is nil in this case, since the value (6319) used for the heat 
combustion of benzoic acid refers to an isothermal combustion at the tem¬ 
perature of 20°C. and both series of combustions with either succinic acid 
or benzoic acid were carried out at practically the same initial temperature 
(19.7‘^C.). 

4 . Correction for the formation of nitric acid 

For work of the highest precision it is necessary to reduce to as low a 
value as possible the correction for the formation of nitric acid, owing to the 
fact that this correction is always somewhat ill-defined. This result can 
be achieved by making use exclusively of nitrogen-free oxygen (or at least 
oxygen containing only very minute traces of nitrogen) and by sweeping 
the air out of the bomb prior to its filling. When, as is the case here, the 
volatility of the substance under investigation is very small, the same re¬ 
sult may be obtained more easily by evacuating the bomb for a very short 
while under well standardized conditions. 

For the actual calculation of the correction allowing for the formation of 
traces of nitric acid, the heat of formation of the latter under the condi¬ 
tions of dilution normally prevailing in the bomb was taken as equal to 230 
calories per gram of acid (formed from N + O + H 2 O). 

5. Correction for the heat evolved by the combustion of the auxiliary substance 

used for ignition 

For the present research, both cotton wool and cotton thread were used. 

Two auxiliary combustions were made in order to determine the heat of 
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combustion of the two forms of cotton used for ignition; for the wool, 
the heat of combustion was found to be 3964 calories per gram, while the 
value 3990 calories was obtained for the thread. 

6, Corrections for incomplete combustion 

Tests for complete combustion were carried out in a certain number of 
cases taken at random. The residual gases when bubbled at a very low 
speed through palladium chloride solution failed to indicate the presence of 
the merest traces of carbon monoxide. 

7. Correction for the Joule effect in the ignition vnre 

The platinum wire used for the present work was exceedingly fine (viz., 
0.03 mm. in diameter); the time required to fuse the length of wire (about 
1 cm.) stretching between the two platinum electrodes was so small as to 
make the corrective term for the Joule effect entirely negligible. 

VII. COMPARISON BETWEEN THE RESULTS OBTAINED FOR THE HEAT OF 

COMBUSTION OF SUCCINIC ACID BY THE AUTHOR AND OTHER OBSERVERS 

Stohmann, Kleber, and Langbein (6) found for the heat of combustion 
of succinic acid the value 3022 caloriesis, with a maximum deviation of 
1.1 per thousand. This result is only smaller by about 3 calories than that 
of the author, the difference being remarkably small considering that the 
work of the German pioneers was done nearly half a century ago! 

Louguinine (5) found two values, differing by 12 calories from one 
another, the highest of the two being still lower than that of the author by 
10 calories. These results of Louguinine, like much of his work are charac¬ 
terized by a large maximum deviation (4.2 per thousand in his latest series 
of combustions with succinic acid) and have no more than a historical 
value! 

Verkade, Hartmann, and Coops (9), on the contrary, made some trust¬ 
worthy determinations—unfortunately only four in number—with two dif¬ 
ferent samples of succinic acid; the general mean for their four combustions 
was 3026.9 caloriesi6, with a mean error of the mean of 0.25 per thousand 
and a maximum deviation from the mean of 0.75 per thousand. As al¬ 
ready observed on page 4, the value of Verkade is higher than that found 
by the author by only 1.5 calories, in spite of the fact aJ,ready mentioned 
that his fourth value (3029.1) is abnormally large and stands in sharp con¬ 
trast with the three others, which are identical 03026.1). It can therefore 
be safely concluded that Verkade’s value (3026 to 3027) is as near to that 
of the author (3025 i 1) as can reasonably be expected, especially when 
it be remembered that the Dutch investigators used a different method 
(the non-adiabatic!) and worked otJierwise under slightly different con¬ 
ditions. 
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More recently still, Beckers (10) found for various specimens of succinic 
acid values which vary between 3024.4 and 3027.4 caloriesis. The final 
value given in the present paper (3025.0 ± 1) is thus lying well within 
that interval. 

VIII. SUCCINIC ACID POSSESSES THE MULTIPLE QUALITIES WHICH RENDER 
IT SUITABLE AS A CALORIMETRIC STANDARD 

The conditions which succinic acid will have to fulfill in order to be ac¬ 
ceptable as a calorimetric standard will now be considered in turn. 

1, It should be easily obtainabk in an exceptionally pure state 

Succinic acid will have no difficulty to establish its claim in that respect 
as will appear from a rapid consideration of the specifications given by the 
British Drug Houses for their A.R. preparation. The maximum limits of 
impurities allowed are: 0.05 per cent of ash (on 1 g.); 0.003 and 0.005 per 
cent of chlorides and sulfates, respectively (on 1 g. of acid in 20 cc. of water). 
Actually, the tests carried out by the author for ash, first on 1 g. and after¬ 
wards on 5 g., were entirely negative, as well as the tests for chlorides and 
sulfates. 

It may also be recalled here that the successive recrystallizations of the 
original preparation, first from w ater and then from ether and acetone (the 
latter solvent being used twice), failed to show' any significant variation in 
the value for the heat of combustion, thus giving much support to the claim 
of absolute purity of the substance. 

2. It should, be easy to dry and should remain so without requiring special 

precautions for keeping 

It has been mentioned already that succinic acid, even w hen recrystal¬ 
lized from water, could easily be obtained in a perfectly dry condition, 
either by heating to a temperature of 130 to 140°C. in air or to a tempera¬ 
ture of about 50®C. in vacuo. 

The proof that succinic acid is not at all hygroscopic is given by the fol- 
low'ing results, obtained by allowing tw’O pellets of about 1 g. to stand 
over night in a moist atmosphere such as that provided by a desiccator 
containing a dish full of w ater. The gain in w eight was only 0.01 and 0.00 
per cent for the two pellets respectively, thus giving an average gain of 
0.005 per cent in 24 hours; this is just within the experimental error rela¬ 
tive to weighings. 

S. It should he perfectly stable in air, even at temperatures above lOO^C,, so 
as to allow of thorough drying 

The proof that this condition is completely fulfilled by succinic acid lies 
in the fact that the heat of combustion of succinic acid does not change 
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measurably when it is heated to 140®C. (for 6 hours) under atmospheric 
pressure or to about 120®C. (for 4 hours) under a pressure reduced to 
approximately 0.1 mm. of mercury. 

It should not he volatile 

It has been found that samples of about 4 g. of succinic acid, either in the 
form of finely crushed powder or in pellets, lost only one part in 10.000 
after being left for a fortnight in an evacuated desiccator over phosphoric 
anhydride. 

The volatility of succinic acid, at ordinary temperature and even in 
vacuo, is thus exceptionally small. • 

S. It should he easily compressihle into firm pellets 

Whether the pellets of succinic acid were made after a preliminary grind¬ 
ing to an exceedingly fine powder or whether they were prepared directly 
from the larger crystals, there never arose any difficulty during the removal 
of the pellets from the pellet press or during subsequent manipulations. 
Dozens of them were seized with the forceps to and from the balance pans 
without any loss of material being ever measurable; some were placed in 
the crucible inside the bomb and oxygen admitted swiftly into the latter, 
without any loss of weight being experienced. In short the pellets of suc¬ 
cinic acid behaved in all respects quite as satisfactorily as those made with 
benzoic acid. 

6, It should he easily infiammahle 

The fact that some difficulty was experienced at the beginning of the 
first series of combustions when cotton wool was used for ignition purposes 
cannot be considered, in the authors' opinion, as an argument in favor of 
the contention that succinic acid may be somewhat deficient from the point 
of view of its inflammability, as has been stated about some other sub¬ 
stances (sucrose in particular!) which possess only a small heat of combus¬ 
tion per gram. Indeed, succinic acid can be ignited with great ease when a 
suitable igniter is used, and it is not necessary to employ an unduly large 
quantity of igniter, since less than 4 mg. of thread was found to be always 
quite sufficient. 

7. It must he of such a nature as will favor complete combustion 

As already mentioned, all tests for carbon monoxide gave negative re¬ 
sults; nor were deposits of unburnt carbon ever left behind. 

As a corollary to the last condition, the substance should obviously not 
possess the tendency to project small particles of its own substance out of 
the crucible, before burning. The excellent agreement obtained between 
individual results for the heat of combustion of the acid from some thirty 
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combustions proves quite peremptorily that such an eventuality is not 
likely to arise with succinic acid 

IX. CONCLUSION 

Succinic acid has been shown to fulfill to a high degree all the conditions 
which may reasonably be required from a calorimetric standard: in par¬ 
ticular, it has given for the heat of combustion of fifteen different samples 
values which show a remarkable agreement amongst themselves. Even 
when the values of different observers are considered, there is undoubtedly 
a definitely better agreement between the modern ones as there is in the 
case of the other prospective auxiliary standard, namely, salicylic acid: 
the first is markedly more stable on heating than the latter and conse¬ 
quently much easier to dry thoroughly and without fear of decomposition; 
further, the purity of succinic acid may always be tested by way of an ac¬ 
curate titration, which is not the case with salicylic acid. 

In conclusion, the author proposes to adopt formally succinic acid as a 
secondary calorimetric standard for bomb calorimetry and to accept for 
its isothermal heat of combustion at the temperature 20®C. the value 
3025 ± 1 caloriesiB (per gram weighed in vacuo). 

The author desires to express his sincere thanks to Professor E. C. C. 
Baly, F. R, S., Head of the Inorganic Department, for laboratory facilities 
generously provided for the present investigation. 
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The investigations of Lamb, Bray, and Frazer (20) on catalysts for the 
oxidation of carbon monoxide resulted in a mixed oxide catalyst, Hopca- 
lite, which completely oxidized carbon monoxide in air at room temperature 
and below. Since then numerous materials have been tested by different 
investigators, and in most instances oxide catalysts have proved superior. 
Bray and Doss (7) and Almqui&t and Bray (2) studied copper oxide and 
manganese dioxide. Bone and Andrew (6) studied nickel and copper and 
their oxides as catalysts. Taylor and Jones (29) also investigated copper 
and copper oxide catalysts, while Benton (5) made a study of several 
oxides and mixtures. Frazer (12), Whitesell and Frazer (31), Bennett (3), 
and Loane (23) have shown that highly purified oxide catalysts are more 
active than mixtures and that the activity depends more on the purity 
than on promoter action. 

However, all the catalysts discussed above lose their activity on heating 
to elevated temperatures, owing either to sintering or to a change in chemi¬ 
cal composition. Recently some attention has been directed toward 
catalysts which would stand heat treatment. Engelder and Miller (10) 
reported tests of a number of mixed oxides, the best being a mixture of 
copper and titanium oxides. Engelder and Blumer (9) found that a 
catalyst composed of cobaltic and ferric oxides was 100 per cent efficient 
at room temperature and could stand heating to 890®C. without a decrease 
in activity. Frazer (11) and Lory (24) have investigated the metal 
chromites and found them to be moderately active after heatmg to high 
temperatures. 

In the present investigation catalysts of the oxide type and catalysts of 
the chromite type were studied, and it will be convenient to discuss them 
under two classifications according to whether they were supported or 
unsupported. 

The catalysts were tested by the method described by Loane (23). 

UNSUPPORTED CATALYSTS 

Chromites 

The chromites were prepared by the ammonium chromate method which 
has been used in different modifications by Lazier (22), Adkins and his 
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coworkers (1, 8), and Lory (24). Molar weights of chromic anhydride 
and the metal nitrate were dissolved in water, precipitated with 3 moles 
of ammonium hydroxide, the precipitate filtered, washed with 250 cc. of 
water, and dried in an oven at 100°C. The metal ammonium chromate 
was decomposed by heating small portions carefully in a covered dish. 
The resulting chromite was heated for an hour in a crucible furnace. 

Nickel chromite No. 1, copper chromite No. 1, cobalt chromite No. 1, 
and zinc chromite No. 1 were leached with hydrochloric acid until the 
excess metal oxide was dissolved out. 

Cobaltites 

Holgersson and his coworkers (17) report the formation of cobaltites, 
MC 02 O 4 , when a divalent metal nitrate and cobalt nitrate in a 1:2 mole 
ratio are dissolved in water, evaporated, the nitrates decomposed, and the 
resulting mixture of oxides heated to 80(>~850®C. for a few hours. Natta 
and his coworkers (26, 27) have examined the structure of these compounds 
by means of the x-ray. They found them to be spinel-type compounds 
with a general formula M‘^+0 M 2 +++ 03 . 

Iron cobaltite No. 2 and zinc cobaltite No. 2 were prepared by Holgers- 
son’s method. The others were prepared by dissolving the nitrates in a 
2:1 mole ratio of cobalt and the other metal in water, adding a sufficient 
excess of ammonia to dissolve nearly all the original precipitate and form 
the ammonia complex (in the case of iron, naturally only the cobalt dis¬ 
solved and formed the ammonia complex), evaporating the solution to 
dryness, decomposing the residue, and finally heating in the crucible fur¬ 
nace. This method gave a more finely divided, and to some extent more 
active, catalyst than the evaporation of the nitrates. 

Ferrites 

S. Hilpert (15) and Suzanne Veil (30) report the formation of ferrites by 
heating thg mixed oxides to 900°C. Natta and Passerini (25) and Holgers¬ 
son (16) have studied the crystal structure by means of x-rays and have 
found spinel forms. 

Cobalt ferrite No. 1, copper ferrite No. 1, nickel ferrite No. 1, and man¬ 
ganese ferrite No. 1 were prepared by dissolving the nitrates of iron and 
the other metal in a 2:1 mole ratio in water, evaporating to dryness, decom¬ 
posing the nitrates by heating, and finally heating the mixed oxides to the 
desired temperature. The ferrites No. 2 were prepared by precipitating 
the hydroxides from a solution of the nitrates or chlorides in a 2:1 mole 
ratio. The resulting hydroxides were filtered, washed with hot water, 
dried, and heated in the crucible furnace. Cobalt ferrite No. 2-B was 
washed with hot water after the final heating until the filtrate showed no 
test for chlorides, then heated again to 975°C. 
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Manganites 

Cobalt manganite No. 2 was prepared according to Gmelin (13). 
Twenty-one grams of cobalt sulfate and 12 g. of potassium permanganate 
were dissolved in 600 cc, of water. Six hundred cc. of 3 per cent hydrogen 
peroxide were then added. The precipitate was filtered, washed free of 
sulfates, dried, and heated. The copper -cobalt manganite was prepared 
according to the directions in the patent of the I. G. Farbenindustrie (18). 
To 500 cc. of a saturated solution of potassium permanganate was added 
60 g. of cobalt sulfate and 50 g. of copper sulfate. Hydrogen peroxide was 
then added until the permanganate color was discharged. The precipitate 
was filtered, washed free of sulfates, dried, and heated. The copper 
manganite and cobalt manganite No. 1 were made similarly. 

Aluminaies 

The aluminaies may be prepared by heating the mixed oxides in the 
correct mole ratios. Hedvall (14) has prepared many of these and Holgers- 
son (16) and Natta and Passerini (25) report spinel structures from x-ray 
studies. Most of the aluminates have very distinctive colors. 

Chopper aluminate No. 2 and nickel aluminate No. 2 were prepared from 
a solution of the nitrates in a 2:1 mole ratio of aluminum and the other 
metal by adding ammonium hydroxide to a slight excess and precipitating 
the hydroxides. The mixed hydroxides were filtered off, washed, dried, 
and heated. The other aluminates were prepared by evaporating the 
solution of the nitrates to dryness, decomposing the nitrates, and heating. 

The results of the tests of the efficiency of the unsupported catalysts 
are summarized in table 1. 

SUPPORTED CATALYSTS 

Aluminum oxide was used as the support. A ready supply was found in 
Hydralo, a commercial granular and porous product containing some silica. 
Precipitated alumina was also used. Inasmuch as Hydralo takes up 
moisture from the air very readily, it was necessary to heat the catalysts 
and let them cool in a dry atmosphere just before testing. Moisture acted 
as a poison for these catalysts at moderate temperatures. 

The supported cobalt catalysts were the same color as cobalt aluminate 
and apparently consisted of a surface layer of cobalt aluminate on the 
alumina. 

Cobalt aluminate No. 3 

To 10 g. of Hydralo was added 6 g. of cobalt nitrate dissolved in 40 cc. of 
water. The mixture was evaporated to dryness, the nitrates decomposed, 
and the material heated to 1000®C. for 1 hour. 
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TABLE 1 

Efficiency of unsupported catalysts 


Cobalt chromite No. 1. 

Copper chromite No. 1. 

Nickel chromite No. 1... 

Nickel chromite No, 2... 

Zinc chromite No. 1. 

Zinc chromite No. 2. 

Mixed copper-cobalt chromite No. 1. 
Mixed copper-cobalt chromite No. 2. 

Copper cobaltite No. 1. 

Nickel cobaltite No. 1.. .. 

Iron cobaltite No. 1 . . 

Iron cobaltite No. 2 . . 

Zinc cobaltite No. 1 . 

Zinc cobaltite No. 2 . . 

Cobalt ferrite No. 1. . 

Cobalt ferrite No. 2-A . . . 

Cobalt ferrite No. 2-B . 

Copper ferrite No. 1 
Copper ferrite No. 2 
Nickel ferrite No. 1. . . 

Manganese ferrite No. 1 . 

Copper cobalt manganite No. 1.. 

Copper manganite No. 1. 

Cobalt manganite No. 1. 

Cobalt manganite No. 2. 

Cobalt aluminate No. 1... 

Copper aluminate No. 1. . 

Copper aluminate No. 2. . 
Manganese aluminate No. 1 . 

Nickel aluminate No. 1 . 

Nickel aluminate No. 2., 

Zinc aluminate No. 1. . 

Iron aluminate No. 1., 


PBA CBNT OP CARBON MONOXIDE CONVERTED AT 


AT “C. 

60*0. 

lOO-C. 

ISO'C. 

200*C. 

250®C. 

300*C 

M0*C, 

1000 

0 

0 

0 

55 

100 

— 

— 

1000 

0 

8 

60 

100 


— 


1000 

0 

0 

0 

15 

62 

100 

— 

700 

0 

0 

11 

45 

94 

100 


725 

0 

0 

8 

22 

73 

100 


725 

0 

8 

25 

41 

48 

65 

100 

325 

40 

100 

— 





750 

15 

70 

100 



— 

— 

950 

0 

10 

78 

100 

— 

— 

— 

950 

0 

30 

80 

100 



— 

925 

0 

8 

50 

100 


— 


925 

0 

15 

55 

100 


— 


925 

0 

20 

62 

100 

— 

_ 


925 

0 

10 

60 

100 

— 

— 

— 

975 

0 

0 

18 

66 

100 

_ 

_ 

700 

0 

2 

16 

50 

90 

100 

— 

975 

0 

0 

21 

60 

90 

100 

— 

975 

0 

0 

7 

41 

87 

100 


700 

0 

4 

25 

68 

87 

100 


975 

0 

0 

4 

17 

46 

82 

100 

975 

0 

0 

0 

6 

15 

38 

58 

1000 

0 

0 

3 

12 

23 

42 

59 

1000 

0 1 

0 

78 

100 


— 

— 

1000 

0 

0 

18 

45 

77 

94 

100 

1000 

0 

0 

2 

7 

30 

57 

78 

975 

45 

70 

100 


_ 



975 

0 

0 

25 

100 

— 

— 

— 

975 

0 

8 

75 

100 


— 

— 

975 

0 

0 

18 

62 

100 

— 

— 

975 

0 

0 

9 

58 

90 

100 

— 

975 

0 

0 

18 

54 

100 

— 

— 

975 

0 

0 

0 

0 

0 

0 

28 

975 

0 

0 

6 

25 

70 

100 

—- 


Cobalt aluminate No, 4 

A fresh layer of alumina was put on the surface of the Hydralo by adding 
3 g. of aluminum nitrate in water to 10 g. of Hydralo, evaporating to dry¬ 
ness, and heating to 1000®C. This Hydralo was then treated as above. 
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Cobalt aluminatc No. 5 

Sixty-five grams of aluminum sulfate and 1.5 g. of cobalt nitrate were dis¬ 
solved in 1000 cc. of w^ater and ammonia added until just alkaline. The 
precipitate was washed, dried, heated to 1000®C. for 1 hour, washed until 
free from sulfate, heated to 1000®C. again, allowed to stand overnight in 
an ammoniacal solution of cobalt nitrate, washed until free from ammonia, 
and finally heated at 1000®C. for 1 hour. 

Kleinstuck (19) reported that alumina took up metals from ammoniacal 
solutions of their salts and on ignition gave characteristic colors. He also 
mentioned that the blue-green copper compound oxidized warm methyl 
alcohol. Schenk (28) found that if not more than 5 per cent copper oxide 
was present in a precipitated mixture of copper and aluminum oxides the 
resultant mixture was grayish blue on ignition. The copper catalysts 
prepared were all bluish green in color. If too much copper were put in, 
they turned brown like copper aluminate. The catalyst was apparently 
a finely divided stabilized copper oxide. 

Copper oxide No. 1 

Ten grams of Hydralo was put in a solution of 2 g. of copper nitrate in 20 
cc. of water. The mixture was evaporated, the nitrates decomposed, and 
heated to 925®C. for 1 hour. 

Copper oxide No. 2 

Two grams of aluminum nitrate in 20 cc. of water was added to 10 g. of 
Hydralo. The solution was evaporated to dryness, nitrates decomposed, 
and heated to 1000®C. for 1 hour. It was then put into a solution of 2 g. 
of copper nitrate in 20 cc. of water, evaporated to drjmess, nitrates decom¬ 
posed, and heated to lOOO^C. for 1 hour. 

Copper oxide No. 3 

Ten grams of Hydralo was treated with a small amount of sodium silicate 
solution and heated to 1000®C. It was then put in a copper nitrate solution 
and the solution evaporated to dryness carefully so as not to decompose the 
nitrates. The residue was w’^ashed with w^ater until the w^ash w^ater showed 
no copper. The residue was dried and heated to 1000°C. for 1 hour. 

Copper oxide No. 4 

Ten grams of Hydralo w as treated with ammonium hydroxide solution, the 
ammonia poured off, and immediately aluminum nitrate solution was 
added. This formed a gelatinous alumina around the Hydralo. This 
was washed, allowed to stand in copper nitrate solution, then washed until 
the w^ash water was free from copper, dried, and heated to 1000®C. 
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Copper oxide No. 5 

Ten grams of Hydralo was allowed to stand in aluminum nitrate solution 
for several minutes and was then transferred into ammonium hydroxide 
solution. It was treated with an ammoniacal solution of copper nitrate, 
washed until free from alkali, dried, and heated to 1000°C. 

Copper oxide No. 6 

About 75 g. of anhydrous aluminum chloride was dissolved in 1500 cc. 
of water. The solution was heated to boiling and ammonia was added 
until the solution was decidedly alkaline. Then an ammoniacal solution 


TABLE 2 

Efficiency of supported catalysis 


CATALYST 

TBMPBRATTJRB 

OF TEST 

PER CENT 

CUNY B RSI ON 


degrees C. 


Cobalt aluminate No. 3. 

157 ’ 

75 

Cobalt aluminate No. 4. 

164 

100 

Cobalt aluminate No. 5 . 

90 

100 

Copper oxide No. 1 . 

161 

50 

Copper oxide No. 2.| 

124 

154 

75 

100 

Copper oxide No. 3.| 

100 

118 

90 

100 

Copper oxide No. 4.| 

26 

70 

50 

100 

Copper oxide No. 5.| 

25 

55 

50 

75 

Copper oxide No. 6 . | 

26 

70 

50 

100 


of copper chloride was added until the supernatant liquid was dark blue. 
The precipitate was washed by decantation until free from alkali, filtered, 
washed, dried, and heated to 1000®C. for 1 hour. 

OXIDATION WITH NITROUS OXIDE 

In order to arrive at some mechanism for the catalytic action of the 
various catalysts, it was decided to use some other source of oxygen than 
that of the air. So a 40:60 mixture of nitrous oxide and nitrogen was 
used with 1 per cent carbon monoxide. The temperatures of 100 per cent 
oxidation in nitrous oxide and in air are given in table 3. 

It will be noticed that the chromites, cobaltites, and manganites give 
100 per cent oxidation at temperatures rather close together, while with 
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the aluminate and the copper oxide there is a wide discrepancy. In the 
first class are those compounds whose metal anion has a variable valence 
while in the other no such possibility exists. Lory (24) has shown that 
with air the chromites form a surface chromate which may be leached off 
with hot water. The amount of chromate may be determined by adding 
potassium iodide and titrating the liberated iodine with thiosulfate. 
Chromate formation w^as likewise proved here with the nitrous oxide. 
Five grams of copper chromite No. 1 was heated to 300®C. for 2 hours, leached 
with hot water, and chromate equivalent to 11.5 cc. of 0.01 N thiosulfate 
was obtained. It w^as heated again to 300°C. and then put in the nitrous 
oxide-nitrogen-carbon monoxide gas stream at 193®C. for 3 hours. At the 
end of that time a test showed 100 per cent oxidation of the carbon monox¬ 
ide. The chromite was leached and showed a chromate equivalent of 5.8 
cc. of thiosulfate. It wrs dried at 90®C. and then leached, showing a 


TABLE 3 

Comparison of oxidation with nitrous oxul» and air* 



TEMPER4TUKE AT 100 PER CENT 


OXIDATION 

C’ATAI.YOT 1 

Ajf 

NkO 

Copper chromite No. 1 . . 

181 

182 

Cobalt chromite No. 1 

252 

250 

Copper cobaltite No. 1 

171 

176 

Copper manganitc No. 1 

198 

185 

Cobalt aluminate No. 1 

156 

170 

tCopper oxide No. 6 

25 

250 


* Mr. C. G. Albert made the tests with nitrous oxide, 
t 60 per cent oxidation. 


chromate equivalent of 0.8 cc. of thiosulfate. It was dried again at 90°C. 
and put in the train as before. After 4 hours in the gas stream at 196®C. 
the catalyst showed 100 per cent conversion. It was removed and leached 
and showed 2.2 cc. thiosulfate or nearly three times the amount of the 
blank (0,8 cc.). This indicates that the nitrous oxide oxidizes the chrom¬ 
ite analogously to air, but not quite all the surface is oxidized,—only 
the more active spots and apparently these are the catalytically active 
spots. While the carbon monoxide is capable of reducing the w^hole sur¬ 
face, only the more active parts are oxidized by nitrous oxide and serve for 
catalysis. This serves to bear out further Lory’s theory of alternate 
oxidation and reduction of the catalyst surface. 

REACTIONS OP COPPER OXIDE NO. 6 

Some copper oxide No. 6 was put in a tube between two gas burets and 
heated to 370®C. Nitrous oxide was passed back and forth over it without 
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any change in volume. Apparently it does not act as a catalyst for the 
dissociation of nitrous oxide. The fact that there is no free oxygen present 
in the nitrous oxide oxidation helps to account for the difference in tempera¬ 
ture of equivalent conversions. 

Hydrogen was passed over the catalyst at ITS^C. Brownish copper- 



colored spots appeared on the catalyst at different places and the spots 
gradually spread out until the whole catalyst was copper colored. On 
exposure to the air the catalyst slowly turned to its original bluish green 
with a distinct evolution of heat. The catalytic activity was the same at 
the end of the experiment. This indicated that the copper oxide was so 
finely divided that the reduced copper was almost pyrophoric. 
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Pure carbon monoxide was passed over the catalyst for 1.5 hours at 
220®C., but no reduction was discernible, while hydrogen reduced the same 
catalyst completely in 10 minutes. Evidently an oxidation-reduction 
mechanism could not be used to explain the catalysis. 

The adsorptive capacity of the catalyst for oxygen and for carbon monox- 



Fig. 2. Adsorption of Carbon Monoxide on Copper Oxide No. 6 


ide was then determined. The adsorptions were made in the customary 
way. A mercury vapor pump was used to evacuate the apparatus to 
10”^ cm. or better. The catalyst was degassed at 375°C. overnight after 
each run. The gases were purified by standard methods. The dead 
space in the apparatus was determined with helium. The sample of sup¬ 
ported copper oxide weighed 6.33 g. and the dead space was lO.Q^cc. 
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The oxygen adsorption at all temperatures and pressures was instan¬ 
taneous. The carbon monoxide adsorption was instantaneous at — 79®C., 
but at 0®C. and room temperature there was an immediate adsorption 
followed by a slower adsorption which lasted from half an hour to four 
hours. The pressure decrease was rapid at first and then became progres¬ 
sively slower. This is indicative of chemical adsorption. The adsorption 
isotherms are shown in figures 1 and 2. The volume is calculated to 
standard conditions. They agree qualitatively with Benton^s (4) adsorp¬ 
tions on copper oxide but show a larger adsorption, as would be expected 
from the more finely divided copper oxide. Adsorption measurements of 
oxygen, carbon monoxide, and carbon dioxide on copper chromite and other 
of the catalysts are now being made in this laboratory. 

DISCUSSION OF RESULTS 

From the standpoint of efficiency the supported copper oxide catalysts 
are by far the best of those reported, although several others give good 
conversion of carbon monoxide at moderate temperatures. 

From the standpoint of the mechanism of the reaction it is possible to 
divide the catalysts into two groups,—those with a probable oxidation- 
reduction mechanism and those which probably do not have such a mecha¬ 
nism . 'I'he chromites, cobaltites, ferrites, and manganites may be put in the 
former class, while the aluminates and the supported copper oxides belong 
in the latter. It has been shown by Lory, and further substantiated by 
the present work, that there is a formation of surface chromate on the 
chromites and that this is reduced by carbon monoxide and oxidized by 
air and also nitrous oxide. These reactions indicate that the catalytic 
action is due to an alternate oxidation and reduction of the surface layer. 
The adsorption measurements being made here should throw further light 
on this. 

On the other hand it appears that carbon monoxide will not reduce the 
copper oxide catalysts, and with the aluminates there is no possibility of 
valence change similar to that occurring with the chromites. The adsorp¬ 
tion measurements show that carbon monoxide is chemically adsorbed on 
the surface of the copper oxide and also adsorbed very strongly, while the 
oxygen is adsorbed only slightly. Bone and Andrew (6) say that on ordi¬ 
nary copper oxide a layer of oxygen and nitrogen is adsorbed, that the oxygen 
is ‘^activated,"' and that this oxygen oxidizes the carbon monoxide. How¬ 
ever from the measurements made here it would seem that the carbon 
monoxide was the more strongly adsorbed and received an energy of activa¬ 
tion due to adsorption and then reacted with the oxygen somewhat simi¬ 
larly to Langmuir^s (21) explanation of the action of platinum on this 
same reaction. 



CATALYSTS FOR CARBON MONOXIDE OXIDATION 


745 


SUMMARY 

1. Methods of preparation and tests of eight chromite, six cobaltite, 
seven ferrite, four manganite, eleven aluminate, and six supported copper 
oxide catalysts have been given. 

2. Further evidence has been advanced to show that the mechanism 
of the chromite catalysis is alternate oxidation and reduction. 

3. The adsorption isotherms for oxygen and for carbon monoxide on a 
supported copper oxide catalyst at — 79®C., 0°C., and 27®C. have been 
determined. 

4. A mechanism for the catalytic action of the supported copper oxide 
catalysts has been proposed. 
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SPECIFIC HEAT OF FURAN AND ETHYL ETHER VAPORS 
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Inspection of the available data on the specific heats of gases and vapors 
reveals the fact that there has been very Uttle experimental work published 
on the latter. This paper gives the results of investigations concerning the 



effect of temperature on the specific heat at substantially one atmosphere 
for the vapors of the two compounds, furan and ethyl ether. The data 
were obtained by the constant flow method and cover a temperature range of 
approximately 45'’C. to 100®C. 

Figure 1 gives the essential details of the apparatus. The design was 
essentially that used by Buffington and Fleischer (1). The oil bath was 
controlled to ±0.1®C. by a Cenco relay. In the case of cafibration the 
volume of gas was measured on the outlet side by means of a specially 
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designed Sprague gasometer which had been checked against a previously 
calibrated Sargent gas meter, the customary temperature and pressure 
corrections being made in every case. The ether and furan were vaporized 
from a brass boiler situated on a torsion balance, and recovered on the 
outlet side in a similar container immersed in an ice-salt mixture, with a 
vent to the atmosphere guarded by a calcium chloride tube. The boiler 
outlet tube was joined to the calorimeter inlet tube by means of a short 
rubber connection lined with tin foil. The boiler was wrapp)ed with an 
insulated 110-volt heating coil, and various gas rates were obtained by 
adjustment of an external resistance in series with the heater. The inlet 
gas was brought to the temperature of the bath by passing through 8 meters 
of copper tubing immersed in the oil bath. The gas then passed over a 
1-inch plug of copper gauze just before reaching the inlet thermocouple. 
The calorimeter proper was enclosed in a 5()0-cc. silvered Dewar flask im¬ 
mersed in the oil bath. The gas, after passing the inlet thermocouple, 
immediately entered the outer shell of the calorimeter proper, C, by way 
of two side-arm tubes. It then sw^ept down the sides, over the heater leads, 
meeting the heating element at the bottom. The heating element consisted 
of a 75-ohm chromel wire coil, supplied with current from lead storage 
cells, the amount of electrical energy being controlled by means of a slide 
wire resistance in series with the cells. The heater was enclosed in a double- 
walled, silvered Dewar tube, and provided with an insulated sheet metal 
radiation shield. After contact with the heater the gas passed over an¬ 
other plug of copper gauze just before reaching the outlet thermocouple. 
The thermocouples were made from No. 31 copper constantan wire and 
carefully calibrated over the range O^C. to the boiling point of resublimed 
c.p. naphthalene, e.m.f. measurements were made with a Leeds and 
Northrup student's potentiometer, P, equipped with a Leeds and Northrup 
Type HS reflecting galvanometer, G. The voltage drop across the heater 
plus the standard 1-ohm resistance in series with it was measured by means 
of a voltmeter, V, checked against the potentiometer. The amount of 
current drawn by the heater was measured with the potentiometer from 
the drop in potential across the standard 1-ohm resistance. The electrical 
arrangement was designed to give continuous as well as accurate readings. 
The potentiometer was balanced against the standard cell before each run, 
and readings were taken over a period of twenty to thirty minutes after 
equilibrium had been reached. In the case of every gas, tests were made 
to ascertain the minimum gas rate above which the observed specific heat 
values were constant. For carbon dioxide this rate was found to be ap¬ 
proximately 31 moles per hour, and for the other calibration gases approxi¬ 
mately 35 moles per hour. For furan and ethyl ether the minimum gas 
rate proved to be 14 moles per hour. 
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A number of common gases including hydrogen, nitrogen, oxygen, 
carbon dioxide, and air were used for the purpose of calibration of the 
calorimeter. The hydrogen, nitrogen, and oxygen were of the laboratory 
grade as obtained from the Air Reduction Sales Co. The carbon dioxide 
was of a similar quality, obtained from Pure Carbonic, Incorp., Chicago, 

TABLE 1 


Flow calorimeter data and results for fur an vapor at atmospheric pressure 


i 

RUN NO 

HEAT INPUT 

VAPOR FLOW 

TEMPERATURE RISE 

Cp 

(corrected) 

At 44..33°C. 


cal. per hour 

g per hovr 

degrees C. 

cal. per mole per "C. 

1 

533 

1104 

1 76 

17 21 

2 

533 

1146 

1 69 

17 29 

3 

533 

1161 

1.67 

17.22 

4 

533 

1020 

1 91 

17.17 

5 

533 

1059 

1 84 

17.17 

Average. 

17 21 


At 67.7rC. 


1 

531 

1276 

1.40 

18.67 

2 

390 

1002 

1.31 

! 18.66 

3 

531 

1092 

1 64 

18.61 

4 

531 

1173 

1.53 

18.56 

5 

531 

1146 

1 57 

18 53 

Average. 

18.61 


At 98.99°C. 


1 

529 

1074 

1.52 

20 33 

2 

529 

1110 

1.48 

20 21 

3 

530 

1002 

1.65 

20 13 

4 

530 

1143 

1 44 

20 21 

5 

530 

984 

1.65 

20.49 

6 

527 

1164 

1 39 

20 44 

Average. 

20 30 


Illinois. All were passed over phosphorus pentoxide before entering 
the calorimeter. The compressed air was tapped off the laboratory supply 
and passed over soda lime, anhydrous calcium chloride, and finally phos¬ 
phorus pentoxide. The furan was prepared according to the method of 
Gilman and Lousinian (4) by the decarboxylation of furoic acid in the pres¬ 
ence of a tar base and copper oxide as catalyst, and refractionated over 
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anhydrous calcium chloride. Results of the sodium fusion test for nitro¬ 
gen in the final product were negative. The ethyl ether used was of the 
Mallinckrodt c.p. anhydrous quahty. All specific heat measurements were 
made on a middle fraction of each liquid. After completion of all measure- 

TABLE 2 


Flow calorimeter data and results for ethyl ether vapor at atmospheric pressure 


BUN NO 

BBAT INPUT 

VAPOR FLOW 

TSMPBRATUBB RISK 

Cp 

(CORRBCTED) 

At 44.34°C. 


cal. per hour 

g. jter hour 

degrees C. 

cal. per mole per ®C 

1 

882 

1206 

1.74 

28.75 

2 

878 

1350 

1.55 

28 66 

3 

878 

1412 

1 48 

28 68 

4 

878 

1514 

1.37 

28 80 

5 

878 

1226 

1 70 

28 75 

6 

697 

1150 

1 44 

28 75 

Average. 

28 73 



At 67.3:J°C. 


1 

692 

1329 

1.17 

30 45 

2 

872 

1136 1 

1 71 

30 65 

3 

875 

1384 

1 42 

30 37 

4 

1080 

1420 

1.69 

30 64 

^ 1 

875 

1232 

1.58 

30 64 

6 1 

875 i 

1288 

1 51 

30.74 

Average. . 

30.58 


At gQ.itrc. 


1 

872 

1496 

1.24 

32 13 

2 

872 

1342 

1.39 

31.94 

3 ! 

870 i 

1188 

1 56 

32.06 

4 

872 

1118 

1.65 

32 31 

5 

872 

1308 

1 41 

32.29 

6 

873 

1190 

1.56 

32.12 

Average. 

32 14 



ments, the two liquids were redistilled. The boiling point ranges thus 
obtained were, for ethyl ether, 33.3‘’C. to 33.9‘’C., and for furan, 30.2'’C. 
to 30.6®C., at 734.5 mm. The original calibration was then checked by a 
final run on hydrogen. 

Tests made on the Joule-Thomson coefficient proved it to be negligible. 
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A total of twenty-two calibration runs was made and the values com¬ 
pared with those calculated from the equations presented by Eastman (3). 
In all cases the calibration factor proved to be essentially a constant, 0.923. 
The values as found in tables 1 and 2 are believed to be accurate within 
1 per cent for the temperature range covered by the measurements, 45°C. 
to 100®C., and may be represented by the following equations of the type 
employed by Eastman (3) and many other investigators, t being ®C.: for 
furan vapor, Cp = 14.2341 + 7.188 X 10~* < — 1.071 X 10“^!*; for ethyl 
ether vapor, Cp = 23.3833 + 14.71 X lO"** t - 5.929 X 10-^/*. The data 
presented on furan vapor are the first to be published, and those on ethyl 
ether are believed to be the best available for the temperature range covered 
by the measurements. 

Values for ethyl ether vapor calculated from the equation here presented 
compare with those found in the literature as follows, at 80®C., in calories 
per mole per ®C.; Dixon and Greenwood (2), 27.81; Wiedemann (5), 32.66; 
authors, 31.36. 


SUMMARY 

The specific heat of furan vapor at atmospheric pressure was measured 
in a flow calorimeter at 44.33, 67.71 and 98.99®C., the data fitting the 
equation: 

CP (m(.lal) = 14.2341 + 7.188 X lO"*/ - 1.071 X [PC.) 

Similar data on ethyl ether were found to fit the equation: 

CP (molal) = 23.3833 + 14.71 X lO-^f - 5.929 X 10-</» (PC.) 

The authors wish to thank R. M. Buffington for suggesting the general 
problem of the specific heats of polyatomic vapors. Thanks are also due 
Henry Gilman for supplying the relatively large quantity of furan used. 
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INTRODUCTION 

The thermodynamic properties of the alloys of mercury with various 
metals have been carefully studied, particularly in the cases of thallium 
and cadmium. While a number of measurements of the electromotive 
force of lead amalgam cells have been made, there has been no systematic 
study of these systems. 

Puschin (7) measured the potential of lead amalgams against lead in 
normal lead nitrate over the range from 92.6 to 1.8 atomic per cent of lead. 
From pure lead to 66 atomic per cent the amalgams are single-phase and 
solid; from 66 atomic per cent to 1.8 per cent, the low^est concentration 
measured, the amalgams are two-phase. The solid phase is lead mercuride, 
Pb 2 Hg, while the liquid phase is a saturated solution in equilibrium with 
the solid. Puschin found a potential of 0.0063 volt at 20®C. for all the 
two-phase amalgams. Below about 1.4 atomic per cent of lead, the amal¬ 
gams arc unsaturated. 

Gerke (4), Carmody (3), and Spencer (9) have measured the potential 
of lead against the saturated amalgams. Spencer’s value is given by the 
equation E = 0.00552 + 0.0000137<, which gives 0.00586 at 25.00®C. 

Babinski (1) has measured the potential of lead against unsaturated 
amalgams at several concentrations. Richards and Garrod-Thomas (8) 
have measured the potentials of concentration cells, covering the range 
from 1.02 atomic per cent of lead to an infinitely dilute amalgam. 

In this article are presented the results of measurements on the potential 
of lead against unsaturated lead amalgams and against two-phase amal¬ 
gams of higher lead content than those previously studied, together with 
the activities and free energies of formation calculated from them. 

^ Contribution No. 275 from the Department of Chemistry, University of Pitts¬ 
burgh. 

2 Submitted to the Graduate School of the University of Pittsburgh by Creig S. 
Hoyt in partial fulfillment of the requirements for the degree of Doctor of Philosophy. 
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EXPERIMENTAL 

For this purpose, cells were prepared as follows; 

Pb I PbS 04 ! ZnS 04 ! PbS041 PbHg.atd. 

and 

PbHg..td. I PbS041 ZnS04 j PbS041 PbHgu„.atd. 

The chemical reaction occurring involves only the solution of lead in the 
amalgam in the first case and the transfer of lead from the more concen¬ 
trated to the more dilute amalgam in the second. The zinc sulfate has no 
function save to decrease the internal resistance and thereby increase the 
sensitivity of the potential measurements. 


PREPARATION OP MATERIALS 

Lead 

Lead for the amalgams and lead poles was Kahlbaum^s ‘^Lead for analy¬ 
sis” and gave the same potential as that prepared electrolytically. Lead 
electrodes were prepared by melting the freshly scraped bar, as furnished, 
under an atmosphere of hydrogen in a Pyrex tube and forcing the molten 
mass into a glass tube by the pressure of the hydrogen. The surface ex¬ 
posed to the electrolyte was scraped just before use. The platinum lead 
wire was cast in the electrode at the time of preparation. 

Lead sulfate 

Lead sulfate was prepared by precipitation from a solution of lead nitrate 
by zinc sulfate solution, according to the method of Bray (2), which is 
necessary to secure a reproducible potential at a lead-lead sulfate pole. 

Mercury 

Mercury was agitated with concentrated sulfuric acid and then dis¬ 
tilled three times under diminished pressure according to the method of 
Hulett (5). 


Lead amalgams 

Lead amalgams were prepared by placing weighed amounts of mercury in 
a Pyrex separatory funnel with a capillary outlet. A rapid stream of 
hydrogen was introduced through an inlet tube sealed into the ground glass 
stopper, expelling the air from the flask through the outlet. Weighed 
amounts of lead sufficient to give lead amalgams of the desired concentra¬ 
tions were transferred to the funnels while the stream of hydrogen con¬ 
tinued. The mixture was warmed and agitated until it was thoroughly 
homogeneous and then transferred to the cell while still at a temperature 
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high enough to insure that a one-phase amalgam remained. The capillary 
outlet served to remove any oxide coating which might collect on the 
surface. 

Amalgams, which were only homogeneous at high temperatures, were 
prepared in a Pyrex test tube with a capillary outlet under an atmosphere 
of hydrogen and allowed to flow into the cell while still liquid. 

Nitrogen 

Tank nitrogen was freed from oxygen by the method of van Brunt (11). 

Preparation of the cells 

The cells used were of the H type and made of Pyrex glass. A platinum 
lead wire was sealed into the base of each shank and into a mercury well 
through which connection could be made to the potentiometer. Glass 
tubes were inserted through stoppers in each arm, connecting with a 
Pyrex flask containing the electrol 3 rt.e. A stream of nitrogen was bubbled 
through the electrolyte and thence through the cell for four hours. When 
a neutral atmosphere in the cell was insured, sufficient amalgam was intro¬ 
duced into the arm to cover the platinum lead. The electrolyte was then 
forced over from the flask into the cell by the pressure of the nitrogen. 
The glass outlet tubes were sealed to make the cell gas-tight and it was 
transferred to the thermostat containing kerosene and regulated to 0.02®C. 
The cells came to equilibrium in about twenty minutes and gave stable 
potentials for several hours. After this, cells with lead poles gave a slow’ 
but steady drift. Cells having both amalgam poles gave stable potentials 
for a somewhat longer time, but in ten to fifteen hours a gradual change in 
potential began and no steady value was subsequently obtained. 

The potentials were measured with a Leeds and Northrup Type K 
potentiometer, well shielded, using a No. 2500-c galvanometer. The 
standard cell w as calibrated by the Bureau of Standards. 

RESULTS AND COMPUTATIONS 
Free energy of formation of the amalgams 

Teeter (10) has discussed a method for calculating the partial molal free 
energies of amalgams and, hence, the free energy of formation per mole of 
amalgam. 

For the reaction represented by the equation, Ni moles Pb(solid) + Ni 
moles Hg(liquid) = Pb(amalgam, ^" 2 ), Hg(amalgam, .Vi) + ^he free 
energy change may be calculated by the equation, 

AF “ NiAF 1 ■+■ NiAFt 

where AF^ and AF 2 are the partial molal free energies of transfer of mercury 
and lead, respectively, from the metallic state to amalgams of concentration 
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Ni, Nz. The partial molal free energies must be multiplied by the respec¬ 
tive mole fractions, since these indicate the number of moles transferred. 
Now 


—NFEi ■* RT In Oti 

where oi is the activity of mercury in the amalgam, and 

AFi « -NFE2 

El and Ez are the potentials of the cells in which the transfer of mercury 
and lead from the respective metals to the amalgam occurs. 



The potentials of cells having the reaction 

Pb (solid) « Pb (amalgam, N 2 ) 4* 

for various values of N 2 have been determined by direct measurement and 
these have been plotted against the mole fraction of lead in figure 1. 

By making a measurement of the electromotive force of one of the 
amalgams employed by Richards and Ganrod-Thomas (8) against pure lead, 
the potentials of the amalgams employed in these concentration cells may 
be computed down to JV 2 = 0.000994. By making the assumption that the 
activity coefficient of lead in the amalgams of Richards and Garrod-Thomas 
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at N 2 = 0.000994 and 0.000932 are identical, the potentials of the entire 
series out to a mole fraction of 0.000068 may be calculated. These values 
have been plotted on the same curve and show good agreement with the 
present series of measurements. 

Two measurements of Babinski (1) are available and these are plotted 
with the other data. 

By extrapolating the curve to — = 0.00586, the upper limit of concen¬ 

tration of the one-phase amalgam is found to be iVz = 0.0143. Above this 
concentration, the amalgam consists of the compound, Pb 2 Hg, and a 
saturated solution in equilibrium with it. 

TABLE 1 


Free energy of formation of one mole of lead amalgam 


N. 


a?/Ni 

ax/Nx 


-NxlFx 


0 000068 

0 07082 

0 999 

0 999 

joules 

0 928 

j miles 

0 00 

joules 

0 928 

0 000160 

0 05982 

0 995 

0 999 

1 846 

0 406 

2 252 

0 000354 

0 04980 

0 975 

0 999 

3 614 

0 850 

4 464 

0 00102 

0 03648 

0 946 

0 999 

7 392 

2 530 

9 922 

0 00180 

0 02924 

0 935 

0 999 

10 158 

4 615 

14 773 

0 00405 

0 01957 

0 879 

0 999 

15 294 

10 640 

25 934 

0 00697 

0 01401 

0 785 

0 998 

19 008 

19 453 

38 461 

0 00994 

0 00993 

0 754 

0 998 

19 05 

28 03 

47 08 

0.0113 

0 00834 

0 750 

0 997 

18 19 

28 21 

46 40 

0 0126 

0 00724 ! 

0 732 i 

0 997 

17 60 

30 95 

48 55 

0 0138 

0 00629 

0 720 

0 996 

16 75 

34 26 

51 01 

0 0200 

0 00586 

.... 

0 993 

22 62 

65 05 

87 67 

0 0400 

0 00586 i 

__ 

0 972 

45 24 

161 37 

206 61 

0 0600 

0 00586 

— 

0 953 

67 86 

255 70 

323 56 

0 0943 

0 00586 


0 883 

106 6 

501 9 

608 5 

0 1728 

0 00584 

— 

0.807 

195 4 

830 0 

1025 4 

0 286 

0 00582 

_ 

0 707 

323 5 

1209 5 

1533 0 

0 443 

0 00567 

__ 

0 546 

501 0 

1642 7 

2143 7 

0.475 

0 00584 

— 

0 517 

538 4 

1699 8 

2238 2 


AF 2 is calculated directly from the measurements of the potential of lead 
against the amalgams and, when multiplied by iV' 2 , gives the partial molal 
free energy of lead per mole of amalgam. _ 

AFif on the other hand, must be calculated from the equation, AFi == 
In ai, since the standard state is pure mercury. 

Lewis and Randall (6) have shown that the activity of a metal in an 
amalgam may be computed from the potential of the amalgam against an 
infinitely dilute amalgam, by plotting (—AV0.02982 — log Ni) against A 2 , 
where the metal is bivalent, and extrapolating the curve to Ni ~ 0. Since 
the infinitely dilute solution is chosen as the standard state, we have a^/Ni 
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= 1, when Ni equals 0, or log as/Nt equals 0. By subtracting this value 
of the ordinate from the ordinate at any other value of Nt, we obtain log 
Oi/Ni at that point. Table 1 gives the activities of lead calculated in this 
manner, from the most dilute amalgam measured by Richards and Garrod- 
Thomas to a saturated amalgam. 

Lewis and Randall (6) have shown that the activity of mercury in the 
amalgam may be calculated by plotting (—£70.02982 — log Nt) against 
Nt/Ni and solving for log ai/Ni by graphical integration. Table 1 shows 
the activities of mercury in the amalgams and the partial molal free energy 
of mercury per mole of amalgam. 


TABLE 2 

Heat of solution of lead in amalgams at 25.00°C. 


Ni 

E 

j dE/dT 

HBAT OF TRANSFER 

1 HEAT OF SOLUTION 


w/r. 

1 nu\ 

jouha 

joule a 

0.000068 

0 000160 

j 1100 

j 

1 0 03696 

3.86 

11,007 

0 000160 

0 000994 

1 23 28 

0 0792 

04 45 

11,003 

0 000994 

0 00180 

1 8 13 

0 0282 

53.65 

10,938 

0 00180 

0 00405 

1 9 07 

0 0334 

54 58 

10,885 

0 00405 

0 0102 

1 9 94 

0 0391 

331 55 

10,830 

0.0102 

0 0142 

1 4 02 

0 2016 

10,824 3 

10,499 

i 

0 0142 

1 0000 

1 5 80 

0 0140 

-325 4 

-325 4 


The partial molal free energies of transfer of lead and mercury, respec¬ 
tively, from the pure metal to the amalgam are multiplied by the mole 
fractions of the respective metals in the amalgam. The sum of these 
quantities is equal to the free energy of formation of one mole of amalgam. 

In all amalgams in which N 2 is greater than 0.0143, the same solid phase 
is present and the values of ai/Ni and a^/N 2 in the liquid phase are con¬ 
stant, regardless of the mole fraction of lead in the whole amalgam. So 
long as only the liquid phase is considered, these values are 0.996 and 
0.717, respectively. When one mole of amalgam, consisting of both liquid 
and solid phases, is the basis, the activities change with the mole fraction. 
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Heat of solution of lead in lead amalgams 

Richards and Garrod-Thomas (8) have determined the temperature 
coefficients of lead amalgam concentration cells between 0.00°C. and 
29.96°C. The heat of transfer may be calculated from this data using the 
equation of Gibbs-Helmholtz. 

-A// = 192,988 [i^ - 7’(d^/d7’)l 

where T = 298.16. Table 2 shows the heat of transfer of lead in lead 
amalgams and the heat of solution from an infinitely dilute amalgam to 
saturation. 


SUMMARY 

Ckmcentration cells having pure lead as one pole and lead amalgams of 
varying concentration as the other have been constructed and their poten¬ 
tials measured. Reproducible potentials are secured with amalgams up 
to 66 atomic per cent of lead. The amalgam is saturated at 0.0142 mole 
fraction at 25.00°C. and all amalgams between that concentration and 
0.66 give the same potential. 

The free energy of formation of amalgams up to a mole fraction of 
approximately 0.50 have been calculated as well as the activities of lead 
and mercury in the amalgams. 

The heat of solution of lead in unsaturated amalgams has been calculated 

from the temperature coefficient of the electromotive force. 

« 
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In some previous work from this laboratory (8) it has been shown that 
the solubility of naphthalene in chlorobenzene exceeds the ideal solubiUty 
as calculated from the generally accepted value of the latent heat of fusion 
of the naphthalene by means of the Schroder (6) equation. This result 
is not to be expected on account of the relatively non-polar character of 
both substances. Moreover, a determination of the heat of fusion by 
Bogojawlenski (2) gave a value considerably lower than that accepted, and 
one which would give an ideal solubility more nearly in accord with that 
obtained in chlorobenzene. With the above exception, the earlier deter¬ 
minations as summarized by Mathews (4) give a latent heat of fusion per 
mole of 4560 calories. This is the value accepted by the International 
Critical Tables. Later determinations by Andrews, Lynn, and Johnston 
(1) and Spaght, Thomas, and Parks (7) give 4540 and 4585 calories, re¬ 
spectively. The former value is probably more reliable, but the authors 
do not claim an accuracy of more than db 1 per cent. In view of the uncer¬ 
tainty it was deemed best to make a more accurate determination of the 
latent heat of fusion of naphthalene and especially to measure the heat 
capacities of the solid and liquid in order to determine the variation of the 
heat of fusion with the temperature and thus to fix the exact form of the 
ideal solubility curve. 

EXPERIMENTAL 

Materials 

Naphthalene (^‘Baker^s Analyzed^O was recrystallized three times from 
methanol and further purified by fractional freezing twice. Neither 
method alone gave a pure product, but the combination gave a material 
that on freezing shrank in volume by about 20 per cent and formed an 
almost perfectly transparent solid which clung closely to the walls of the 
tube leaving a clean core in the center. The same freezing phenomena had 
been previously observed in the case of very pure benzene prepared by the 

^ This work was made possible by assistance from a grant made by the Rockefeller 
Foundation to Washington University for research in science. 
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method of Richards and Shipley (5). The maximum amount of impurity 
which may be present in such materials is that which can form a saturated 
solid solution with the substance which freezes in the above manner, and 
perhaps a very slight amount which might be held in the interstices in the 
secondary or mosaic structure (10). 

The melting point of the purified naphthalene was not less than 80.25®C. 
A sample from Kahlbaum and designated ^‘for calorimetric purposes'^ 
showed the same melting point and was employed in a few determina¬ 
tions. The naphthalene was sealed up in soft glass tubes of about 9-mm. 
outside diameter and a wall thickness of about 0.5 mm. The total length 
of the tubes was about 18 cm. and the weight of naphthalene about 7 g. 

The calorimeter 

The container was a wide mouth Dewar flask of 1-liter capacity. This 
carried a closely fitting copper cover which extended on the outside about 
3^ inches below the top of the calorimeter. The cover carried a small high 
speed turbine type of stirrer which revolved in a tube. There were also 
two holes with sliding covers for the admission of the sample and the 
thermometer, and a third very small hole for adjusting the level of the 
calorimetric liquid. The thermometer was of the platinum resistance type 
with a sensitive portion 10 cm. long and 1 cm. wide enclosed in a metal tube. 
It had been calibrated by the Bureau of Standards. A Mueller bridge was 
used to measure the resistance. Readings were made to 0.0001 ohm cor¬ 
responding to about O.OOl^C. 

The calorimeter was clamped in the center of a 6-gallon earthenware jar 
filled with Avater until 2 inches of the calorimeter cover was immersed. The 
temperature of the water was regulated to db 0.001 ®C. during the progress 
of the later calorimetric runs. To attain this constancy it was necessary 
to regulate the heating current and to stir violently with a large turbine 
type of stirrer. In some of the early determinations the regulation was to 

± o.orc. 

The calorimetric liquid was kerosene and the supply was kept constant 
by filling every day to a level exactly 3 cm. below the top of the cover. 
This adjustment was made by adding kerosene until the liquid rose in a 
small capillary tube at a calorimeter temperature of 22®C. The calorim¬ 
eter was stirred at a constant rate of 1200 revolutions per minute by a 
small electric motor with a speed regulating device. The constancy of 
stirring during a run was tested by means of an a. c. neon light, applying 
the stroboscopic method to determine the rate of revolution of the pulley 
on the cover of the calorimeter. In a few of the earlier determinations 
the stirring rate w^as 1600 revolutions per minute and in others 1000 per 
minute. 
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The high temperature bath 

This bath was made by winding a 1-inch round copper rod one foot long 
with nichrome ribbon, | inch wide, No. 30 B & S, 0.43 ohm per foot. Thin 
asbestos sheet was placed between the ribbon and the rod, and the outside 
wound with several layers of sheet asbestos. The rod was bored from each 
end with a one-half inch hole and the upper end closed with a copper plug. 
Three and a half inches above the bottom of the furnace there was a small 
hole, through which a glass rod projected to hold the specimen in place. 
The temperature of the hot bath was determined by a single junction 
thermocouple constructed of No. 26 constantan and No. 28 copper wire. 
The hot junction was placed in a small hole bored parallel to the axis of the 
furnace and 4 inches deep. The electromotive force of the couple was 
measured by a Leeds and Northrup Type K potentiometer. The couple 
was calibrated in the same position in the furnace in which it was employed 
in the measurements. The standard instrument used for the comparison 
was a platinum resistance thermometer enclosed in glass, the sensitive por¬ 
tion being about 2 inches long. This portion was placed as nearly as pos¬ 
sible in the position occupied by the specimen. Uniformity in this section 
was tested by raising and lowering the thermometer; the variation at 160®C. 
amounted to about 0.2®C. with a corresponding lower variation at the 
lower temperatures. It is estimated that the average temperature of the 
specimen under conditions of thermal equilibrium was known to less than 
0.1°C., except possibly at temperatures above 130°C. In order to attain 
this accuracy it was necessary to heat with the current from storage bat¬ 
teries and to allow at least three hours from the start of the heating for 
the system to come to equilibrium. Even when changing the bath tem¬ 
perature but a few degrees, a 2-hour period was necessary for the tempera¬ 
ture to become constant. It is probable that the greatest source of in¬ 
accuracy in the measurements was failure to attain equilibrium in the hot 
bath. 

Calorimetric procedure 

Before a run the temperature of the hot bath was read at intervals of five 
t o ten minutes. When the temperature remained practically constant over 
such an interval, readings were made of the temperatures of the hot bath 
and the calorimeter on alternate minutes for a 10-minute rating period 
before the specimen was dropped into the calorimeter. After this, read¬ 
ings of the calorimetric temperatures w^ere made during twenty minutes, for 
the first 2 minutes at half minute intervals and later every minute. The 
time intervals were observed on a stopclock which was started at the 
beginning of the run. The times between runs were in most cases sufficient 
to insure that the temperature of the calorimeter was not far from that of 
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the bath at the start of the procedure. It was seldom that more than 
three runs could be made in a single day. 

The temperature rise At was calculated from the formula, A/ = 03 — 
02 + rjf where 03 is the temperature at the end of the 10-minute calori¬ 
metric period and 02 that at the beginning of this period. The extrapo¬ 
lation correction, ?/, was calculated by means of the modification of the 
Regnault-Pfaundler formula due to White (9). 

The calorimeter equivalent 

Three materials were used as a basis for the measurement of this quantity. 
The first was a sample of parting silver of 99.95 per cent purity cast in a 
graphite mold. The sample weighed 53.5 g. The second was a bar of 
annealed electrolytic copper weighing 84 g., and the third 5.55 g. of water 
sealed in the same glass as was used to contain the naphthalene specimen. 
The heat capacities for the copper and silver were obtained from the In¬ 
ternational Critical Tables. When the determinations w ere made the same 
day, the calorimetric equivalent showed the same value for the different 
samples. For example, the temperature rise was 2.471 X 10~® °C. per 
calorie for the silver sample, while the corresponding figures for copper and 
water were 2.473 and 2.473. Other determinations showed essentially the 
same agreement. There was, however, a considerable change in the calo¬ 
rimeter equivalent w^ith the time. The highest value over a period of four 
months was 2.498 and the lowest 2.452. The maximum deviatif)n from 
the mean of 2.475 was 0.9 i^er cent and the average 0.3 per cent. Certain 
causes of such deviations are slight variations in the amount of calori¬ 
metric liquid and the mending of the basket for holding the calorimetric 
specimen, but the most important was a change caused by two periods of 
abnormally cold weather. The equivalent rose rather rapidly during these 
periods and subsequently declined over a period of about a week. This 
change was probably due to the loss of moisture from the calorimeter, due 
to extremely low relative humidity. No change in the calorimetric equiv¬ 
alent w^as found when the temperature of the hot bath was changed. 
The above changes in the calorimeter equivalent made necessary the deter¬ 
mination of its value on practically every day upon which a run was made, 
especially in the case of the liquid naphthalene. The metal, usually copper, 
was heated to nearly the same temperature as that employed for the 
naphthalene or glass samples. 

THE EXPERIMENTAL RESULTS 

All the observations on naphthalene were reduced to a common calorim¬ 
eter equivalent of 2.470 X ®C. per calorie and to a basic temperature 
of 22°C. Correction was then made for the glass which enclosed the speci¬ 
men from a large scale curve drawn for that substance. The experimental 
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results were then plotted on a large scale, curves were drawn, and their 
equations calculated. The experimental results appear in tables 1 and 2. 

TABLE 1 


Molal heat content for solid naphthalene reckoned from a basic temperature of 


.TBMPBRATUKIfi 

u, 

{ODBEKVBD) 


TEMPERATURE 

Hs 

(OBPER\ EI>) 

A 

degrees C, 

calories per male 


degrees C, 

calories per mole 


36.67 

588 

0 

74 21 

2291 

+24* 

48 79 

1096 

+6 

76 35 

2375 

+2 

59.61 

1563 

-12 

76 51 

2412 

+32t 

65.48 

1874 

4-26 

76 69 

2351 

-38 

66 41 

1881 

-10 

77.08 

2399 

-10 

68 33 

1988 

+ 13 

77 37 

2412 

-11 

69 28 

2033 

+4 

79 59 

2552 

+18 

72 58 

2192 

+4* 

79 90 

2750 

+200 


* Kahlbaum^s naphthalene (for calorimetric purposes), 
t Hath stirring irregular. 


TABLE 2 


Molal heat content of liquid naphthalene reckoned from a basic temperature of 


TEMPERATURE 

III 

(observed) 

A 

TEMPERATURE 

Hi 

(observed) 

A 

degrees C ' 

70 03 

calories per mole 

6550 

+5 

degrees C. 

99.38 

calories per mole 

8062 

+3 

74.16 

6755 

+4 

100.11 

8030 

-67t 

75 53 

6825 

+5 

102.96 

8230 

-20 

76.24 

6863 

+5 

107 95 

8480 

-42 

76 51 

6863 

-7 

108 54 

8540 

-12 

79 75 

7050 

+ 15 

114 50 

8865 

-13 

79 79 

7025 : 

-13 

124 75 

9460 

+17 

80 43 

7058 

-14* 

128 46 

9640 

-12 

81 09 

7147 

+42* 

136 50 

10150 

+43* 

81 77 

7145 

+6 

137 86 

10190 

+2 

84 00 

7195 

-1— 

1 

143 74 

10510 

-19 

86 91 

7370 

+7 

150 25 

10920 

+ 14 

87.68 

7460 

+41 

160 41 

1 11515 

+2 

89.46 

7520 

-19 

161 80 

11560 

-34 

95.29 

7840 

-5 

172.82 

12210 

-48 


* Kahlbaum’s naphthalene (for calorimetric purposes), 
t Irregularity in calorimetric equivalent. 
t Bath temperature not constant. 


All observations made after a certain date are included except two or 
three for which a very definite reason for rejection could be assigned. The 
determinations on liquid naphthalene below 80®C. were made by first heating 
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the specimen above 90°C. for a considerable time and then cooling in the 
furnace until temperature equilibrium was reached. The sample of naph¬ 
thalene from Kahlbaum did not supercool to any extent, but on fractional 
freezing behaved as regards supercooling in the same manner as did the 
highly purified material employed in most of the calorimetric determina¬ 
tions. 

The values under the heading A in the tables indicate the deviations of 
the experimental results from the empirical curves employed to express the 
variation in the molal heat content with the temperature. The equations 
employed are //« = —781 + 33.17 t + 0.1068^^ calories per mole for the 
solid, and Hi = 3309 + 42.4^ + 0.0546<^ calories per mole for the liquid, 
both values being calculated from a basic temperature of 22°C. The sym¬ 
bol t denotes the centigrade temperature. 

The latent heat of fusion of naphthalene 

When the equation for the heat content \'alue for the solid is subtracted 
from that for the liquid, an expression is obtained for the value of the 
molal heat of fusion of naphthalene at various temperatures, at and below 
the melting point. The equation obtained is AH/ = 4090 + 9.23/ — 
0.0522/^. This indicates a value of the latent heat of fusion at 80°C. of 
4495 calories per mole. The value at 70®C. is 4480 calories and at 50®C. this 
has fallen to 4420 calories. The results show a smaller variation of the 
latent heat of fusion with the temperature than is the case for most organic 
substances. In the list studied by Andrews, Lynn, and Johnston (1) only 
quinone and the aminobenzoic acids had smaller differences in the heat 
capacities of the solid and liquid substances at the melting point. In the 
latter substances the results were unsatisfactory owing to decomposition. 

The ideal solubility of naphthalene 

Lewis (3) defines an ideal solution as one that obeys Raoult^s law at all 
temperatures and pressures, and shows that the formation of such a solu¬ 
tion will take place from its component liquids without any heat of mixing 
or change in volume. This means for the ideal solution of a solid in a 
liquid that the heat of mixing shall be the heat of fusion of the solid at the 
temperature at which the solution is made. On this basis the ideal solu¬ 
bility may be calculated by means of a modification of the Schroder (6) 
equation which takes into account the variation in the latent heat of fusion 
with the temperature. The equation expn^ssing this variation as given 
above is transformed into absolute temperatures giving AH/ = —2375 + 
38.10r — 0.0528r^. This expression is not, of course, valid at tempera¬ 
tures much below 0°C. The above value is substituted in the equation 

d In AH/ 
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and integration gives 


In AT - 1195 -19.17 In y + 0.02657(r„ - T) 

where is the absolute melting point of the naphthalene. In table 3 
appear the values of the ideal solubility, expressed in mole fraction of 
naphthalene, as calculated by means of the above expression. The second 
column gives the results obtained when 353.4° was used as the absolute melt¬ 
ing point of the naphthalene. This figure is probably within 0.05° of the 
melting point of perfectly pure naphthalene. Since in the investigation 
of the solubility of naphthalene (8) a material of an absolute melting point 


TABLE 3 

The ideal solubility of naphthalene 


1 

TEMI’SKATURK 

MOLE FRACTION OK 
NAPHTHALENE 

Tm = 363 4 

MOLE FRACTION OF 
NAPHTHALENE 

Tm = 363.15 

MOLE FRACTION OF 
NAPHTHALENE 
BATtTRATKD SOLU¬ 
TION IN CHLORO¬ 
BENZENE 

MOLE FRACTION OF 
NAPHTHALENE 

A// f CONSTANT 

AT 4495 CALORIES 
PER MOLE 

degrees C 

70 

0 819 

0 828 

0 830 

0 829 

62.6 

0 714 

0 716 

0 716 

0 717 

60.0 

0 678 

0.681 

0 682 

0 680 

50 0 

0 551 

0 553 

0 555 

0 551 

49 0 

0 540 

0 541 

0 540 

0 540 

42 8 

0 471 

0 473 

0 473 

0 470 

40 0 ! 

0 442 

0 444 

0 444 

0 441 

30 0 

0 351 

0 352 

0 352 

0 348 

29 4 

0 346 

0 347 

0 349 

0 342 

22 1 

0 290 

0 291 

0 292 

0 285 

20 0 

0 275 

0 277 

0 277 

0 269 

10 0 

0 213 

0 214 

0 215 

0 205 

8.8 

0 207 

0 207 

0 208 

0.198 

4.2 

0.183 

0.183 

0 185 

0 174 

0.0 

0.163 

0.163 




of 353.15° was employed, the ideal solubility was recalculated on that basis 
and the results appear in the third column. The experimental and inter¬ 
polated values for the mole fraction of naphthalene when forming a satu¬ 
rated solution in chlorobenzene at various temperatures are shown in the 
fourth column. The values at the rounded temperatures are the inter¬ 
polated values, while the others are the experimentally observed points 
from which the rounded values were obtained by graphic interpolation. 
These values are taken directly from the previous publication (8). In 
the last column of the table appear the values for the ideal solubility as 
calculated by the original form of the Schroder equation, using 4495 
calories as the molal heat of fusion of naphthalene. 
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DISCUSSION 

The value of the latent heat of fusion of naphthalene obtained in this 
investigation is about 1 per cent lower than the value found by Andrews, 
Lynn, and Johnston (1). A large part of the discrepancy can be accounted 
for by the fact that those investigators used the straight extrapolation 
method for obtaining the calorimetric temperature rise, while in this inves¬ 
tigation a more exact modification of the Regnault-Kaundler formula has 
been employed. In the determination of the calorimetric equivalent, under 
the conditions employed in this work, the two methods give almost identical 
results, but with the naphthalene the simple extrapolation gave considera¬ 
bly higher values for the reason that the heat was developed quite slowly 
at the beginning of the calorimetric period even though the time at which 
the fall of temperature became regular differed but little from the corre¬ 
sponding time for the copper sample. In one measurement for the liquid 
naphthalene at about 80°C. and the corresponding determination of the 
calorimeter equivalent, the extrapolation method gave a heat content per 
mole 45 calories higher than that obtained by the more exact method. For 
the solid naphthalene the heat exchange with the calorimeter was more 
rapid than for the copper sample at the same temperature. In this in¬ 
stance, therefore, the method of calculation would account for the differ¬ 
ence between the results of Andrews, Lynn, and Johnston and those 
reported in this paper. 

The measurement of the heat content of the supercooled liquid naph¬ 
thalene is not important for the measurement of the variation of the latent 
heat of fusion with the temperature, since this variation is small and the 
degree of supercooling attained was not very great, but it does give a much 
greater certainty in obtaining the latent heat of fusion at the melting 
points, since the interpolation errors in the heat content curve for the 
liquid are considerably less than the extrapolation errors. The extrapola¬ 
tion errors in the heat content curve for the solid should be small numeri¬ 
cally, since the extrapolation is carried over a short distance and the heat 
content is small. It is believed that a value for the latent heat of fusion 
of naphthalene of 4495 calories is accurate to within ±15 calories. 

It might be argued that a very long extrapolation of the heat content 
curve for the liquid is necessary to obtain the latent heat of fusion at the 
lower temperatures; this criticism is doubtless justified, but it is to be noted 
that the ideal solubility as calculated from an invariant heat of fusion does 
not differ appreciably from that taking into account such variation until a 
temperature at least thirty degrees below the melting point is reached. 
Even at the lower temperatures the discrepancies are not great and the 
correction introduced by employing the more exact formula is in the right 
direction and of the right order of magnitude to bring the ideal solubility 



HEAT OF FUSION AND SOLUBILITY OF NAPHTHALENE 


769 


into close agreement with the observed solubility of naphthalene in chloro¬ 
benzene. 


SUMMARY 

1. Very pure naphthalene having a melting point of 80.25-80.3®C. has 
been prepared and some interesting phenomena on its freezing have been 
noted. 

2. The latent heat of fusion of this material has been found to be 4495 
calories per mole. 

3. A reason has been suggested to account for the fact that this value is 
somewhat lower than the usually accepted value. 

4. The ideal solubility of naphthalene has been calculated by a method 
which takes into account the variation in the latent heat of fusion with 
the temperature. The results show excellent agreement with previously 
published data on the solubility of naphthalene in chlorobenzene. 
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INTRODUCTION 

The purpose of this paper is to give quantitative methods for the prepa¬ 
ration of impregnated gels of silica, and to explain the anomalous effect of 
high acid concentration on the washing of such gels. The first portion of 
the paper deals with the preparation of impregnated gels; the second with 
the measurement s of the diffusion rates of acid and salts in silica gel. The 
results of the diffusion measurements give an explanation of the behavior 
of the impregnated gels during dialysis. 

EXPERIMENTAL I 

A nalyses of material 

In the preparation of silica gels, it is important to know the concentration 
of the sodium oxide and of the silicon dioxide, and the ratio of these two 
in the water glass in order to duplicate the preparations. This informa¬ 
tion is often absent from papers dealing with the formation of such gels. 
The analysis of the water glass used in our experiments is as follow’^s: 
NaOH = 3.56 molar; SiOn = 6.67 molar; ratio Si02 to Na 20 = 3.75. 

Preparation of the gels 

The method used for the formation of the gels impregnated with heavy 
metal salts is similar to that of Klosky and Patrick (1). A measured 
volume of a salt of known concentration w as added to a definite amount of 
10 normal hydrochloric acid solution. Various volumes of standard 
sodium silicate solution w^ere then added to this salt-acid mixture. The 
combinations employed are shown in t able 1. 

General method for preparation of impregnaied gels of silica 

M the presence of the salt has but little effect on the sol-gel transforma¬ 
tion, a good gel containing any of the above salts may be obtained in the 

^ From the dissertation submitted by B. W. Allan to the Faculty of Philosophy of 
the Johns Hopkins University in partial fulfillment of the requirements for the degree 
of Doctor of Philosophy, 1932. 
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following manner. To 30 cc. of 10 N hydrochloric acid and 10 cc. of any 
of the salts used above, add with constant stirring 100 cc. of 1 per cent 
sodium silicate solution. The rigidity of the gels may be increased by 
using a more concentrated solution of water glass. These ggls should then 
be washed imtil acid-free. 

Behavior of the gels on washing 

After the impregnated gels were successfully prepared, it was decided to 
determine quantitatively the loss of heavy metal ion during dialysis. Two 

TABLE 1 


Preparation of gels impregnated vdth heavy metal salts 


NO. 

BALT SOLUTION 

HYDRO¬ 
CHLORIC 
ACID 10 AT 

SODIUM 

SILICATE 

1 PER CENT 

REMARKS 

Concentration 

Volume 

added 

Iron gel 



cc 

CC 

CC. 


1 

0 1930 g. 

5 0 

2.5 

100 

Clear sol; no gel in two weeks 

2 

FeCb 

5 0 

3.0 

100 

Clear sol; no gel in two weeks 

3 

per cc. 

5.0 

6.0 

100 

Clear sol; gel in one w^eek 

4 1 


5.0 

4.5 

25 

Clear sol; perfect gel in two hours 


Copper gel 


1 

0.2438 g. 

5.0 

5 0 

100 

Clear sol; no gel in one week 

2 

CuCb 

5.0 

3.0 

100 

Precipitate 

3 

per cc. 

5.0 

5.0 

70 

Clear sol; soft gel in one week 

4 


5.0 

5.0 

30 

Clear sol; gel in two hours 


Manganese gel 


1 

0.2148 g. 

5 0 

4.0 

100 

Clear sol; no gel in one w eek 

2 

MnCh 

5.0 

5 0 

100 

Clear sol; no gel in one week 

3 

per cc. 

5.0 

5.0 

90 

Clear sol; gel in one w^eek 

4 


5.0 

5.0 

30 

Clear sol; gel in three hours 


gels impregnated with ferric chloride were prepared. One contained a 
small amount of acid, the other a large amount. Two gels containing 
copper chloride were prepared in a similar manner. These gels were 
carefully analyzed before and after sixty hours of dialysis. The results 
are given briefly in table 2. 

Two important facts were obtained from these analyses. Salts which 
are easily hydrolyzed are retained more strongly than those which are not, 
and salts are held more tenaciously by gels which contain a large excess of 
acid. 
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EXPERIMENTAL II 

It is obvious that experiments like those described above are laborious 
and time-consuming; therefore it was desirable to attack the problem in 
another manner. Plans were now undertaken to measure the rate of 
diffusion of salts and acid through pure silica gel. However, none of the 
orthodox methods for measuring diffusion rates is applicable to silicic acid 
gel, owing to its shrinkage enuring syneresis and to its lack of adhesion to 
glass. 

Finally it was decided to prepare permanent discs of silicic acid, and to 
measure diffusion through them. A mold was made from which thirty-six 
discs, 2.60 cm. in diameter and 1.90 cm. in thickness, could be made at 
once. These discs were made by preparing a sol of silicic acid which was 
then poured into the mold and allowed to set until gelation had occurred. 

TABLE 2 


Behavior of the gels on washing 


UEI. 

SAMPLE 

EXCE8A ACID PER 
100 tC HYDROGEL 

MOLER S1O9 

RATIO --- 

MOI.ES Fe 

MOLES SlOz 

RATIO --—i 

MOLES Cu 



maleH 





Original gel 

0.0173 

6.94:1 


Iron < 


Washed gel 

0 0000 

17.35:1 



Original gel 

0.4025 

6.94:1 




Washed gel 

0.0000 

16.69:1 



f 

Original gel 

0.0173 


6.31:1 

Copper < 

1 

Washed gel 

0 0000 


247 00:1 


Original gel 

0.4025 


6 31:1 



Washed gel 

0 0000 


151 62:1 


They were then removed, dialyzed, and allowed to dry in the air several 
days. Of course the discs shrunk on drying. When they had decreased 
to a definite size, they were replaced in water. However after the gel 
discs had lost such a large amount of water, it was impossible to replace 
them in water without their cracking to pieces. This was due to surface 
strains brought about by the unequal absorption of water. By preparing 
a gel of low acid content this difficulty was overcome. The properties of 
this gel were superior to any of those previously prepared. The discs 
could be dried readily without breakage. A stream of water-laden air was 
passed over them in order to resaturate them gradually. After this 
treatment they could be replaced in water without any danger of breakage. 
On drying, all the discs did not shrink to the same size. Since only six 
discs were needed these could be selected with ease from the lot. 

Figure 1 shows the apparatus in which the discs were employed. A 
series of such apparatus was arranged in a large air-bath thermostat which 
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was kept at a constant temperature of 32.50®C. A 20-liter aspirator bottle 
on the top of the thermostat acted as a distilled water reservoir. This was 
connected by glass tubing to a smaller aspirator bottle (2-liter) inside the 
thermostat. The small reservoir was so constructed that the water drawn 
from it was always under a constant pressure and temperature. A large 
tube (1.6 cm. in diameter) from which side arms protruded carried water 
from the small reservoir to each of the diffusion cells. These side tubes 



entered the inlet tube of the cell. By means of stopcocks the flow of 
distilled water through these cells could be regulated. The rubber tubing 
in which the discs were held was attached to the reservoirs which were used 
to hold the salt solution. These salt reservoirs could easily be adjusted so 
that the face of the disc came in contact with the distilled water which 
flowed through the cell. After the salt reservoirs had been charged^ the 
flow of water through the cells was regulated. The salt solutions were 
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stirred by bubbling air through them. This air had previously been 
saturated with moisture to prevent evaporation of the solvent from the 
salt solutions. Preliminary runs proved to be entirely satisfactory. 

Mecmirements 

The reservoirs were charged with their salt solution and the apparatus 
was adjusted and allowed to come to equilibrium. That is, diffusion was 
allowed to take place until the amount of solute passing through these 
discs per unit of time was constant. After this so-called ^^steady state^' 


TABLE 3 

Hesvlts of the first run 


NO. 

1 

BALT 

I’SEl) 

ACID 

L’BBn 

CONCEN¬ 
TRATION 
OF BALT 

CONCEN¬ 
TRATION 
OF ACID 

TIME OF 
HUN 

NaOH 

AgNOa 

NaOH IN 

TERMS OF 

AgNO, 

ORAM- 
EQUIVA¬ 
LENT OF 
SALT 

DIFFUSED 

X I0-* 

1 

LiCl 

None 

N 

0 90 

N 

0 

hours 

24 

cc. 

0 

3 60 


1.796 

2 

NaCl 

N<»ne 

0 90 

0 

24 

0 

6 40 


3.193 

3 

KCl 

None 

0 90 

0 

24 

0 

8 95 


4 470 

4 

LiCl 

HCl 

0 90 

1 15 

24 

10 30 

19 95 

18 45 

0 749 

5 

NaCl 

HCl 

0 90 

1 15 

24 

12.80 

25 50 

22 95 

1.273 

6 

KCl 

HCl 

0 90 

1.15 

24 

13 30 

27 55 

23 80 

1 872 


TABLE 4 

Average values of three rune 


NO. 

GRAM-EQUIVALENT OP SALT 
DIFFUSED X 10“* 

DIFFUSION COEFFICIENT X 10“< 

1 

1.788 

1 92 

2 

3 202 

3.43 

3 

4.390 

4.69 

4 

0.736 

0.79 

5 

1,313 

1.41 

6 

1.948 

2.08 


was reached, the liquid was removed from the cells, which were then 
thoroughly rinsed with distilled water. The flow of water through these 
cells was adjusted to the rate of 20 cc. per hour. Clean 800-cc. beakers 
were placed under each cell to catch the solution which flowed out of them. 
The thermostat was closed and the time recorded. After a definite time, 
approximately twenty-four hours, the run was discontinued. The solu¬ 
tions in the cells were removed and put in the beakers which had been 
placed under them. The cells were flushed out and this solution was 
added to that already in the beakers. 
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The salts used in these first measurements were lithium, sodium, and 
potassium chlorides; the acid was hydrochloric acid. The amount of 
diffusion was measured by analyzing the amount of salt and acid which 
came through the disc per unit of time. The amount of salt was deter¬ 
mined by the method of Mohr, assuming that the concentration of the 
chloride ion gave a measure of the amount of salt present. Of course, in 
those experiments where both acid and salt were used, the concentration 
of the hydrochloric acid w as first determined, then the total chloride con- 


TABLE 5 

The effect of different salts on the rate of diffusion of hydrochloric add 


NO. 

SALT 

Ct)NrENTRAT10N 

HCl (M) 

NaOH 

(avkraou op 

3 RUNS) 

DIFFUSION COKF- 
FICRNT (AVKRAOK 
OF 3 HUNS) 

1 

None 

molar 

0 

1 15 

11 23 

8 61 X 10-« 

2 

CuCb 

0.3165 

1 15 

12 18 

9 33 X 10-« 

3 

FeCl., 

0.2782 

1.15 

11 48 

8 81 X 10 “fi 

4 

LiCl 

0 9000 

1.15 

16.03 

12.21 X 10-« 

5 

NaCl 

0.9000 

1.15 

16 80 

12.78 X H)“« 

6 

KCl 

0.9000 

1.15 

16.15 

12 38 X 10 


TABLE 6 


The effect of salts on the rate of diffusion of hydrochloric acid 


NO 

SALT 

CONCENTRATION 

HCl ( V) 

NaOH 

(AtEKAOEOF i 

3 runs) 

AAERAOE 

DIFFUSION 

COEFFICIENT 

1 

None 

molar 

0 

1 150 

11 01 

8.43 X 10 « 

2 

CuCb 

0 6335 

1.150 

13 97 

10 71 X 10-« 

3 

FeCls 

0.5564 

1.150 

11.93 

9.15 X 10 « 

4 

LiCl 

1.800 

1.150 

19 90 

15.24 X 10“fi 

5 

NaCl 

1.800 

1.150 

20.98 

16 29 X 10 

6 

KCl 

1.800 

1.150 

20.02 

15.37 X 10 


centration. Obviously, the difference gave the amouht of salt. Since the 
end points in these titrations are hard to observe, all the solutions were 
concentrated to a small volume and actual titrations were done in artificial 
illumination. Also a blank was run before each series of analyses. The 
results of the experiments are given in tables 3 and 4. 

The discs employed had the following dimensions: diameter, 1.18 cm.; 
thickness, 0.91 cm.; area of face, 1.094 cm.* The temperature of the 
thermostat was 32.50°C. Three such series of nms were made. The 
results in table 4 are average values of three nms. 

It is seen from the results given in tables 3 and 4 that the order of the 
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dififusion coefficient is as follows: K > Na > Li. It is also shown that 
the diffusion coefficients of the salts are greatly affected by the presence of 
the acid. In each case the dififusion rate of each salt is diminished by the 
presence of acid. 

Runs were now made to ascertain the effect of different salts on the rate 
of diffusion of hydrochloric acid. The discs employed had the following 
dimensions: diameter, 1.16 cm.; thickness, 0.90 cm.; area of face, 1.058 cm.^ 
The time of each run was 24 hours. The results are given in table 5. 

The concentrations of the salts were increased. The time of each run 
was 24 hours. The results are shown in table 6. 

Table 7 gives the results obtained on increasing the concentration of the 
ferric and cupric chlorides. 

The results of these experiments are plainly visible. The diffusion rate 
of the hydrochloric acid was increased by the presence of salts. 

TABLE 7 


The effect of salts on the rate of diffusion of hydrochloric acid 


NO. 

RALT 

CONCENTRATION 

ITCl (AT) 

NaOH 
(average of 

3 runs) 

AVERAGE 

DIFFUSION 

COEFFICIENT 

1 

None 

molar 

0 

1 150 

1 

11 10 

8 52 X 10-8 

2 

CuCL. 

1.00 

1 L50 

16 98 

13 00 X 10-8 

3 

FcCla 

1.00 

1.150 

14.92 

11 43 X 10“8 


DISCUSSION 

According to the Nernst theory of diffusion, which leads to the elemen¬ 
tary explanation of the liquid potential, a mobile ion should increase the 
rate of diffusion of a more slowly moving oppositely charged ion. Further¬ 
more, in the case of mixed electrolytes the more mobile ion will be retarded 
by the other ions, which in turn will experience an increase in mobility. 
This simple theory has been found to be in agreement with much experi¬ 
mental fact when dealing with ordinary diffusion phenomena. However, 
in the case of diffusion from a solution through a rigid gel structure, the 
above explanation no longer holds. Our washing of impregnated gels 
showed a marked retardation of the diffusion of the salt in the presence of 
acid, while our diffusion experiments through silica gel discs not only 
definitely proved the same point, but we were also able to show that the 
diffusion of the acid was speeded up in the presence of salt. These facts 
are in conflict with the Nernst theory; incidentally, Nernst never applied 
his ideas to systems such as used in this study. 

One of the authors of this paper has recently developed a comprehen¬ 
sive theory which promises a satisfactory explanation of all the experi- 



778 


W. A. PATRICK AND B. W. ALLAN 


mental findings. Inasmuch as the development of the theory involves the 
discussion of much unpublished experimental work, it is thought inadvisa¬ 
ble to attempt the argument at this time. Suffice it to say that it centers 
around an electrokinetic potential at the gel-solution interface. 

SUMMARY 

1. Quantitative methods have been worked out for the preparation of 
impregnated gels of silicic acid. 

2. The anomalous effect of acid on the washing of such gels has been 
observed and an explanation has been advanced to account for the 
behavior. 

3. Methods of preparing discs of silica gel, which permit the diying of 
sudi discs without shattering, have been discovered. 

4. The diffusion of salts and acids has been studied in hydrated silica gel. 
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These measurements liave been made in connection with the theory that 
the sensitivity of an explosive is associated with a state of ^^strain^^ within 
its molecule. An examination of the meagre results available hitherto 
gave some support to the theory, in that the value of the parachor appeared 
to be abnormal; no support, however, is given by the more carefully de¬ 
termined values that have now been obtained for the typical liquid explo¬ 
sive, nitroglycerine (glyceryl trinitrate). 

PURITY OF SAMPLE 

As received from the factory,^ the nitroglycerine was absorbed in kiesel- 
guhr. It was recovered by displacement with water and was subsequently 
filtered through glass wool and muslin. 

The composition was checked by measurement of the refractive index 
and the nitrogen content; the sample was thus shown to be free from de¬ 
tectable amounts of water and of glyceryl dinitrate. 

The further examination was confined to the follow ing overall test of the 
effect on surface tension of traces of impurities rather than to a detailed 
estimation of the amount of each impurity". 

Effect of nnpurities 

Impurities in a liquid are drawn into or away from the surface layer ac¬ 
cording as their presence low^ers or raises the surface energy. In the former 
case, the lowering is disproportionately great, and a trace of impurity may 
produce an appreciable effect. A method of detecting this effect has there¬ 
fore been devised on the following lines. 

The effect is less pronounced with the freshly formed surface of a grow¬ 
ing bubble than with a stationary surface confined in a capillary tube. In 
addition, therefore to measuring the surface tension by Sugden^s (3) 
bubble-pressure method, measurements liave been made by the capil¬ 
lary methods of Ferguson and Kennedy (1) and of Sutton (4). These 
capillary methods w’^ere designed for use when very little material is avail- 

‘ Royal Gunpowder Factory, Waltham Abbey. 
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able, and are not as sensitive as the Sugden method; for the present pur¬ 
pose, however, they have the advantage that any error in the Sugden value 
due to impurity is magnified and detected. 

Table 1 gives a series of values obtained with two samples of nitroglyc¬ 
erine insufficiently purified and a sample from the same source after 
further filtering and drying. 


TABLE 1 

Effect of impurities 


SAMPLE 

SURFACE TENSION MEASURED BY 
METHOD OF 


Sugden (3) 

Ferguson and 
Kennedy (1) 

Sutton (4) 


I 

dyius per 
cm. 

49., 

dynes per cm. 

45 

dynes per cm 

42 

After preliminary drying and filtering. 
Sample rejected 

II 

49*. 

43 

38 

After preliminary drying and filtering. 
Sample rejected 

III 

50 3 

50 

51 

Sample from same source as II. After 
further drying and filtering 


TABLE 2 


Parachor of nitroglycerine 


TEMPERATURE 

SUliFACE TENSION 

DENSITY 

PAKArHOK 

METHOD OP 
MEASUREMENT 

degrees C. 

20 5 

dynes per cm, 

50.4 

1 595 

379.; 



20 5 

50 1 

1.595 

378.7 


Sugden 

16.5 

51 1 

1.599 

379.6 

mean 

Sugden 

16.7 

50 8 

1.599 

379.1 

379 3 

Sugden 

21.5 

50 3 

1 594 

379.4 


Sugden 

21.5 

50.3 

1.594 

379. 4 J 


Sugden 

22 0 

50.3 

1.593 

379 


Ferguson 

20.0 

51 , 

1.595 

380 


Sutton 

20.1 

50 4 

1 595 

379 


Ferguson 

17 2 

51.4 

1 599 

380 


Sutton 

18.1 

50 2 

1 598 

378 


Ferguson 

18.0 

49 9 

1 598 

378 


Ferguson 


The effect of residual impurities is conspicuously greater when the Sutton 
or the Ferguson and Kennedy method is used. Agreement between the 
three methods is taken as an indication that the purity is adequate and the 
Sugden value is that given by pure nitroglycerine. 
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RESULTS 

The measured values of the surface tension, the measured densities, and 
the values of the parachor derived from these are given in 4iable 2. The 
agreement of the values obtained by the Sugden bubble-pressure method 
with those obtained by the capillary methods of Sutton and of Ferguson 
and Kennedy shows (see above) that the purity of the sample was adequate. 
The value found for the parachor, 379.3, may be compared with the value 
378.9 which is obtained from the standard constants deduced by Sugden 
for carbon, hydrogen, oxygen, and the nitro group. 

TABLE 3 


*^Parachor^* of nitroglycerine-nitrobenzene solvtions 


1 

11 

III 

IV 

V 

VI 

Vll 

MOLAR CO 

Nitro- 

b«nsene 

MP08IT10N 

Nitro¬ 

glycerine 

TEMPRRA- 

TURE 

ftrRFACE 

TENSION 

DENSITY 

“parachor” 
OK SOLUTION 

(Calculated 
from Col¬ 
umns III 
and IV) 

“parachor” 

OP SOLUTION 

(Calculated 
from para¬ 
chors of 
nitroglycer¬ 
ine and nitro- 
bensene) 

DIKPERENCE 



ifgreen C 

dynea per cm 





100 0 

0 0 





264 3 


84 5 

15 5 

20 0 

43 6 

1 269 

281 , 

282 2 

-0 4 

74 6 

25 4 

20 3 

44 1 

1 314 

293 4 

293 5 

~0 , 

65 9 

34 1 

19 9 

45 4 

1 351 

304 , 

303 6 

+ 1 4 


f 

19 9 

45 7 

1 360 

305 » 

305 1 

4*0 8 

64 5 

35 5 1 

18 0 

45 4 

1 361 

305 2 

305 1 

4-0 1 


[ 

20 0 

45 2 

1 360 

305 , 

305 1 

0 0 

48 4 

51 6 

20 4 

46 1 

1 420 ^ 

324 2 

323 6 

+0 7 

Oil o 

TR / 

21 5 

46 8 

1 507 

350 4 

351 4 

1 -“1 0 


#o o s 

20 0 

46 9 

1 507 

•350.6 

351 « 

— 0 9 

19 6 

80 4 

19 0 

46 9 

1 519 

356 , 

356 7 

-0 . 

IQ A 

QA A 1 

18 0 

48 7 

1 550 

363 , 

363 6 

“0.4 

lo .O 

oO 4 S 

20 0 

48 7 

1 549 

363 3 

363 6 

“0 2 

0.0 

100 0 





379 3 



Table 3 gives the measured surface tensions and measured densities of 
solutions of nitroglycerine and nitrobenzene. It also compares values of 
the ^‘parachor of the solution’’ derived from these with those deduced from 
the measured values for nitroglycerine (379.3) and nitrobenzene (264.3) on 
the assumption that the parachor of a solution has the average value of the 
parachors of its constituents, calculated according to their molecular pro¬ 
portions (2). The parachor is shown to be an additive property of the 
constituents. 
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J. INTRODUCTION 

The development of the latent image on a photographic plate is a 
chemical reaction, which may be represente^d by the following equation: 

Ag Br -f Red. = Ag -f Ox. 

We can imagine this reaction occurring in a galvanic cell at the electrodes 
of which the following two electron reactions take place: 

AgBr + e = Ag + Br- 
Red. »= Ox. + © 

The electromotive force of this cell is: 

H — <Ag ^Redox (1) 

The condition for reduction of the silver bromide is that the e.m.f. of 
this cell is positive. In this equation the silver potential is: 

«Ag = Ag€o + — log LAgBr - y 1^8 (2) 


in which LAgBr is the solubility product of silver bromide. At 18®C. (2) 

Ag€o = 0.808 volt 


and^ 


LAgBr * 3.6 X 10-^3 


so that at 18®C. 


«Ag “= 0.086 0.058 log CBr- (2a) 

1 According to our own measurements. R. Cavanagh (J. Chem. Soc. 1927, 2207) 
found 3.13 X 10“^* at 16°C. Considering the large temperature coeflScient this 
value agrees quite well with our measurements. 
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The concentration of the bromide in normal developers is about 0.01 
molar .2 Substituting this value in 2 a, we obtain: 

€Ag « 0.202 volt at 18°C. 

The value of the redox potential will differ for the different developers. 
It is chiefly this value which determines the magnitude of E. 

It may be expected that this last value will be of great importance for 
the rate of development. G. Bredig ( 1 ) was the first to draw attention 
to this point; he compiled a list of the reduction potentials of the various 
reducing agents which had been measured up to that time. His data 
relate however to rather arbitrary solutions and not to actual developer 
solutions. The great influence of the additions to these solutions, 
especially that of substances that alter the actual acidity, was not measured, 
so that no conclusions could be made about the relation between the 
reduction potential of a developer and its developing activity. 

Other investigators as Sheppard and Mees ( 6 ), trying to measure the 
reduction potential of organic developers, found only inconstant and vari¬ 
able values. They consider, moreover, the reduction potential of little 
use in determining the reducing power, as other factors, such as the chem¬ 
ical resistance and the velocity of diffusion, interfere and will have a 
dominant influence on the velocity of reduction. Therefore these authors 
and also A. H. Nietz (4), instead of measuring the reduction potential 
along electrochemical lines, have sought a relation between the concen¬ 
tration of potassium bromide necessary to produce the same “density 
depression^' at the same degree of development ( 7 ) and the developing 
power of the developer. They introduce the term “relative reduction 
potential" and make the above-mentioned potassiiun bromide concen¬ 
tration proportional to this relative reduction potential. The real reduc¬ 
tion potential cannot be calculated from their data, with the result that 
the relation between the real reduction potential and the developing power 
remains unknown. 


II. THEORY OF THE LATENT IMAGE 

Apart from the question about the importance of the reduction potential 
on the character of a developer, the knowledge of this potential is im¬ 
portant for the theory of the latent image. 

According to the germ theory of the latent image the first stage of the 
reduction process consists of a reaction of the reducing agent with the 
dissolved silver bromide, which results in the formation of a supersaturated 
solution of metallic silver. From this solution the silver may precipitate 

* The German Committee for Sensitometry has, at the 8th International Congress 
for Photography in Dresden, 1931, proposed as normal developer a metol-hydro- 
chinon developer with 1 g. of potassium bromide per liter, that is, 0.0085 molar Br~. 



REDUCTION POTENTIAL OF DEVELOPERS 


785 


if silver nuclei, formed by the action of light, are present. If however no 
nuclei are present, the reaction stops when a certain degree of super- 
saturation has been reached and an equilibrium has been established, 
which means that the reduction reaction is counterbalanced by the oppos¬ 
ing reaction between the oxidation product of the reducing agent and the 
metallic silver atoms in the solution. 

The concentration of the metallic silver in this solution is determined 
by the reduction potential of the reducing agent. 

In order to compute this concentration, c, we will introduce cq —the 
concentration of the metallic silver in a solution, which is in equilibrium 
with large silver particles or with a silver plate—in equation 2: 


€Ag ^ 


^RT 

€0 + — In CAg- 


F Co 


Now, if the concentration of the metallic silver is c instead of Co, then 


< Ag 


' 4_ In 


RT^ c 
€Ag ~ in 7 

t Co 


For equilibrium 


— €Redox 


Thus: 


/Vi c; 

€Ag ~ ^Redox m " (3) 

r Co 

Introducing the value of €Ag at 18®C. in equation 2a, we obtain: 

0.058 log - « 0.086 - 0.058 log CBr- - ^Redox (3a) 

Co 

c 

In measuring the reduction potential we are now able to calculate — 

C Co 

and -, that is, the degree of supersaturation of the supersaturated 

Co 

silver solution. 

M. Volmer (8), in a somewhat different way, viz., based on Sheppard's 
measurements of the equilibrium between silver, silver bromide and a 
solution of ferrous-ferric oxalate, made an estimation of the supersaturation 
in a normal ferrous oxalate developer, which is in contact with silver 
bromide. He arrived at the proportion c:co = 2000, which he thought 
improbably high and he rejected the silver germ theory of the latent image 
on this ground. In a later publication (9) he thinks this proportion quite 
possible, however. 
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III. SOLUBIIilTY AND SIZE OF THE SILVER PARTICLES 

In equation 3, Co represents the concentration of the metallic silver 
in equilibrium with large silver particles or with a silver plate. In the 
latent image, however, we are dealing with extremely small silver par¬ 
ticles, which have a much greater solubility than compact silver. 

The connection between the solubility and the dimensions of a particle 
is given by the equation of Thomson-Ostwald’ (7): 

= (4) 

Co dr 


in which co is the solubility of largo particles, c is the solubility of globular 

M 

solid particles with the radius r, = molecular volume of the solid sub¬ 
stance, and <7 is the surface tension at the surface solid-solution. 

M 108 

For silver at 18°C. — = 7777 = 10.3, T = 291, R = 8.32 X 10^. <r is 
a 10.5 

unknown. We will take for a the same value as for the surface tension 
of liquid silver against air at 950®C., namely 750 (3), although we have no 
reason to suppose that this is the right value. We find then: 



2<r M 1 
2,ZRT' d' r 


2.8 X lO-y • - 
r 


(5) 


It is clear that for all values of r greater than 10 ^ log is very small 

Co 

and c practically equal to c*o. 

For a particle of 10 mm (r = 5 X 10"^ cm.) log - = 0.56 and - = 3.6: 

^ Co Co 

for a particle of 2/*/^, however, — = 900. 

Co 

This shows that the value of c increases very rapidly, as the diameter of 
the particle decreases. A silver globule of 2 mm diameter is still relatively 
large; it contains about five hundred atoms. The germs of the latent 
image are far smaller. According to the researches of Reinders and 
Hamburger (5), confirmed by quite other experiments of Chr. Winther 
(10), they will be aggregates of about four atoms. Equation 5 would 
give for such an aggregate a solubility nearly 10^° times greater than Cq. 

Equation 4, however, is not applicable to such small particles, as the 
surface tension has lost its significance. The factor a will just as well 
become a function of r and will diminish with r. Decreasing of r will 
therefore not increase the solubility as much as indicated by equation 4. 


* Ostwald gave this formula with the coefficient 3 instead of 2. H, Freundlich 
(Kapillarchemie, 4th edition, Vol. I, p. 218) has demonstrated that this factor must 
be 2. 
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Qualitatively, however, we can say that with these small aggregates 
the solubility will decrease by steps as the aggregate increases with one 
or two atoms; the curve will have a shape as sketched in figure L 
A solution of the concentration c will be just saturated with respect to 
particles of the size a. With respect to larger particles it will be super¬ 
saturated; hence these larger particles will act as germ and cause crystal¬ 
lization. With respect to smaller particles, the solution is unsaturated. 
These particles cannot act as germ; on the contrary they will dissolve. 



Therefore, if in the latent image the germs have the size a, the de¬ 
veloper must have a redox potential low enough to produce with the 
silver bromide a silver solution of a higher concentration than c, for it to be 
able to develop this latent image. 

This redox potential must be lower than the redox potential that corre¬ 
sponds to the solubility of large silver particles.* By measuring the differ- 

^ We suppose the possibility of the spontaneous formation of nuclei in this case 
as excluded. For this spontaneous formation it would be necessary that the gap 
between single atoms and particles of the size a is bridged over, that the aggregation 
of these particles is established in some way or other. Without forming an exact 
idea about the mechanism of this process, it is obvious that in general it wull be 
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ence i5 = €Ag—«Redox that is just necessary to develop the latent image, we 
will be able to calculate the supersaturatidn, c, that corresponds to the 
solubility of the particles of the latent image. 

IV, EXPERIMENTAL PROOF OF THE THEORY 

To prove this theory experimentally one must have a set of solutions 
with ascending redox potential, each of which is quite constant and exactly 
measurable. 

Such solutions can be made by adding various amounts of sodium 
citrate or sodium malonate to a mixed solution of a ferrous and a ferric 
salt. If the concentration of the iron salts is sufficiently high and the 

TABLE 1 

Measurement of redox potentials 


Always 20 cc. of a solution with 0.125 mole FeS 04 and 0.125 mole Fe(S 04 )i.s per liter 


ABOVE SOLUTION + X CC OF 1 MOLAR SODIUM 
CITRATE 

above SOLUTION + ^ OP 1 MOLAR SODIUM 

MALONATE 

X 

Redox potential 

X 

Redox potential 

CC. 


CC. 


0 

-hO 645 

0 

-hO 645 

1 

0.625 

1 

0.620 

2 

0 600 

2 

0.596 

3 

0.545 

3 

0 552 

3.6 

0 480 

4 

0 477 

4 

0 380 

5 

0.380 

4.5 

0.265 

6 

0.262 

5 

0.205 

7 

0 175 

6 

0 150 

8 

0.122 

7 

0 110 

9 

0.092 

8 

0.085 

10 

0.071 

9 

0.070 

12 

0.050 

10 

0.060 

16 

0.021 


proportion ferrous:ferric is nearly 1:1, then the solution has a great buffer¬ 
ing capacity. The potential is very constant, and remains constant, also 
when the solution comes in contact with the air or after it has reduced 
a considerable part of the silver bromide in a plate to silver. 

We made a solution of 0.125 mole FeSOi • (NH 4 ) 2 S 047 aq and 0.125 mole 
FeNH 4 (S 04)2 * 12aq per liter and added to 20 cc. of this solution increasing 
quantities of a 1 molar solution of sodium citrate or sodium malonate. 

performed more easily, the narrower this gap is, that is, the smaller the particles a 
are. Spontaneous formation of nuclei, manifested by fogging of the plate, will thus 
appear more easily, the higher the supersaturation, that is, the lower the redox 
potential of the developer. 
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The redox potential of these solutions was measured with a platinum 
electrode at 20®C. and with a calomel electrode as second electrode. The 
values obtained are inserted in table 1 and in figure 2. 

The potentials are very constant. Addition of 1 or 2 cc. of 0.1 
normal sulfuric acid has little influence. The solutions are quite clear 
yellowish green and remain clear after standing for several days. 

By increasing the proportion Fe“‘'+:Fe'^'^'^, the steep fall of the potential, 
which in the solutions of table 1 may be observed on addition of about 4 cc. 



Fig. 2. Redox Potential of Ferrous-Ferric Sulfate on Addition of Sodium 
Citrate or Sodium Malonate 

of citrate, sets in sooner, while also somewhat lower potentials may be 
obtained. 

By selecting a proper proportion of the different ingredients, it is thus 
easily possible to prepare solutions in which the redox potential has any 
value desired between 300 and 0 millivolts. 

V. verification of equation 1 

To verify now equation 1 and the conclusions that may be drawn from 
this equation, firstly it ought to be proved, that the reduction of silver 
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TABLE 2 

Density of equally exposed strips of an Agfa Isochrom filing partly predeveloped to 
D^O.82 in metol-horax and then during twenty hours immersed in ferrous- 
ferric solutions with the indicated redox potential 


NO OF BTRIP 

DENSITY OF THE 
PARTLY DEVELOPED 
HALF 

DENSITY OP THE NOT 
HKBOEVBLOPBD HAL1< 

REDOX POTENTIAL 

^ “ ‘Ag *Redox 




mr. 

m«. 

1 

0 16 

0.10 

303 

-101 

2 

U 4U 


241 

-39 

3 

0 82 

0 10 


0 

4 

0 82 

0.10 

200 

+2 

5 1 

1 48 


156 

+46 

6 

2 53 

0.15 

113 

+89 

7 ! 

3 00 

2 90 

62 

+ 140 

8 

3 00 


22 

+ 180 

9 

0 82 

0 10 





Fig. 3. Density of Equally Exposed Strips of an Agfa Isochrom Film after 
Immersion in Ferrous-ferric Solutions with the Indicated Redox 

Potential 

1, after exposure predeveloped in metol-borax; II, as I, but not predeveloped. 
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bromide proceeds in a developer solution with a lower redox potential than 
the silver potential and that resolution of reduced silver takes place in a 
solution with higher redox potential than the silver potential. For this 
purpose an Agfa Isochrom film w'as so long exposed, that, developed 
normally with a normal developer, it would obtain a density of about 3 
(about 20 M.C.S.). The film was then half dipped in a metol-borax 
developer, wherein it obtained in 1 minute a density of 0.82. 

The whole film was now thoroughly washed and cut in nine strips 1.3 X 
9 cm., so that one half of each strip was partly developed to a density 0.82 
and the other half was well exposed, but not developed. Eight of these 
strips were placed in tubes, nearly totally filled with 25 cc. of the above 
mentioned ferrous-ferric citrate solutions, which by addit ion of potassium 
bromide were made exactly 0.01 molar with re.spect to potassium bromide. 
The tubes were closed with a rubber stopper and during 20 hours kept at 
18 to 20°C. The ninth strip, used for control, remained in pure water. 
After expiration of this time the strips were thoroughly washed and fixed, 
washed and dried. The density was then measured with the Goldberg 
densograph. The redox potential of the ferrous-ferric solutions was 
again measured as the strips were taken out. We found the n^sults given 
in table 2. 

In figure 3 the densities are represented in graph form as a function of 
the redox potential. The density 0.82, obtained by the predevelopment, 
is indicated by the dotted line, the final densities of the pnjdtiveloped parts 
by curve I, and those of the not predeveloped parts by curve II. 

VI. CONCLUSIONS AS TO THE SOLUBILITY OF THE SILVER PARTICLES AND THE 
DEVELOPMENT OF THE LATENT IMAGE 

From this experiment we may draw*^ the following conclusions: 

(1) The density arrived at by the predevelopment is intensified by a 
subsequent development in solutions with a low'er redox potential than 200 
millivolts and decreased by the subsequent action of a solution with a 
redox potential higher than 200 millivolts. The silver and silver bromide 
in the plates are thus in equilibrium with solutions containing 0.01 mole 
of potassium bromide per liter and having a redox potential = 200 milli¬ 
volts. That, as we have seen on page 784, is exactly the potential of 
Ag/AgBr, 0.01 molar KBr in case of large silver particles. This proves 
that the solubility of the silver particles in the developed plates is equal to the 
normal solubility of silver. 

Close to the equilibrium point P, curve I is nearly a straight line. Thus, 
the increase of density, which means the velocity of development, is pro¬ 
portional to the potential difference J? = cak — e iiciox, while also the decrease 
of density, that is the velocity of dissolution of silver, is proportional to 
the potential difference CRedox — 
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(2) Curve II, giving the density by developing the latent image, is quite 
differmit. While the predevelo^ part of the 01m is at once further 
developed as the redox potential sinks under the normal silver potential, 
the latent image shows no developing before the redox potential has 
reached the value 120 millivolts, that is, about 80 millivolts under the 
normal silver potential. As the difference c^g —e imox increases, soon a normal 
developing is attained, giving the same density as the predeveloped 01ms. 
Mr. M. C. F. Beukers has, on my request, repeated this experiment with 
other plates and other reducing solutions and obtained always similar 
results: The development of the latent image does not begin before the redox 
pctential of the developer has sunk 70 to 90 millivolts under the normal silver 
potential. 


VII, BESXTIiTS OF SHEPPABD AND MEES 

This result does not agree with the results of somewhat simUar experi¬ 
ments described by Sheppard and Mees in their investigations on the 
theory of development. They determined the equilibrium 

Ag* -h Fe(Cs 04 )r" ♦=* Ag(inetal) + 

and found that the compositions of the mixtures of ferrous oxalate, ferric 
oxalate and potassium bromide, in which a negative of known density did 
not bleach further and of those in which the latent image of an exposed 
plate did not develop further, were practically equal. This would mean 
that curves I and II in 0gure 3 should coincide. Our experiments prove 
that this is not the case. 

We cannot explain the discrepancy. Possibly Sheppard and Mees have 
used an extremely long exposure, so that the plate was partly blackened 
by the light. We must however remark that their experiments, in which 
they used 25 cc. of solution, containing at the utmost 0.000092 gram- 
mole of ferrous salt (equivalent to 0.5 oc. of oxygen), and mixed with a 
0fty times greater amount of ferric salt, cannot be very accurate. A 
slight oxidation of the ferrous salt will have a great induence on the redox 
potential. 


VIII, SILVER PARTICLES IN THE LATENT lUAQE 

From the conclusions mentioned in section VI it follows that the silver 
particles in the latent image have a much greater solubility than compact 
silver has. With the value CAg—CRta.*: 0.080, we can calculate the pro¬ 
portion C’.Co 


0.058 log- - 0,080 or c:cii - 25 

Co 
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The solubility of the silver nuclei in th<» latent image is, according to this 
formula, about tw(*nty-five times as great as that of compact silv(*r. 
Equation 5 gives for the dimensions of these nuclei: 


log c:co 


Particle's of this dinu'nsion will b(' aggregate's of some hundreets eif atoms. 
This is ne)t in agreeanent with the results of Reande'rs and Hamburger 
which made it probable that the*se germs are aggregate's e)f a ve*ry few 
atoms, e.g., 4 or 5. Ne)w we have already de'monstrate'd that, equation 5 
cannot be valid for such extremely small particles, as fe)r those particles 
the value of a will be only a fraction of the surface temsion of cemipact silver. 
If we led (T (‘qual not 750, but a value five time's smaller, for instance, then 
we find r = 3.0 X 10”^ cm., a value' that elex^s agre'e veTy well with the* 
re*sults e>f Reinders and Hamburger. 


TABLE 8 

polerdial o/ the sotutions relating figures 4 and 5 


No OK HTKIP 

KKDOK POTENTIAL 

‘JleiJox 


nil 

ntr 

1 

171 

31 

2 

130 

72 

3 

105 

97 

4 

75 

131 


IX. DISAPPEARANe'E OF THJ: LATENT IMAGE 

Another conclusie)!! may be drawn from the discussie)n in se‘ctie)n HI. 
The silver particle's of the latent image, having a solubility that ce)rr(‘- 
sponds with a redox pedential of 120 millivedts in a 0.01 molar potassium 
bromide sedution saturateel with silver bre)miele, are neit in equilibrium 
with sedutions with higher re'dox potential. In a solution with a re'dox 
pe)tential between 200 and 120 millivolts—in which the partly developed 
silver bromides grains are further develope'd—these ge'rms will disse)lv(‘. 
The latent image will in these solutions diminish or disappear. 

This ce)nclusion was proved in the following experiment: Five strips of 
the same film that had be('n used for the experiments in section V (Agfa 
Isochrom), numbe^red 1 to 5, were all exposed in the same way behind a 
Goldberg density wedge. Four of them were immersed in different ferrous- 
ferric citrate vsolutions, all containing 0.01 mole of potassium bromide per 
liter, and having a redox potential varying from 171 to 75 millivolts, as 
indicated in table 3. They remained in these solutions (in closed tubes) 
for 18 hours at 18°C. The fifth strip, us('d for control, remained during 
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Fig. 4, Characteristic Curves of Agfa Isochrom Strips, Developed in a 
Standard Metol-Borax Developer after Pretreatment with 
FerrouS“Ferric Citrate Solutions of Various Redox Potential 

*JLdox ^ ~ ^ ^*'**‘^ ^ ~ untroa1(‘(l. 

t * J,iso p^ias hL\nco 




i 2 3 ^ s 

\ 

Fig. 5. Strips of an Agfa Isochrom Plate, after Exposure behind a Density 
Wedge, Treated with Ferrous-Ferric Solutions of Various Redox Poten¬ 
tial and then Developed in a Standard Mbtol-Borax Developer 

this time in pure water. On expiration of this period, Nos. 3 and 4 were 
faintly developed in the more highly exposed parts; Nos. 1 and 2 were 
apparently unaltered. All the strips were washed for an hour in running 
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water and then developed for 6 minutes in a standard metol-borax de¬ 
veloper/ fixed, washed and dried. Figure 4 gives the resulting character¬ 
istic curves. Figure 5 shows the developed strips of a duplicate experiment 
with Afga Isochrom plates. 

The characteristic curves for solutions 1 and 2 lay beneath, those for 
solutions 3 and 4 somewhat above the control curve 5. In solutions 3 and 
4 the redox potential is so low that € Ag- surpasses the limit of 80 milli¬ 
volts, mentioned in section VI. In these solutions the latent image is 
slightly developed and made visible by the subsequent development in the 
metol“borax solution. 

In solutions 1 and however, the latent image is partly dissolved, although 
the redox potential is below the normal silver potential in these solutions. This 
result is in perfect agreement with our predictions. It proves once more 
the far greater solubility of the silver germs of the latent image. 

Comparing the form of the characteristic curve of the normally de¬ 
veloped strip 6 with those of the strips that were pretreated with the iron 
citrate solutions, it is surprising to observe that the latter are steeper. 
Curve 3 and 5 even intersect, so that the weakly exposed parts in 3 are less 
developed than in 5, whereas the strongly exposed parts are more de¬ 
veloped. This is what could be expected. Indeed, it is probable that the 
latent image in the weakly exposed parts will, on the average, be composed 
of smaller silver germs than those in the strongly exposed parts, so that 
they have a greater solubility. In a solution with a reduction potential 
about 90 millivolts lower than the normal silver potential in that solution, 
they will dissolve, whereas the larger silver aggregates will act as germ and 
will be developed. 

This is an indication that the limit of 70 to 90 millivolts for the differ¬ 
ence €Ag ~ €jaed., which must be surpassed to make the latent image develop¬ 
able, is not a constant value, but will depend on the exposure that has been 
given. 

We will make further researches in regard to this point. 

X. SUMMARY 

1. The latent image of a normally exposed photographic plate is not 
developed unless the developer has a reduction potential of at least 70 
millivolts below the silver potential in the solution. 

2. From this fact it follows that the silver germs in the latent image 
have a solubility about twenty-five times the normal solubility of large 
silver particles. 

*This solution contained in a liter: 0.06 mole metol (8.6 g.), 0.05 mole borax 
(19 g.), 0.06 mole sodium carbonate (6.3 g.), 0.3 mole NajSOa-THjO (76 g.), and 0.5 g. 
potassium bromide. See Reinders, W., and Beukers, M. C. F.: Her. 8th Intern. 
Kongr. Phot. Dresden, p. 171 (1931). 



796 


W. KEINDERS 


3. By addition of sodium citrate or sodium malonate to a mixture of 
ferrous and ferric salt, solutions with great buffer capacity may be prepared, 
having a reduction potential between 300 and 0 millivolts. 
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Cadmium sulfide may be either yellow or red, depending on the conditions 
of formation. Earlier investigators (3) attributed this difference in color 
either to the presence of impurities or to the existence of yellow and red 
allotropic modifications of the compound. The possibility that the differ¬ 
ence in color was due to allotropy was questioned by Allen and Crenshaw 
(1), who prepared crystals of the compound by a variety of methods and 
found them to be identical in structure with the mineral greenockite, 
irrespective of the method of formation and the color. It was concluded 
therefore that the differences in color were due to differences in the physical 
character, such as particle size and the nature of the surface of the particles, 
rather than to allotropy. The yellow form is usually obtained by precipi¬ 
tation from alkaline or cold solutions, and the orange or red from acid or 
hot solutions. Heating the yellow material gives an orange to red colored 
product, the change being more or less reversible on cooling (6). 

In the absence of x-ray diffraction methods of examination, Allen and 
Crenshaw (1) were unable to determine the structure of the extremely 
minute crystals of the freshly precipitated salt and were forced to grow 
them to a size that could be observed optically, either by heating the dry 
powder or by digesting the mass under pressure at high temperatures. 
This always yielded hexagonal crystals like greenockite, but Bohm and 
Niclassen (2) showed by x-ray diffraction methods that the yellow precipi¬ 
tate thrown down from cadmium sulfate solution was cubic, being similar 
to the cubic zinc blende. This was confirmed by Ulrich and Zachariasen 
(5), who showed that cubic or fi cadmium sulfide (ao = 5.820 A.) was pre¬ 
cipitated from a saturated cadmium sulfate solution by hydrogen sulfide 
and dried at 70®C. On heating this yellow cubic sulfide to TOO-SOO^C. in 
the presence of sulfur vapor, hexagonal or a cadmium sulfide resulted. 
There is therefore no doubt of the existence of two polymorphic forms of the 
sulfide, but since both the cubic and the hexagonal forms may be yellow, 
it is obvious that the color differences are not due to polymorphism. With¬ 
in the current year Muller and Loffler (4) precipitated cadmium sulfate 
solutions containing varying amounts of sulfuric acid with hydrogen 
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Bulfide, and obtained precipitates which varied in color from yellow to red, 
the samples being more red the higher the concentration of acid. Since 
all of these preparations gave a cubic x-ray diffraction pattern, the differ¬ 
ences in color were attributed to variation in particle size. It would appear 

TABLE 1 


Color and crystalline form of precipitated cadmium sulfide 


CADMIUM 
BALT USED 

01 JV 

WITHOUT THE ADDITION OP ACID 

IN THE PRESENCE OF ADDED ACID 

At 30*C 

At 100“C 

At SOX. 

At 100*C. 

Color 

CryHtalline 

form 

Color 

Crystalline 

form 

Color 

Crystalline 

form 

Color 

Crystalline 

form 

Sulfate 

Yellow 

Hexagonal* 

Yellow 

Cubic 

Yellow 

Cubicf 

Red 

Cubic 

Nitrate 

Yellow 

Hexagonal 

Yellow 

Hexagonal* 

Yellow 

Cubicf 

Red 

Cubic 

Chloride 

Yellow 

Hexagonal* 

Yellow 

Hexagonal 

Yellow 

Hexagonal 

Red 

Hexagonal 

Bromide 

Yellow 

Hexagonal* 

Yellow 

Hexagonal 

Orange 

Hexagonal 

Red 

Hexagonal 

Iodide . . . 

Orange 

Hexagonal 

Orange 

Hexagonal 

Orange 

Hexagonal 

Orange 

Hexagona 1 


* Trace of cubiccadmium aulfide 
t Trace of hexagonal a cadmium aulfide 


TABLE 2 


X-ray diffraction data 


Of CADMIUM SULFIDE 

PRECIPITATED AT lOOX FROM CdCll, ACID 

CADMIUM SULFIDE 

PRECIPITATED AT 100“C FROM CdSOl, ACID 

dhkl 

7 

dkkl 

/ 

3 55 

9 

3.36 

10 

3.34 

8 

2.90 

3 

3.14 

10 

2 06 

10 

2.43 

4 

1 756 

9 

2 06 

10 

1 683 

1 

1.888 

8 

1 456 

1 

1.750 

9 

1 335 

2 

1.668 

1 

1 302 

1 

1.567 

1 

1 189 

3 

1 390 

I 2 

1.121 

3 

1 320 

1 1 

1.026 

2 

1.248 

2 

0 982 

2 

1.187 

1 



1.150 

1 



1.125 

1 



1 066 

1 



0.982 

1 




from the x-ray studies of the gel that precipitated cadmium sulfide is always 
cubic, the hexagonal form resulting only after subjecting the gelatinous mass 
to high temperatures. Such is not the case, as the following experiments 
show. 
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EXPERIMENTAL 

Hydrogen sulfide was passed into approximately 0.1 N solutions of 
cadmium sulfate, nitrate, chloride, bromide, and iodide at both 30°C. and 
100®C. In a second series of experiments the solutions were made acid by 
the addition of 1 cc. of the corresponding “concentrated” acid to 50-cc. 
portions of the various cadmium salt solutions. The twenty samples were 
washed and dried at room temperature. Some of the samples from the 
bromide and iodide solutions formed very stable sols, and were precipi¬ 
tated by the addition of ether or alcohol. The various samples were 
examined by the x-ray diffraction method, using the General Electric 
diffraction apparatus. The observations of crystal form and color are 
listed in table 1. Typical patterns are shown in chart form in figure 1. 


/S-CdS. yellow 
FROM CdSOa 
/3-CdS.red from 

CDSO4, AOD 

oc-CdS. yellow 
from CdCLs 

oc-CdS.RED from 
CdClj. acid 


Fig. 1. a AND 0 Cadmium Sulfide Precipitated at 100°C. 

Typical diffraction data are recorded in table 2; the values for the lattice 
constants of various samples agree within experimental error with the 
values of Ulrich and Zachariasen (5). 

CONCLUSIONS 

Inspection of the results in table 1 and figure 1 shows that either the cubic 
or hexagonal modifications of cadmium sulfide may be yellow or red (or 
orange), depending on the conditions of formation and treatment. All 
samples appear more or less orange upon grinding the dry aggregrates to a 
powder. The cubic form is usually obtained from the sulfate or nitrate 
solution, especially from hot or acid solutions. The hexagonal modifica¬ 
tion is usually obtained from the chloride, bromide, or iodide solutions. 
Small amoimts of the cubic form sometimes occur in essentially hexagonal 
precipitates; this is probably more or less accidental, depending upon slight 
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variations.in the conditions of precipitation. The difference in color must 
be attributed to difference in the physical character of the precipitate, 
such as particle size, the nature of the surface of the particles, and the state 
of aggregration. Difference in particle size alone will not suffice to explain 
all the known facts, since large crystals of greenockite are yellow, although 
red (or orange) particles are usually larger and more granular than the 
yellow ones. The view that color differences are essentially due to differ¬ 
ences in physical character of the samples is in agreement with the observa¬ 
tion that the red particles obtained from hot acid solutions possess less 
adsorptive capacity than the yellow particles formed in the cold (7). 

SUMMARY 

The following is a brief summary of the results of this investigation: 

1. Either cubic |S cadmium sulfide or hexagonal a cadmium sulfide may 
be jrellow or red, depending upon the physical character of the precipitate. 

2. The cadmium sulfide tends to be precipitated from cadmium sulfate 
solutions, and under some conditions from the nitrate solutions, especially 
if the latter are hot and distinctly acid in reaction. 

3. The a cadmium sulfide tends to be precipitated from the chloride, 
bromide, and iodide solutions, but these precipitates may also contain some 
of the j8 modification. 

4. The lattice constants found for the two modifications of cadmium 
sulfide agree within experimental error with those of Ulrich and Zachariasen. 
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These investigations were made in order to establish a significant scale of 
relative acidities, basicities, and salt-like properties in liquid ammonia and 
water. The present part deals with the vapor pressures of the more 
concentrated solutions of ammonium salts in liquid ammonia. These 
data may help to interpret the complex ammonia system of electrolytes. 

EXPEKIMENTAL 

Manometer 

The vapor pressures were measured directly on a manometer capable of 
reading fifteen atmospheres pressure (figure 1). The millimeter scale for 
this manometer was calibrated with a U. S. Bureau of Standards steel tape. 
The readings were corrected for temperature and gravity so that the vapor 
pressures are expressed in centimeters of mercury at 0°C. and a gravita¬ 
tional acceleration of 980.665 cm. per sec.^ It was found that the correc¬ 
tion for the compressibility of water only amounted to 0.001 per cent at 
750 cm. pressure; it was therefore neglected. The manometer was filled 
with boiled water, all air bubbles being carefully removed. Columns A 
and F were carefully dried after the manometer was filled. The pressure 
of the water columns, calculated to standard conditions, was subtracted 
from the mercury reading and the barometric pressure added. As a final 
check on this method of measurement the vapor pressure of pure ammonia 
was measured. We obtained a value of 750.8 cm. as compared to 752.05 
reported by Cragoe (1). When the initial pressure was not more than 
three atmospheres (concentrated solutions), a simple manometer was used. 

Temperature 

A double-walled copper container of 1-gallon capacity was immersed in a 
75-gallon water thermostat. The Dewar containing the cell was placed 

‘ This paper is a part of a thesis presented by W. E. Larsen in partial fulfill¬ 
ment of the requirements for the degree of Doctor of Philosophy in Purdue Uni¬ 
versity. 
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inside this adjustable container. This triplex i^stem made it convenient 
surround the cell with a carbon dioxide-ether bath for chilling and also 
minimize temperature changes. The room was kept at a temperature 



Fig. 1. Manometer Fig. 2. The Cell 


such that the vapor pressure of ammonia was several centimeters above the 
vapor pressure of the solution, so that ammonia would not condense in the 
exposed tubes. The thermostat was kept at 25®C. d: 0.025®C., so the 
Beckmann (U. S. Bureau of Standards calibration) thermometer in the 
Dewar was constant to ±0.001 °C. over a long period of time. 
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Cell 

Figure 2 shows the electrically stirred cell used for the solutions. An 
int/ermittent current passed through S. V is an iron needle valve used in 
valving the ammonia when it was desired to change the concentration. 
The cell had a volume of 100 ml. The vapor space over the solution and 
in the tube leading to the manometer was measured gravimetrically. This 
space is reduced to a minimum. 

Measurements 

Reagent grade salts were recrystallized from water three times and 
dried for several hours at 110®C. They were placed in the cell and an 

TABLE 1 


Vapor pressures of arunionium niiraie in liquid ammonia at 25''C. 


8EK1E8 

MOLKA NFIa 



MOLBB NHa 


MOLE NH4N0| 



MOLE NHiNO, 


A 

0 744 

cm. Hg 

86 3 

C 

8 01 

cm. Hg 

613 0 

B 

0 808 

86 3 

D 

9.10 

638.1 

A 

1 22 

88 0 

E 

11 4 

672 6 

C 

1 30 

97 0 

F 

12 2 

682 7 

C 

1 56 1 

123 0 

E 

15 6 

699 2 

B 

1 76 

143 4 

E 

21 7 

716 6 

A 

1 85, 1 

152 9 

F 

32 6 

727 9 

D 

1 93 

163 5 

E 

47 3 

735 5 

D 

2 20 

192 6 

E 

51 8 

736 6 

C 

2 58 

235 8 

G 

60 0 

738 7 

I) 

2 84 

266 7 

G 

69 7 

740 4 

C 

3 09 

291 4 

G 

80 6 

741 7 

C 

3 45 

331 1 

G i 

91 4 

742 6 

C 

4.01 

385 9 

G 

111 

743 7 

D 

4 55 

438 6 

F 

126 

744 4 

D 

5 23 

489.1 

F 

135 

744 8 

D 

6 30 

551 1 

F 

140 

745 0 

C 

7 05 

580 7 





excess of ammonia condensed into it. The cell was then sealed in place 
and the system evacuated while chilled. The cell was then warmed with 
the valve closed until the vapor pressure was several atmospheres. By 
repeated warming, chilling, and pumping out, the cell and manometer 
were freed from air. In order to keep the ratio of ammonia in the solution 
to ammonia in the vapor phase high, it was necessary to use larger amounts 
of ammonia for the dilute solutions. The series varied from 13 g. of salt 
and 3 g. of ammonia to 0.4 g. of salt and 20 g. of ammonia. From three to 
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six hours were allowed for equilibrium to be established for the first reading 
and at least two hours for each subsequent reading. The manometer 
readiilgs did not vary more than 1 mm. on standing an hour after equi¬ 
librium was reached. 

The concentration was changed by allowing ammonia to escape through 
V and absorbing it in concentrated sulfuric acid. The concentration of the 

TABLE 2 


Vapor pressurts of ammonium iodide in liquid ammonia at 25°C. 


SERIES 

MOr,ES NHa 
MOLE WHJ 

P 

SEUIKH 

Mor.BS NH* 
MOLE NHJ 

P 

B 

1 98 

cm. llg 

73.6 

D 

9 64 

X ^ 

A 

1 99 

73.8 

E 

10 2 

621 8 

C 

2 40 

84.2 

E 

11.1 

638 3 

B 

2 59 

96.0 

F 

12 3 

654 7 

B 

3 00 

132 8 

G 

15 5 

683.3 

A 

3 26 

158 7 

G 

16 9 

691.1 

A 

3 57 

195 7 

G 

18 4 

697 5 

C 

3.68 

210 3 

F 

20 1 

704 1 

A 

3.79 

221.0 

F 

21.2 

708 0 

E 

3 84 

232.4 

G 

23.8 

712 4 

C 

3 94 

241.1 

H 

30 2 

722 0 

E 

4 03 

255.4 

H 

36 7 

727 8 

E 

4 25 

282 3 

H 

44.6 

732 1 

D 

4 35 

301.3 

H 

48 0 

733 4 

E 

4.55 

i 316.7 

H 

*60 0 

737.2 

D 

4 87 

358 2 

I 

66 5 

738.8 

F 

5 03 

375 5 

1 

83 1 

740.9 

D 

5 37 

406 0 

I 

99 9 

742 6 

D 

5.88 

1 448 6 

J 

115 

743 6 

D 

6 29 

j 477 3 

J 

135 

744 9 

E 

6 51 

487 5 

J 

147 

745 1 

F 

6 97 

517 4 

J 

161 

745 7 

F 

7 74 

553 0 

J 

177 

746 0 

D 

8 48 

580 7 

J 

200 

747 1 


solution was calculated from the solvent and solute present in the cell at 
each reading, allowance being made for the ammonia in the vapor phase. 

The weight of salt was determined at the end of a run by weighing the 
cell and salt and then weighing the cell after the salt had been dissolved out. 

RESULTS AND CALCULATIONS 

The values given in tables 1, 2, 3, and 4 are the values obtained from 
several sets of independent measurements. These values of the vapor 
pressures are plotted in figures 3 and 4, where the concentration is ex- 
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TABLE 3 


Vapor pressures of ammonium bromide in liquid ammonia at 25°C. 


RERIKH 

MOLER NHj 
MOLE NHibr 

P 


1 

RERIKH 

MOLES NH3 

MOLE NJtLbr 

P 

A 

1 

56 

cm. Hg 

162 3 

c 

9.65 

cm Hg 

671.1 

A 

1 

83 

162 

3 

D 

10.7 

683 4 

B 

2 

29 

162 

3 

E 

12 3 

695 1 

B 

2 

50 

184 

2 

E 

14 2 

704 3 

C 

2 

5() 

196 

5 

F 

17.5 

713.5 

C 

2 

77 

1 226 

0 

F 

21 6 

722 2 

B 

3 

00 

257 

9 

F 

24 6 

725.4 

n 

3 

29 

305 

5 

F 

35 1 

732 5 

c 

3 

53 

340 

6 

O 

39 9 

734 9 

c 

3 

93 

39() 

2 

F 

44 0 

735 9 

c 

4 

30 

440 

1 

C5 

56 3 

739.2 

c 

4 

69 

480 

8 

(1 

71 6 

741.5 

n 

5 

17 i 

522 

« i 

H 

94 0 

743 2 

D 

5 

57 

550 

7 ' 

H 

129 

745 1 

c 

f) 

74 

559 

7 1 

H 

146 

745 5 

n 

6 

80 

609 

0 ! 

H 

159 

745.9 

D 

7 

39 

628 

1 1 

H 

172 

746 3 

c 

0 

03 

6()2 

i 





TABLE 4 


Vapor pn ssurcs of ammonium chloride tn liquid ammonia at 25°C, 


RE KIES 

MOLES NHa 

Mt)LE N H«C1 

p 

1 

SERIES 

j 

MOLES NHs 
MOLE NH 4 CI 

P 

A 

2 00 

cm. Hg 

314 0 

D 

13 8 

cm. Hg 

725 9 

B 

2 38 

314 9 

C 

16 0 

729 0 

B 

2 62 

364 3 

D 

17 9 

730 7 

B 

2 90 

421.2 

E 

20 0 

732 4 

B 

3 10 

456 5 

D 

24 9 

735 2 

B 

3 37 

497 8 

T) 

32 0 

737 6 

A 

3 67 

530 3 

D 

34 7 

738 6 

B 

3 90 

558 2 

E 

51 3 

741 7 

B 

4 32 

595 8 

F 

60 7 

742 5 

A 

4 89 

629.0 

G 

69 0 

743 4 

A 

6 21 

674 5 

F 

86 4 

744 2 

C 

6 71 

685.6 

G 

I 105 

745 2 

C 

7 48 

696.5 

F 

111 

745 5 

C 

8.55 

707 0 

G 

122 

745 9 

A 

9 41 

712.4 

G 

133 

746 8 

B 

9 96 

714 0 

G 

143 

747 1 

C 

12 2 

722.3 






Moles NHs/Mole Solute 

Fig. 4. Vapoe Pbbssures of Solutions in the Dilute Region 
I, ammonium chloride; II, ammonium bromide; III, ammonium nitrate; IV, 
ammonium iodide. Curves I, II, and III have been displaced upward on the 
ordinate 60, 40, and 20 cm., respectively. 
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pressed in moles per mole of salt. The tables include only a fraction of the 
measured pressures. 


DISCUSSION OF RESULTS 

By this method it is impossible to carry the solutions to the desired di¬ 
lutions so that we can calculate the activity of the solute. However, we 
are measuring the freezing points of the dilute solutions and will be able to 
furnish additional data in a subsequent article. 

Since the dielectric constant of ammonia is low, one expects a low activity 
of the electrolytes in this solvent. However, because of the great proton 
accepting power of ammonia one expects these ammonia salts to have a 
high activity. Our vapor pressures indicate that the solute ions are 
associated in our most dilute measurements. The order of association is 
what is to be predicted from the magnitude of the ion diameters. 

The extremely low concentration of H"*" or protons in (1) NHj leads the 
authors to avoid the term, acids in (1) NHa, in the usual sense that the term 
acid is used. 


SUMMARY 

The vapor pressures of solutions of ammonium nitrate, ammonium 
chloride, ammonium bromide, and ammonium iodide in liquid ammonia 
have been determined over as wide a concentration range as possible at 
25“C. 
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Autocatalysis and Sol Purity 

F. C. HILDEBRAND and C. H. SORUM 

Laboratory of General Chemistry^ University of Wisconsin^ Madison, Wisconsin 

Received November 17^ J93S 

In a series of studies involving the use of the photoelectric cell as a 
means of measuring rates of coagulation, Desai (1) and Desai and Patel (2) 
observed definite evidence of an induction period in the coagulation process. 
Since the extent of this induction period was found to decrease with in¬ 
creased purification of the sol employed, it seemed pertinent to repeat 
Desai^s studies, using the presumably highly purified sols prepared in this 
laboratory (4, 5). 

The light source used was a 300-watt ^‘("hampion"’ tungsten-filament 
bulb which was operated on 60 volts at 1.78 amperes. The light from this 
lamp, which was cooled by placing it in a water bath through which passed 
a copper coil containing running water, was passed through a lens (/ = 6 
cm.) placed at a distance equal to its focal length from the filament. In 
series with the lamp were a key, a variable 10-ohm resistance, and an 
ammeter w^hich could be read to 0.01 ampere. The light, which could be 
shut off by a shutter placed directly in front of the lens, then passed through 
a metal tube set in a thermostat to an inner container in the thermostat. 
Here were placed, in order, a filter of a 2 per cent solution of copper nitrate 
contained in an optical glass absorption cell (10 X 100 X 100 mm.), the 
reaction cell (10 X 100 X 70 mm,), also of optical glass, and a photo¬ 
electric cell. This last was a product of the General Electric Company 
(P. J. 23) containing cesium as the sensitive material, which when operated 
on an anode potential of 90 volts delivered a maximum peak anode current 
of 5 microamperes. 

This current was passed through a Leeds and Northrup wall galvanom¬ 
eter whose sensitivity was 1655 megohms. Readings of the galvanom¬ 
eter deflection were taken on a scale 2.5 meters along its arc, placed at a 
distance of 7 feet from the galvanometer mirror. 

The source of current for the lamp was a bank of storage batteries whose 
output current was maintained at a constant value by means of the variable 
resistance mentioned above. 
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EXPERIMENTAL 

Preliminary experiments showed that the ferric oxide sol which was used 
was not affected by light after an exposure of from three to four hours, and 
that pure electrolyte solutions were mthout appreciable effect on the 



intensity of the transmitted light. Before each determination, a blank 
was run using 10 cc. of sol diluted with 20 cc. of distilled water in the 
reaction cell. The necessary time was allowed for all external conditions 
to become constant and the galvanometer reading was then taken. The 
aero point was obtained by cutting off the light with the shutter, and the 
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difference between these two values taken as the standard deflection for 
the sol under investigation as a measure of the opacity of the pure sol with 
no added electrolyte. 



Twenty cc. of electrolyte was then placed in a 125-cc. Erlenmeyer flask, 
the time taken as being the aero time for the run, and 10 cc. of sol pipetted 
into the flask. The reaction mixture was then quickly transferred to the 
reaction cell and the cell placed in its proper position in the inner container 
of the thermostat. As nearly as possible, the same mixing technique was 
employed in every determination so as to eliminate any effect due to stirring. 
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At various times, readings were taken on the galvanometer scale and the 
differences from the standard deflection plotted against the time, giving the 
curves shown in figures 1 to 5. 



DISCUSSION 

Since the decrease in intensity of the transmitted light is a measure of 
the increase in flocculated sol, the slopes of the various curves give a 
direct measure of the rate of coagulation at any given time. The plotted 
results show no induction period; neither do they show any autocatalsrtic 
tendency (3). 
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In all curves there is an evident tendency for the rate to drop off toward 
the end. Since, in keeping with Desai’s technique, the sol-electrolyte 
mixture was not stirred, this is no doubt caused by a counter-clarification 
due to sedimentation of the flocculated material. The actual appearance 



of a floe at the bottom of the cell, and the fact that this dropping off in the 
rate of decrease of intensity of the transmitted light was more pronounced 
when the beam of light was shot through the top of the cell and less pro¬ 
nounced when shot through the bottom substantiates this contention. 

In view of the fact that agglomeration is presumably the result of colli- 
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sions between two or more particles, it is to be expected that the reaction 
might be of second order. In the event that it is second order a straight 
line should result if the reciprocal of the direct galvanometer reading, 
which reading is a direct measure of the concentration of unflocculated sol, 
is plotted against time. Such graphs are shown in figure 6. The results 
seem to warrant the conclusion that the coagulation process is essentially 
second order. 

The results of studies with stirred sol-electrolyte mixtures will be pre¬ 
sented in a later paper. 

SUMMARY 

1. The rate of coagulation of highly purified ferric oxide sols by various 
electrolytes has been studied by means of the photoelectric cell using the 
technique developed by Desai. 

2. There is no evidence of an induction period in the flocculation process; 
the process docs not appear to be autocatalytic. This is in agreement with 
a prediction contained in Dcsai’s experimental results. 

3. The flocculation process appears to be essentially of second order. 
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THE tempi:rature c^oefficient of photographic 

SENSITIVITY. I 


Low Temperatures and the Natural and Optical Sensitivities of 

Dyed Silver Halides^ 

S. E. SHEPPARD, E. P. WIGHTMAN, and R. F. QUIRK 
The Kodak Research Laboratories of the Eastman Kodak Co.^ Rochesterj New York 
Received January 26y 1934 

The primary object of the present study was to ascertain if the natural 
and the optical sensitivities of dye-sensitized silver halide were sharply 
differentiated as regards temperature influence. If this were not so, this 
would be evidence that the mechanism of latent ‘mage formation must be 
very similar in both cases. On the other hand, a very considerable differ¬ 
ence, particularly at quite low temperatures, might strengthen the case 
for those who support a more or less complicated chemical reaction as 
the basis of optical sensitizing (14). 

In discussing previous work on the subject of temperature influence, 
we regard it as desirable to deal separately, at least for the present, with 
investigations below normal temperature—i.e., below 20°C.—and those 
above. Since the experiments to be described in this first part deal with 
the lower range, discussion of relevant literature will be confined to this 
interval. 

Much of the work on the effect of temperature on sensitivity appears 
to be rather discordant. Dewar and Abney (4), for example, reported a 
lowering of 80 per cent in ‘^sensitivity^^ at — 180°C. as compared with 
that at room temperature, whereas A. and L. Lumiere (16) reported that 
it required 350 to 400 times more exposure to produce the same density 
on plates exposed at —191°C. as at room temperature, i.e., about 99.7 per 
cent loss. 

Some have found only a slight (if any) change in sensitivity with in¬ 
creasing temperature (21, 22) from — 50®C. to +100°C., and others a 
considerable increase (1, 3, 4, 12, 16, 18, 19, 23); some have even found a 
decrease at the higher temperatures (2, 13). 

R. J. Wallace (29), plotting density (less fog) against temperature (from 
—20®C. to -flOO^C.), found that the lower densities (up to about 1.2) 
passed through a maximum between — 20®C. and 0°C., and decreased 
more or less for higher temperatures. 

^ Contribution No. 528 from the Eastman Kodak Co. 
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The first to notice an effect of temperature on contrast (gamma, or 
gradation of density with exposure over the normal exposure region, for 
different developmert times) was Abney (1). He found that for the 
most part for exposures with time variation, i.e., intensity constant, tem¬ 
perature variation made little, if any, change on the contrast. With 
intensity varied and time held constant, he found a lowering of contrast 
with decrease of temperature between +34®C. and — 15®C. 

King (13) also mentioned the change of contrast with temperature, 
but did not say in which direction it trended. 

Wallace (29) found that between — 10°C. and +20®C. contrast de¬ 
creased and above 20°C. it remained constant, under the conditions of 
his experiments. It should be remembered that his results represented 
sensitometric curves with fog subtracted uniformly for all densities. 

Eggert and Luft (5) have tried to explain some of these discrepancies. 
They found that in plotting the dependence of density for constant energy 
of (white light) illumination, and (presumably) constant development 
time, against the temperature, the curve drawn through the observed 
points had a maximum betw'een — 60®C. and — 20®C., and a minimum 
between +40®C. and +60°C., somewhat similar to those of Wallace but 
at different temperatures. Gammas for the same characteristic curves 
(for constant development time) from which the densities are taken, 
decrease to a minimum and then increase again. X-rays, however, pro¬ 
duced only a small steady increase in density, for constant energy of 
illumination, with temperature increase. 

One cause for the lack of agreement among the various investigators 
as to the effect of temperature change on photographic sensitivity has 
been the looseness with which the word “sensitivity’' has been used. It 
has had distinctly different meanings wdth different workers. We shall 
use the term to imply the average relative sensitivity of all the silver 
halide grains of the plate, as modified by their surroundings of gelatin, 
etc., the relative sensitivity of the individual grains being defined as the 
exposure (to some standard light source) just sufficient to make the grain 
developable under some chosen standard conditions of development, 
which takes into account the developer, the temperature, and the time 
of development. 

We shall use the term “speed” to mean 10 X lA, i being the inertia 
of the plate, or that exposure on the log E axis at which the straight-line 
portion of the />~log E curve extended cuts tl^ axis. This is often called 
the H. and D. speed, although Hurter and Driffield used a different factor 
than 10. 

Another cause for the discrepancies in conclusions concerning the effect 
of temperature lies in the fact that no two investigators used the same 
sensitometric procedure. The conclusions were derived from very meager 
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data, frequently from just two or three exposures and one development 
time, the conditions of exposure and development not being specified, 
nor the type of plate used. 

Even more important, as indicated by recent unpublished investi¬ 
gations by Dr. J. H. Webb, of the Physics Department of this Laboratory, 
is the intensity level. Since our results were obtained with a mixed 
regime, i.e., an intensity scale of exposures instead of a time scale, they 
can only be regarded as comparative, but we regard them as signifi¬ 
cant for the comparison of natural and optical sensitivities. 

This investigation is by no means complete, having been conducted so 
far at only three temperatures, —180®, —70° and -|-20°C., and with com¬ 
paratively few different kinds of plates, but results ha\'e already been 
obtained which it was felt warranted publication. 

EXPERIMENTAL PROCEDURE 

The plates which were cooled to — 70°C., and their controls at room 
temperature, were exposed in a vertical sensitometer in which they lay 
on a metal box, in a metal drawer. The temperature of the box was 
lowered by partly surrounding it with solid carbon dioxide, and by passing 
through it acetone cooled by allowing it to flow through a copper coil 
packed in solid carbon dioxide in a surrounding vessel. The system was 
well insulated, and was provided with a means of raising the acetone back 
from a lower reservoir into an upper reservoir after the latter had emptied 
itself. 

The temperature at the surface of the plate was determined by pressing 
against it a calibrated alumel-chromel thermocouple, connected with a 
galvanometer and rheostat, the former having a scale graduated in tenths 
of *a millivolt, and which could easily be estimated to 0.1 to 0.2 millivolt. 
The thermal junction was flattened so as to make as intimate contact 
with the plate as possible. 

The calibration was carried out by burying the thermocouple in liquid 
nitrogen, liquid oxygen, solid alcohol, solid ethyl chloride, solid carbon 
dioxide, a soft mush of carbon dioxide in acetone, salt and ice in water, 
pure ice in water, and water at various temperatures above 0°C. up to 
60°C. 

As the room temperature was fairly constant, in the neighborhood of 
20°C., the refinement of operating the above thermocouple against a 
standard at, say 20°C., was found unnecessary, although the room tem¬ 
perature was recorded. 

A curve of the galvanometer readings plotted against temperature 
was drawn, and found to be practically a straight line above — 80°C. 

There was no appreciable condensation of moisture on the plate when 
placing it in the sensitometer nor during the period it remained there, 
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since practically all moisture inside the sensitometer was displaced by 
the rapidly evaporating carbon dioxide. 

The same sensitometer was used for attaining exposures at — 180°C., 
but the cooling system was modified, in that liquid air was passed directly 
from its upper container through an insulated tube to the metal box which 
was partly surrounded by either liquid air or liquid nitrogen, and from 
the metal box to a lower container, and the whole system was more 
thoroughly insulated. 

The temperature of a plate lying on the metal box when the latter 
was surrounded with liquid nitrogen was very little, if any, different from 
that when liquid air was used as the surrounding medium, because liquid 
air was flowing rapidly through the inside of the box all the while. 

The difference in speed and in contrast at --180°C. (noted below), 
when liquid nitrogen was used around the box in the drawer, as compared 
with liquid air, was therefore not due to temperature difference but per¬ 
haps to the presence of a small amount of ozone in the oxygen vaporized 
from the liquid air. The ozone would no doubt react with the dye in the 
panchromatic plate, which, it was observed, does very quickly lose its 
orchid color in the vapor above liquid air, even without the action of 
light. Dewar has shown that liquid air, when evaporating, does form 
some ozone, especially when acted on by light (4). 

Because the rubber tube connections would become hard and brittle 
at that low temperature, the metal drawer containing the metal box 
was fastened securely to supports screwed to the work bench, and the 
sensitometer was put on a platform on wheels and rolled back and forth 
to open and close it. 

The sensitometer itself (27) consisted of a balopticon with a short- 
focus lens, which focused, for the desired time, the image of a step tablet 
onto a 4 X 5 inch plate lying on the metal box in the metal drawer, by 
opening and closing a metal flap in front of the lens. The exposure time 
was either 1 minute or 2 minutes. 

The light from the sensitometer lamp (which was operating at about 
110 volts) before reaching the plate, passed through filters. With pan¬ 
chromatic plates, either a Wratten No. 39 glass filter + a 15 per cent 
copper sulfate solution in a 1-cm. deep glass cell, or a Wratten No. 9 -f- 
a Wratten No. 29 gelatin filter were used to give blue-violet or red light, 
respectively. The former combination has a maximum transmission at 
about 380 m/x to 400 m/x and no transmission of wavelengths longer than 
510 mfi. The latter filters cut off all light of wavelength shorter than 
600 m/x. With the process plates, not dye-sensitized, we substituted for 
the red filter a Kodak No. 4 filter, transmitting only beyond 480 m/x. 

After the exposure at the low temperature, the plate was placed in a 
4x5 inch plate box. Of course, some moisture condensed on it in trans- 



TABLE 1 

Comparison of relative speeds of panchromatic plates for hlue-violet and red light at different temperatures with pyro-soda develope 
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ferring it to the box, but this, it was known from previous experiments 
on the effect of moisture on the sensitivity and latent image (27), had 
no appreciable effect on the latter. The plate was not developed until 
it had attained room temperature again and the moisture had evaporated. 

The plate which had been cooled was developed along with an uncooled 
one which had previously been exposed in the sensitometer at room tem¬ 
perature (about 20®C.) (or in some cases with one which had been cooled 
after exposure) in a standard pyro~soda developer^ at 20®C. Devel¬ 
opment time was varied from 2 minutes to 60 minutes. Some experi¬ 
ments were also done using p-aminophenol developer.* 

EXPERIMENTAL RESULTS 

The full results are best presented as the actual sets of characteristic 
curves obtained at each temperature and for all times of development, 

TABLE 3 


Comparison of relative speeds of process plates for blue^violet and bluish green-yelloxo 
light at different temperatures using pyro-soda developer 



C OLOR OF 
ILLUMINATION 

TBMPER- 

ATUR15 

BPBBDH FOR DEVELOP¬ 
MENT TIMES OF 

AVBRAUE 

BPEED 




2 nun 

6 min 


Control . ' ‘( 

Blue-violet 
Green-yellow i 

degreed 

+20 

+20 

84 

11 5 

89 

12 6 

87 

12 

Liquid nitrogen . . | 

Blue-violet 
Green-yellow 

1 1 

5 3 

0 63 

3 4 

0 63 

4 4 

0.63 


but this is likely lo be regarded as taking too much space. We give, 
therefore, tables of sensitometric variables taken from these curves, as 
well as graphs derived from these. In tables 1 to 3 are given the data 
on total speeds^ at 20°C., — 70®C., and — 180°C. for Wratten panchromatic 


Solution B: 

NaaCOj (anhydrous). 300 g. 

KBr. 4 g. 

Water to. 41. 


* Standard pyro-soda developer: 

Solution A: 

Na 2 S 08 (anhydrous). 256 g. 

NaHSOs. 70 g. 

Pyrogaliol. 80 g. 

Water to. 41. 

* Standard p-aminophenol developer: 

p-Aminophenol hydrochloride. 7.275 g. 

Na 2 S 08 (anhydrous). 50. g. 

Na 2 C 08 (anhydrous). 50. g. 

Water to. 1. l. 

^ Not subtracting fog. For practical photographic purposes, ''speed minus fog" 
or a similar value, is more useful, but not for sensitivity studies. 
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plates, with blue-violet and red radiation, respectively, with both a pyro- 
soda, and a p-aminophenol developer, as also the value of y (gamma), 
the slope of the characteristic curve. Data arc also given for a process 
plate for blue-violet light (maximum at 380 m/x to 400 m/x) and for bluish 
greemyellow rays longer than 480 m/x, of which only the shorter ones are 
effective. These represent data on wav^elength effect within, the natural 
absorption region of the silver iodobromide, and not for optically (dye) 
sensitized material. 


TEMPERATURE 


TABLE 4 

Wratten panchromatic plate 

! SPEED NUMBERS 

Blue-Violet | Red 


Pyro-soda developer 


degrees C. 

20 I 

-70 

— 180 (Nitrogen) 

-180 (Air) 

425 100 per cent 

389 92 

43 10 

27 6 3 

324 s 2 = 100 per cent 

256 79 

10.6 3 5 

10 4 3 3 

p-Aminophenol developer 

20 

-180 (Air) 

400 100 per cent 

83 20 

311 ^ 100 per cent 
17.4 5 

Process plate 

TEMPERATURE 

<480 mu 

<480 mu 

Pyro-soda developer 

degrees C. 

20 

— 180 (Nitrogen) 

87 ^ 100 per cent 

4 4 5 

12 100 per cent 

0 63 5 


The average values of the relative speeds are collected and reduced to 
a percentage basis in table 4. It will be noticed that while the fall in 
speed—^and consequently in threshold sensitivity—is comparatively small 
from 20®C. to — 70®C., it becomes very considerable, both for the natural 
and the optical sensitivity, from — 70®C. to — 180°C. The results for the 
Wratten panchromatic plates appear to indicate that the optical sensi¬ 
tivity (^‘red^O off considerably more than the natural or blue-violet 
values. But this cannot be regarded as proven by these data, because 
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the values for the blue-violet sensitivity at ~-180®C. are rather widely 
scattered, namely as follows: 


Pyro 
Pyro 
P. A. P. 


Pyro 


Panchrorrutiic plates at —180^C 


Nitrogen 

Air 

Air 


Nitrogen 


10.0 per cent of 20®C. speed (blue-violet) 
6.3 per cent of 20°C. speed (blue-violet) 
20.0 per cent of 2()®C. speed (blue-violet) 

Process plate 

5 per cent of 20°C. speed 


Also, there are no data on process plates cooled in the presence of liquid 
air or developed in p-aminophenol. 


TABLE 5 


Comparison of garnmas of panchromatic plates for hluc^violet and red light at different 
ItmperatureSj with pyro soda dcvilopcr 


Control 


Holid carbon dioxide 


Liquid nitrogen 


Liquid air 


COLOR OF 

I 

TKMPEK- 

VALUES OP UAMMA FOR DEVELOPMENT 
TIMES OP 

ILLUMINATION 

, ATURfi 

i 

I 

2 

min 

3 

min 

4 

min 

0 

min 

10 

min 

15 

min 

20 

mm 

30 

min 


degreesC 


1 







Blue-violet 

+20 

0 52| 

0 85 

1 12 

1 45 

1.84 

2.16 

2.67 

— 

Red 

+20 

0.64 

1 09 

1 53 

2 08 

3.10 

3.72 

4.00 

— 

Blue-violet 

-70 

0.33 

0 56 

0.67 

1 00 

1 17 

— 

— 


Red 

-70 

0.40 

0.66 

0.81 

1.15 

1.68 

— 

— 

• - 

Blue-violet 

-180 

0.15 

0 28 

0 42 

0 68 

1 07 

1 30 


1.85 

Red 

-180 

0.15 

0.25 

0.43 

0 62 

1 13 

1.62 

— 

2.10 

Blue-violet 

-180 

0.09 

0.18 

0.25 

0.44 

0.81 

0.93 

— 

1.55 

Red 

-180 

— 

0 06 

0.17 

0.27 

0.63 

0 84 


1.37 


Hence it does not appear possible to conclude that the optical sensitivity 
is much more depressed than the natural (blue-violet) sensitivity, in so 
far as threshold sensitivity is concerned. 

A more definite distinction between the blue-violet and red light- 
exposed plates appears in regard to contrast and perhaps maximum 
developable density which would be an approximate measure of 

the total photographic ^‘yield.^^ The data (tables 5 to 8 ) indicate that 
for the blue-violet there is no considerable fall of y^ or Z)max, but chiefly 
a shift of inertia with lowered temperature. With the ‘*red^' light, how¬ 
ever, there appears to be a progressive reduction of 7 ^, with possibly some 
fall of i>max (cf. table 8 ). If it w^ere quite correct that there were no fall 
of 7 oe lowered temperature for ‘^blue-violet'^ light (i.e., with fall of 
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TABLE 6 

Comparison of gammas of panchromatic plates for blue-violet and red light using 
p-aminophenol developer 


Contn)! 


Liquid air 


(OLOB OF 

TEMFEB- 

VALUES OF OAMMA FOR DEVELOPMENT 

TIM EH OF 

II MJMINATION 

ATtlHK 

3 

mm 

4 

min 

3 

mm 

10 

mm 

15 

mm 

20 

mm 

30 

mm 

60 

mm 

Blue-violet 

degrees C 

+20 

0 62 

0 83 

1 20 ! 

1 54 

1 89 

2 08 


2 21 

Red 

+20 I 

1 01 

1 46 

1 74 

2 56 

2 83 

3 06 

3 90 


Blue-violet 

-180 

_ 

_ 

0 251 

0 31 

_ 

0 54 

0 75 

_ 

Red 

-180 


— 

0 21| 

0 32 

— 

0 48 

__ 

— 


TABLE 7 


Comparison of gammas of process plates for blue-violet and green-yellow light at different 
temperatures using pyro-soda developer 



COLOR OF 
ILLUMINATION 

TBMPEK- 
ATl HE 

VALUES OF r.AMMA FOR 
DEVELOPMENT TIMES OF 




2 Mm 

6 Mm 

Control j 

Blue-violet 

Green-yellow 

degrees C 

+20 

+20 

1 67 

1 90 

3 48 

4 36 

Liquid nitrogen .| 

Blue 

Green-yellow 

1 1 

i i 

0 37 

0 30 

1 51 

1 14 


TABLE 8 

'>« panchromatic plates at various temperatures with blue-violet and red light 


COLOR OF LIGHT 



ao 


At 20*(' 

At -70“ 

At -180* 

1 N. 

At -180* 

1 a 


1 (a) 

2 13 

- - 

1 53 

1 42 

Blue-violet . . 

. \ (b) 

2 52 

1 56 

2 72 

2 67 


i (<•) 

2 93 

— 

2 56 

2 70 


f (a) 

4 49 

— 

2 17 

1 13 

Red . 

. (•>) 

5 04 

3 28 

3 49 

1 82 


1 ( 0 ) 

4 46 

— 

2 61 

1 26 


(a) Values in this row determined from equation dy/dt « k{y^ — y) and inter¬ 
mediate values of gamma are approximately constant. 

(b) Values in this row determined from the above equation with 7 = 0 . 

(c) Values in this row determined from the above equation with y for 30 minutes 
development time, except those at — 70®C., which were obtained with y for 10 min¬ 
utes development time. 
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natural sensitivity) then the general results could be diagrammatically 
represented as in figure 1. This would mean that as regards “blue-violet’' 
radiation, all grains, of whatever initial size and sensitivity, were equally 
reduced in sensitivity (causing a parallel shift in the characteristic curve). 



There is some evidence against this in the somewhat larger speed reduc¬ 
tion of the process (slower, fine-grained plate) than of the panchromatic 
plate. But the influence of “desensitization” on the temperature coeffi¬ 
cient remains to be specifically investigated. Provisionally, all that one 
can say is that there seems to be less tendency to diminution of sensitivity 
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at very low temperatures for the natural (blue-violet) sensitivity than 
for the optical (dye) sensitivity, for the most sensitive grains, but that 
the changes in sensitivity become of the same order for the grains of 
lower sensitivity. 

DISCUSSION 

We may summarize the principal results of the investigation in the 
form of four propositions, and then consider possible interpretations of 
these. 

1. There is a relatively small drop in sensitivity, both natural and 

optical, from 20®C. to — 70®C. 

2. There is a large drop in both cases from — 70°C. to — 180°C. 

3. Even at --180°C. there persists some 5 per cent or more of the 

original threshold sensitivity at 20®C. 

4. Latent image formation by red light in optically (dye) sensitized 

grains seems to be affected by very low temperatures similarly 

to the process in grains of low sensitivity with blue-violet light 

Effect on absorption 

According to Fesefeldt and Gyulai (7), to Fesefeldt (6), and to Hilsch 
and Pohl (11) the ultra-violet and violet absorption of silver chloride is 
very little affected, about 5 per cent by a temperature of --180®C. On 
the other hand, To}^ and Harrison (28) give values for the absorption 
coefficients of silver bromide at — 180®C. showing a much larger decrease 
in absorption, viz., about 75 per cent at 365 m/n, 59 per cent at 406.2 m^, 
and 45 per cent at 435.8 m^l. Between 20®C. and — 180®C. they found 
the decrease in direct proportion to the temperature drop. 

Hilsch and Pohl (11) state that the absorption spectra of the color 
centers (produced by ultra-violet illumination) in silver chloride and 
silver bromide crystals were unaflFected (within probable experimental 
error) by temperatures down to —180°C. If the absorption of silver 
bromide is more affected by temperature drop than that of silver chloride, 
it is possible that that of silver iodide would be still more seriously reduced, 
and even that of silver iodobromide more than that of pure silver bromide. 
However, the small effect of a temperature drop to -~180®C. on the ab¬ 
sorption of thallium bromide and thallium iodide observed by Fesefeldt 
(6) makes any such large changes as those given by Toy and Harrison 
seem doubtful. Hilsch and Pohl speak, in fact, in general terms of ^‘the 
practical temperature independence of the absorption spectra of the 
silver halides.” It may be doubted, therefore, whether change of ab¬ 
sorption contributes materially to the fall of photographic sensitivity of 
the non-optically sensitized silver halide. 

In the case of dye-sensitized material, it is the absorption of the ad- 
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sorbed dye which is in question. We have not found much information 
in the literature on the effect of low temperatures on the absorption by 
dyes, at least in the solid state, which is the nearest to that concerned. 
The investigations of Konigsberger and Kilching (15) were concerned 
with temperatures from 20®C. upward. For dyes such as fuchsin, cyanin, 
iodeosin—sufficiently near in type to sensitizing dyes—they concluded: 
(1) that absorption in the visible spectrum is due to one resonating electron 
per molecule; and (2) that for a rise of 75®C. the maximum was displaced 
some 8 toward the longer w'avelengths, and only slightly weakened 
and broadened. 

The inference would be that, as found with other materials, lowering 
the temperature to say — 18(}°C., might displace the absorption maximum 
about 10 to 20 m/x toward the shorter wavelengths, and somew^hat narrow 
the absorption band. On this basis, there appears no reason to expect 
so large a lowering of total red sensitivity as was actually found. 

Primary and secondary processes 

Regarding the primary process, in the case of the silver halide, as the 
absorption of light and, to a first approximation, as 

Br” kp —► B Br 

/ 

Ag+ + 0 Ag 

the parallel event for the dye viould be 

D -f /i*' 0 + Z)* 

where D' represents an unsaturated radical derived from the dye molecule, 
which can, for example, couple to form with another D^, just as dianthra¬ 
cene is formed from anthracene on exposure to ultra-violet light^ (17, 20). 

A hp ^ ^ + A' 

Ai -f. A» A* 

Ag+ + 0 > Ag 

Since neither of these photoelectronic processes would be much affected 
by temperature change, we must look for the carrier of the temperature 
effect in secondary processes of latent image formation: 

1. In the case of ultra-violet and blue-violet sensitivity (natural ab¬ 
sorption by silver halides) this might be a greater regression of latent 

• The mechanism suggested for these photopolymerizations is that of an internal 
photoelectric effect. Both anthracene and the sensitive dyes show external photo¬ 
electric effects in the shorter ultra-violet, and the dyes (cf. A. Gk)ldmann: Ann. 
Physik [4] 28 , 449 (1908)) give photovoltaic effects in aqueous s 3 rstems for light in 
their visual absorption bands. 
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image after low temperature exposures, by bromine. Thus, conceivably 
at higher temperatures, the bromine atoms formed are very rapidly re¬ 
moved, whether by interaction with gelatin or other halogen acceptor. 
It is feasible that at very low temperatures, not merely is this reaction sus¬ 
pended, the bromine atoms being frozen in statu nascendiy but that on 
return to normal temperatures the bromine has a greater probability of 
attacking the latent image silver atoms. Certainly in one respect a 
difference would exist. Any bromination (or halogenation) occurring in 
light at normal temperatures would be partly a photobromination; such 
photobrominations ha^^c notoriously high temperature coefficients for 
photochemical reactions (8). In any event, the possibility exists that 
retarded halogen acceptance may account for the considerable fall of 
sensitivity of non-optically sensitized silver halide. 

However, it appears more difficult to account in this way for the equal 
or greater fall in dye-induced optical sensitivity, since there is no evidence 
that in this case anj^ halogen is actually liberated. It would require 
very complicated and rather improbable mechanisms to ensure that the 
light absorbed by the dye molecule should not only release an electron 
from a halide ion, but also, and necessarily, pass this on to a silver ion. 

2. An alternative secondary process is that involved in aggregating or 
concentrating sufficient silver atoms produced by the primary process to 
form a nucleus capable of inducing development. On the orientation 
theory of “concentration specks'' (25) it is supposed that silver sulfide 
specks in the grain induce or orient the reaction 

Ag^ -f ^ Ag 

to occur at the interface Ag 2 S : Ag Hal. Whether the whole quantum 
event 

Ur” -f hp Br -h ^ -f Ag^ —► Br + Ag 

is thus oriented, or only the part reaction above, is not implied in the 
theory. An essential corollary to this is that as far as the natural ab¬ 
sorption is concerned, the whole projective area of the grain is the recep¬ 
tive or working area (25). This has recently received confirmation from 
experiments by J. H. Webb on the reciprocity failure (30). 

The studies on photoconductance in the silver halides by Toy and 
Harrison (28), and by Harrison (10), as well as those on the photovoltaic 
effect with silver:silver halide electrodes by Sheppard and Vanselow (26) 
indicate that the photoelectrons in silver halide crystals can traverse 
quite considerable distances. Gudden and Pohl (9) point out that this 
is characteristic of crystals with high refractive index, in which the po¬ 
tential barriers between adjacent ions are not so steep as those in purely 
ionic lattices, such as the alkali halides. In any case, the orientation 
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hypothesis presupposes a system of energy slopes, or potential gradients, 
in the crystal focusing upon the speck. It appears feasible that at very 
low temperatures this system is altered, that the lattice becomes more 
like that of the alkali halides, so that orientation of the photo-effect be¬ 
comes increasingly difficult,—which would be equivalent to a progressive 
desensitization by reduction of receptive area. 

The data on the effect of low temperatures on photoconductance (10, 
28), are too variable to throw much light on this. They do show, how¬ 
ever, that the thermal history of the crystal, and its consequent structure, 
greatly affect the temperature coefficient. 

It seems possible that further insight into the nature of the sensitivity 
drop at very low temperatures may be obtained, e.g., by examining the 
effect for x-rays or a-particles. This is independent of sensitivity nuclei, 
and only determined by the projective area (24). Again, the temperature 
coefficient of chemically desensitized plates should be compared with 
that before desensitization. Work on these phases is under way. 

Density measurements and much of the development in the work here 
reported was carried out by Mr. E. Huberth, to whom we wish to express 
our thanks. 
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It has been shown quite conclusively that the conduction of an electric 
current by certain glasses is due to the transference of ions (5). In other 
glasses, however, such as those composed of very simple inorganic and 
complex organic molecules, it is difficult to decide on the nature of the 
charge carriers. 

Schonborii has presented data on certain borosilicate glasses which con¬ 
duct ionically (»>). His measurements show a definite break in the con¬ 
ductivity-temperature curve at a. point corresponding to the softening 
region of the glass. 

With boron trioxide, however, no evidence of such a change in the 
transition region has been reported (4,6). ^"arious boron trioxide- sodium 
borate systems have also been measured, but these too showed no irregu¬ 
larities. 

This investigation represents a further study on boron trioxide-sodium 
borate (B 2 O 3 - NaJhO;) systems, undertaken and carried out with the 
aid of a iww and highly refined method of measurement. 

APPAUATUS and PROC EDURE 

The apparatus used to make the conductivity measurements was a 
modification of that described by Clark and Williams ( 1 ). The modifica¬ 
tions w^ere introduced in the interests of greater sensitivity and ease of 
control. The circuit w as essentially a modified Wheatstone bridge employ¬ 
ing precision standard resistances, variable potentials on tw’o of the bridge 
arms, and a high-sensitivity quartz-suspension Compton electrometer.^ 

For measurements on pure boron trioxide and mixtures containing small 
percentages of sodium borate, a conductivity cell w^as constructed of Monel 

^ This work is a contribution to the series of studies on glass which are being con¬ 
ducted by Professor George S. Parks at Stanford University. 

2 Shell Research Fellow at Stanford University, 1932-1933. 

3 The refinements of the apparatus over that described by Clark and Williams (1) 
will be reported by one of us (J. D. C.) at a later time. 
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metal. The outside was turned to fit a cavity in a large electrically heated 
copper block. In the center of the Monel piece, a cylindrical cavity of 
10.5 mm. diameter and 50 mm. depth was drilled. A piece of silver wire 
was connected with this container, which then served as one electrode. 
The other electrode was a Monel rod (6.80 mm. in diameter) extending 
through a hole in a copper plug which was turned to fit tightly in the cone 
top of the copper-block cavity. This electrode was insulated from the 
copper plug by means of two pieces of tubing, one fitting inside the 

other, the Monel rod fitting inside the smaller one, and the outer one fitting 
into the hole drilled through the copper plug. The inner electrode was 
thereby concentric with the cavity in the container, leaving a space of 1.85 
mm. between the two cylindrical surfaces. 

The cell constant for the two concentric cylinders, neglecting the effect 
of the end surface of the rod,^ is evaluated by the following equation: 

In r,/r, 

where /Z = specific conductivity, m = reciprocal of measured resistance, and 
L = length of lateral exposure of the inner electrode. 

For measurements on pure borax and mixtures containing high percent¬ 
ages of borax, the glass samples were blown in the form of tubes sealed at 
one end, having an outer diameter of about 1 cm. and an inner diameter of 
about 0.8 cm. The inner electrode consisted of a liquid sodium amalgat)i 
which was used as the anode. The tube containing the sodium amalgam 
was immersed in mercury, which served as the other electrode. A small 
electrically heated oven was used for temperature control. 'I'he cell 
constant was calculated in a manner similar to that above. 

Temperatures were measured with a carefully calibrated noble*metal 
thermocouple and a White potentiometer. The thermocouple junction 
wns inserted adjacent to the conductivity cell. 

The samples of boron trioxide were prepared by heating in a platinum 
crucible at a temperature of 1200 1500°C. for one to two hours. The 
boron trioxide-sodium borate mixtures which w’^ere measured in the Monel 
cell were prepared by fusing the two components at the above temperature 
until all ebullition had ceased. While in a fluid condition, the sample w^as 
poured into the Monel container. The container was then heated to 600- 
700®C., placed in the copper block, and the inner electrode was immersed 
while the glass was still very hot. The system was brought to thermal 
balance at about 350°C. and measurements started at that ix)int. The 
sample was then heated and cooled repeatedly over the temperature 
interval studied. 

^ A thickness of material between the end surface and the outer electrode was used 
such that a consideration of this effect is not necessary. 
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The glass tubes were prepared by heating and blowing to the desired 
shape. 


EXPERIMENTAL RESULTS 

Two samples of boron trioxide glass were first measured from 37()®(^ 
down to 130°C. Next, three boron trioxide glasses diluted with sodium 
borate were measured over a similar temperature interval using the Monel 
cell. The percentages of sodium borate present were 2.68, 5.42, and 16.74. 
As a check on the consistency of the procedure, another pure boron trioxide 
sample was measured at this point. Finally, pure sodium borate and 55 


TABLE 1 

Conductivity of a sodium horate--boron trioxide mixture 
Per cent of Na 2 B 407 ~ 5.42 


T EMPF.K\rUKK 

RKCirROrAL OF MEASURED 
RESIST AN( E 

RPPJf IFIC rONDUC'TXVITY 

degrees C. 

okmr^ 

okm~^ cm 

:?.53 1 

8 84 X lO-’^ 

3 71 X 10-'« 

346 0 

5 68 X 10 ® 

2 39 X 10-J« 

344 8 

5 05 X 10-9 

2 12 X 10-10 

333 4 

2 15 X 10-» 

9 05 X 10-11 

324 2 

1 15 X 10-» 

4 84 X 10"” 

310 5 

3 42 X 10-1® 

1 44 X 10 

306 3 

3 10 X 10-'» 

1 30 X 10-11 

296 0 

1 70 X 10->» 

7 14 X 10-1 = 

289 0 

9 50 X 10-" 

3 98 X 10-12 

265 7 

2 14 X 10 *' 

8 99 X 10-ii 

264 3 

2 42 X 10-" 

1 01 X 10-13 

260 6 

2 08 X 10 " 

8 74 X 10-i ‘ 

244 5 

1 39 X 10-” 

5 84 X 10-13 

229 0 

7 69 X 10-'= 

3 23 X 10-13 

211 8 

4 30 X 10 '= 

1 80 X 10-13 

194 8 

2 46 X 10-'= 

1 03 X 10-13 


per cent sodium Ixirate glasses were investigated, using a sodium amalgam 
electrode and the small tubes prepared from the glass samples. These last 
two glasses were not studied at high temperatures because of vaporization 
of electrodes. 

Each of the three pure boron trioxide glasses studied gave conductivity 
values in good agreement with the others. Plotting log of the specific 
conductivity (as calculated after evaluation of the cell constant) against 
reciprocal of the absolute temperature, straight lines over the measured 
temperature interval were found in every case. The accurate evaluation 
of the cell constant was rather difficult, and owing to this fact the curves 
for the three samples were parallel but not identical. The deviations were 
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small and can be attributed without question to the evaluation of the cell 
constant. 

In table 1 the recorded data on one of the tliree mixtures are given. 
Smooth curves drawn through the recorded points are shown in figure 1. 
The curve for pure boron trioxide represents an average of the three 
samples measured. 



Fjg. 1. Specific Conductivity of ikmoN Tkioxidk Sodium Borate Classes 
1, Puro boron trioxide; 2, mixed glass containing 2.68 per cent sodium borate; 3, 
mixed glass containing 5.42 per cent sodium borate; 4, mixed glass containing 16.74 
per cent sodium borate; 5, mixed glass containing 5.5 per cent sodium borate; 6, pure 
sodium borate. 


DLHCTTKSION 

The series of curves shown in figure 1 preseni. two marked features: (1) 
In all cases of mixed glasses which were measured t^) about 250^0., a de¬ 
cided and rather sharp break was found in the conductivity curve. This 
break occurred in each of the three glaases measured in this temperature 
range at a point near the transition region of boron trioxide as determined 
from other physical data. (2) The addition of a small percentage of 
sodium borate to boron trioxide lowers the conductivity of the glass in 
the region of softening. As we go to higher temperatures, however, the 
mixed glass increases in conductivity more rapidly with temperature than 
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does the pure boron trioxide, and at high temperatures the mixtures are 
more conductive than the pure oxide. 

Neither of the previous investigators of these systems has reported the 
abrupt changes in the direction of the conductivity curves of the mixed 
glasses in the transition region. Nevertheless, the data reported by 
Thomas (6) are in fair agreement with those presented here, especially at 
the higher temperatures. His values for boron trioxide-sodium borate 
mixtures show that at low temperatures the specific conductivities would 
be less than that of pure boron trioxide. Schonborn^s investigations on 
borosilicate glasses (3) show conductivity curves which are of the exact 
nature of the mixture curves in figure 1. 

The significance of the marked change of direction of the mixture curves 
is to be related to the gradual change in state of a glass in its transition 
region (2). It is known that a viscous liquid changes to a solid glass in a 
short temperature interval, and that many physical properties change in 
this interval with an abruptness that is suggestive of a crystallization 
process. The conductivity behavior of the mixed glasses seems to be 
further evidence of this change of state within a narrow temperature 
interval. 

The addition of sodium borate to boron trioxide introduces sodium ions, 
and thereby evidently brings about ionic conductivity. When a glass 
conducts a current ionically, a break in the conductivity curve represents 
a change in the binding forces acting on the conducting ions. This might 
be expected in every case where the conducting ions are part of the mole¬ 
cules or aggregates composing the glass. If conduction is electronic, or 
due to foreign ions which are not affected by the glass structure, the transi¬ 
tion of a glass to a viscous liquid would not necessarily affect the con¬ 
ductivity. In the case at hand, the presence of sodium ions in the mix¬ 
tures introduces ionic conductivity, and a change in the direction of the 
conductivity curves might, well be expected in the transition region. 

Kxtrapolating the straight portions of the curves for the mixtures, points 
are obtained which can he considered as the “transition temperatures’^ of 
the glasses. For the three mixtures containing low percentages of borax, 
these values arc 271°C\, 279°r., and 27()°C., named in the order of increas¬ 
ing sodium borate content. 'Fhe transition temperature for pure boron 
trioxide, as chosen from other physical data, is in the neighborhood of 
250°C\ (6). 

The straight unbroken curve for pure boron trioxide suggests that the 
conduction is not carried on by ions which are part of the glass structure. 
Many oxides have been found to conduct electronically, and this is prol>- 
ably the nature of the conduction by this substance. 

The decrease in conductivity when sodium borate is added to boron 
trioxide seems to indicate that the addition of ionic conductors disturbs 



838 


MONROE E. SPAGHT AND JOHN D. CLARK 


the inherent ability of the boron trioxide to conduct electronically. As 
the percentage of sodium borate increases, however, the ionic conduction 
becomes greater, and apparently surpasses that of pure boron trioxide as 
higher percentages are reached. Even with small amounts of sodium 
borate (2 to 5 per cent), the ionic conductivity increases so rapidly with 
temperature that in the neighborhood of 350°C. the conductivity exceeds 
that of pure boron trioxide. Below the hardening region the curves are 
approximately parallel. 

Although direct current was used in the measurements, polarization 
effects were not noticeable in the samples containing small percentages of 
sodium borate. If conduction by pure boron trioxide is electronic, no 
polarization would be expected in any case. 

The glasses containing a high percentage of borax were measured with a 
sodium amalgam anode which acted as a source of sodium ions and thus 
prevented polarization. An attempt was made to measure these samples 
with the Monel cell, but polarization effects were evident. However, 
measurements were made on the 16.7 per cent sodium borate sample using 
the amalgam anode, and results were obtained which were in very close 
agreement with those obtained using the Monel cell. This fact shows that 
with glasses containing low percentages of sodium borate, polarization is 
unimportant. 

SUMMARY 

The electrical conductivities of boron trioxide, sodium borate, and some 
boron trioxide sodium borate systems have teen measured over a 240® 
interval with a modified Wheatstone bridge method. 

Pure boron trioxide shows a smooth even conductivity curve over the 
entire measured range, but the mixed glasses gave fairly sharp breaks in 
the curves in the region of transition of the glasst^s. These breaks arc 
considered t-o te^ associated with the changes in many physical properties 
in tlic interval where a viscous liquid changes to a hard glass. 

The addition of small percentages of sodium borate to pure boron t-riox- 
ide causes the conductivity to decrease, but further addition causes a 
steady increase. 

It is our pleasure to express appreciation to Professor George S, Parks 
and Dr. F. (). Koenig of this department for their help and advice in this 
work. 
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Since Langmuir (11, 12) and Harkins (4) first suggested that an oriented 
monomolecular layer of adsorbed material existed at the interface of emul¬ 
sions, considerable experimental work has been done to test the validity 
of their suggestion. The results obtained are conflicting; some show ad¬ 
sorption equivalent to a monomolecular film, while others give evidence of 
films of greater thickness. 

Griffin (2) attempted to cemfirm the theory with a study of emulsions 
of kerosene with solutions of sodium oleate and stearate. He found ap¬ 
proximately a monomolecular layer. Van der Meulen and Riemann (17, 
18) reported similar results with toluene emulsified with solutions of sodium 
ricinoleate and sodium oleate. In the latter case phenol was added to the 
toluene used in preparing the emulsions. Undoubtedly phenol or sodium 
phenolate was adsort>ed at the interface in addition to the sodium oleate. 
Since the interfacial areas were calculated statistically by tht'se workers 
from relatively small amounts of material the results are somewhat uncer¬ 
tain. 

Studies by McBain and his coworkers (lo, 14) on the adsorption of such 
substances as p-toluidine, amyl alcohol, nonylie acid, phenol, etc., at the 
interface between the aqueous solution and nitrogen gas have repeatedly 
shown the formation of films more than one molecule thick. With sodium 
oleate solutions and nitrogen bubbles, lining, McBain, and Harrison (10) 
found suflScient adsorption for a dimolecular layer. 

Nonaka (20), using a Donnan pipet, studied the adsorption of sodium 
oleate and palmitate on droplets of toluene and found greater than mono¬ 
molecular adsorption. 

Harkins and Beeman (3) made measurements on emulsions containing 
a much greater number of droplets than those of Griffin and of van der 
Meulen and Riemann. Using emulsions of various oleates and octane 
they failed to find adsorption more than sufficient to form monomolecular 
films. Harkins and Fischer (5), in examining sodium oleate-paraffin oil 
emulsions, measured the size of 1000 to 3000 droplets in each emulsion 

i DuPont Fellow. 1931-1932. 
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studied and computed from these results the distribution of size and the 
total interfacial area involved. The adsorption found was only suflScient 
to form a monomolecular film. 

All the studies, except those of Nonaka, on the liquid-liquid interface 
in emulsions of oils with dilute soap solutions have been made by preparing 
an emulsion in the usual manner and then attempting to estimate the total 
interfacial area by statistical studies of the size distribution of the droplets. 
The distribution of the fatty acid between the two phases was permitted 
to take place during and after emulsification. The measurements on such 
systems involve approximations which necessitate considerable experi¬ 
mental error. The writers surmise, too, that with the close packing of the 
oil droplets in such an emulsion, some of the adsorbed material might be 
squeezed out into the excess of dispersion medium. There is much need 
for work that is more quantitative and affords more uniform conditions 
at the interface. 

The work presented in this paper is a study of the adsorption of sodium 
oleate at a water-benzene interface, using droplets of benzene of uniform 
size. The experimental set-up was similar to that used by McBain and his 
coworkers (10,13,14) in their study of adsorption at a nitrogen gaS“aqueou> 
solution interface. This type of apparatus has not been used before with 
systems having liquid-liquid interfaces. The number and size of the 
droplets were known, which permitted a quite accurate estimate of the 
area of the interface. Benzene and sodium oleate solutions were chosen 
as the two phases, because this system is easily reproducible and has 
been widely used, thus permitting a greater comparison with the wwk of 
other investigators. The experiments differ further from previous work 
in that the two phases were brought to equilibrium prior to making the 
adsorption measuiuments in all but one experiment. In such a system 
the fatty acid formed by the hydrolysis of the sodium oleate distributes 
itself between the two phases. 

EXPERIMENTAL 

Materials 

The benzene used was of p. analyzed'^ quality. It was redistilled 
and only the middle portion boiling over a one-degree range was used. 

Eimer and Amend's p. linolic acid-free^^ oleic acid, also used by 
Harkins and Fischer (5), was found to be a very pure product. This acid 
was used throughout and proved to be very uniform in quality. 

The soap was prepared in two ways. That used in the first two experi¬ 
ments was prepared from sodium ethylate and oleic acid in the method 
developed by Harkins and Beeman (3). Solutions prepared from this soap 
tended to become turbid, probably owing to the presence of acid soap. In 
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order to avoid this difficulty and any possible contamination from carbo¬ 
nate, the soap solution used in the subsequent experiments was made 
directly in the 5-liter flask in which the two phases were later allowed to 
come to equilibrium. The carbon dioxide-free base used in preparing the 
solution was made (7) by dissolving stick sodium hydroxide, p. from 
alcohol/^ in distilled water to form a saturated solution. This was centri¬ 
fuged and the supernatant liquid used to prepare a concentrated stock 
solution. It was stored in a paraffined bottle and standardized for later 
use. 

In preparing the soap solution the required amount of the stock sodium 
hydroxide solution was carefully pipetted into the 5-liter flask. Oleic acid 
in slightly less amount than that equivalent to the base was then added 
to the solution and the mixture heated under a reflux condenser until 
saponification was complete. After cooling, the soap solution was diluted 
with freshly boiled distilled water until the solution weighed approximately 
2250 g. A solution of a weighed quantity of oleic acid in approximately 
2500 cc. of benzene was next prepared. The amount of oleic acid was such 
that if it were added to an equal volume of the soap solution the concentra¬ 
tion of the excess sodium hydroxide would still be at least 0.001 N. 

After the foam which formed on the soap solution during the dilution had 
disappeared, the benzene solution was added. By running the benzene 
in with extreme care, the emulsion formed at the interface occupied only a 
few per cent of the total surface. The weight of the benzene solution added 
was such that the two phases had an equal volume. 

The flask was then placed in a thermostat at 25®C. and the two phases 
allowed to come to equilibrium. Placing a portion of the oleic acid in the 
benzene phase greatly shortened the time required to reach equilibrium, 
since the upward diffusion, into the benzene, of the oleic acid formed by 
hydrolysis of neutral sodium oleate is very slow. The downward diffusion 
was hastened by cautiously rotating a bent stirring rod in one phase and 
then in the other. 

Preliminary tests showed that equilibrium was attained in ten days to 
two weeks as a maximum. This was determined by removing, at intervals, 
a sample of the benzene phase and determining the concentration of oleic 
acid. When no further decrease in the acid content could be detected 
after five days standing, it was assumed that the solutions were at equilib¬ 
rium. 

To provide for rapid attainment of equilibrium in the first two experi¬ 
ments, in which pure solid soap was used to prepare the solutions, a small 
quantity of oleic acid was added to the benzene and slightly more than 
an equivalent amount of carbon dioxide-free sodium hydroxide was added 
to the soap solution. 

Although the alkali added in preparing the soap solution used in experi- 
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ment No. 1 was in excess of the oleic acid added to the benzene phase, the 
solution never became clear. The soUd soap must have contained some 
free fatty acid or, more probably, some acid soap. Undoubtedly this 
solution, which showed considerable turbidity, contained a larger amount 
of colloidal material than w^ould have been found in a clear solution of this 
dilution. 

When it was desired to use the solutions, they were removed from the 
flask by siphoning into separate bottles. The soap phase was placed in a 
Pyrex bottle. Care was taken at all times to avoid contamination by car¬ 
bon dioxide. The bottles were stored in the thermostat and both phases 
were analyzed as described below. 

As a check on the other experiments, experiment No. 7 was made with a 
soap solution which was not at equilibrium with the benzene phase. The 
soap solution was prepared to duplicate the materials used in experiment 
No. 6 as closely as possible. That is, since pure benzene was used, the soap 
solution was made not only so that it contained very nearly the same nor¬ 
mality of sodium as the solution used in experiment No. 6, but also so that 
it had approximately the oleic acid content which would have resulted if 
all the oleic acid in a given volume of the benzene used in No. 6 were trans¬ 
ferred to an equal volume of the soap solution for No. 6. 

Analytical 

Owing to the large size of the benzene droplets used in the experiments 
and the resulting low specific interfacial area (total area in square centi¬ 
meters / total volume in cubic centimeters of the benzene), the amount of 
material adsorbed, if a monomolecular layer were formed, was too small 
to obtain sufficiently accurate results by the volumetric determination of 
the oleic acid. It was thought that the sodium could be determined with 
sufficient accuracy by titration. The solutions used in the first two experi¬ 
ments were analyzed in this manner, but satisfactory results were diflS.cult 
to obtain and in the later experiments the analyses were made entirely 
by gravimetric methods as described below. 

Analysis of the equilibrium benzene solution. Approximately 10 cc. of 
the benzene solution was weighed into a tared weighing bottle. The ben¬ 
zene was then evaporated under reduced pressure in an oven at 50-~55®C. 
After cooling, the oleic acid was weighed on a Kuhlmann microbalance. 
Weights were rounded off to five decimal places in grams. Two blanks 
were run with each set of analyses. A quantity of pure oleic acid approxi¬ 
mately equal to that in the sample being analyzed was weighed into tared 
bottles and 10 cc. of pure benzene were added. The evaporation of the 
benzene, subsequent cooling, and weighing of the blanks and samples were 
carried out simultaneously. The weighed samples of oleic acid, used as 
blanks, usually showed an increase of a few hundredths of a milligram, 
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probably due to a slight oxidation of the acid while in the oven, although 
little air came into contact with the bottles during evaporation, since the 
benzene vapor was carried off by the suction. This increase in weight 
was used as a correction in the determination of the oleic acid in the sample. 

From the weight of the sample and the weight of the oleic acid, the 
concentration in milligrams of oleic per gram of benzene was calculated. 
The weighings in all analytical work reported in this paper were corrected 
to weight in vacuo. 

Checks on carefully prepared standard solutions of oleic acid in benzene 
showed that the estimation of the acid by microgravimetric means was far 
more accurate than by titration with standard aqueous or alcoholic sodium 
hydroxide. In fact, considerable time was lost in unsuccessful attempts to 
titrate the oleic acid according to the methods used by previous investi¬ 
gators. 

Anahjsis of equilibrium soap solutions. For this analysis special tubes 
of Pyrex glass were prepared by sealing a piece of tubing 1 cm. in diameter 
and 8 cm. in length to a test tube 2 cm. in diameter and 22 cm. in length. 
A sample of the equilibrium soap solution was placed in the tared tube and 
weighed. An excess of dilute sulfuric acid solution w'asthen added, weighed, 
and finally 10 to 12 cc. of pure benzene saturated with water was added 
and w’eighed. The tube w'as sealed off and placed in a horizontal position 
in a slow rocker. After several hours the oleic acid w^as completely ex¬ 
tracted by the benzene, both phases becoming clear. The neck of the tube 
was next cut off and a sample of the benzene solution was pipetted into a 
tared bottle and w^eighed. The benzene was evaporated as described 
above and the oleic acid w^eighed on the microbalance. Weighing bottles 
containing the proper weight of oleic acid w^ere used as blanks. This pro¬ 
cedure afforded the necessary data for the calculation of the concentration 
of oleic acid per gram of the soap solution. 

This method wras checked by analysis of a prepared standard soap solu¬ 
tion 0.01522 Nya (weight normality), with the following results. Theo¬ 
retical: 4.298 mg. oleic acid per gram of soap solution. Found. 4.295 mg. 
per gram. 

In the first two experiments standard acid was added to the soap in the 
extraction tubes and the sodium was determined by titrating the excess acid 
w ith standard alkali. Difficulties in obtaining check results led to the use 
of the following method. A sample of the aqueous phase remaining in the 
extraction tube after the removal of the benzene was weighed into a tared 
platinum crucible. The water was evaporated in the oven by the same 
method as described for the benzene. The sodium sulfate was ignited in 
a muffle to constant w'eight and weighed to five decimal places in grams 
on the Kuhlmann balance. 

A pparatus and procedure for carrying out an experiment. The apparatus 
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was a modified form of the one used by Laing, McBain, and Harrison (10) 
and is shown in figure 1. A and B are reservoirs for the equilibrium ben¬ 
zene solution. This arrangement was used in order to maintain a constant 
head of solution in B. Tube M connected bulb B to a gas washing bottle 
used to saturate the incoming air with benzene vapor. Stopcock C per¬ 
mitted regulation of the flow of benzene solution through the tip E. This 
tip was made by a careful thickening of a length of small Pyrex tubing and 
drawing it out to the proper diameter. The orifice was circular and the 
end was ground smooth. Preliminary work showed that the tip should 
be of a size to produce a benzene droplet approximately 2 mm. in diameter. 



With larger spheres the volume of benzene needed to form a suflScient 
number of droplets would be too great. Smaller droplets were very diflS- 
cult to count accurately when the benzene flow was rapid enough to com¬ 
plete the run in a reasonable time. 

Benzene droplets of this size did not appear to be deformed in any way 
during the passage through the adsorption tube and over the bend I, and 
in our calculations we have considered them to be perfect spheres. 

L is the reservoir for the equilibrium soap solution. The tube H, 
through which the soap solution entered the adsorption tube G, projects 
about two-thirds of the way across the tube G, since preliminary work 
showed this w^as necessary in order to prevent the solution simply running 



BENZENE-SODIUM OLEATE SOLUTION INTERFACE 


845 


down the bottom wall of G and out the tube F without appreciably mixing 
with the solution in the tube. Tube G was approximately 100 cm. long, 
with an inside bore of 1 cm., and a volume of about 75 cc. 

This tube made an angle of about 10® with the horizontal except for the 
last three centimeters before the bend at I. Here the slope was slightly 
steeper, and the tube was narrowed down until at the top of the bend the 
diameter was between 2 and 2.5 mm. The change in slope was small, as it 
was found tliat when the tube was steeper than 15° to 20° the benzene drop¬ 
lets jammed together and lost their spherical shape. The slight change in 
slope at the end of the tube served to separate any groups that formed as 
the droplets travelled up the tube. 

The actual time each droplet was in the tube varied in the different runs 
from seventy seconds to nearly two minutes. This vras much longer than 
the time the nitrogen bubbles used by Laing, McBain, and Harrison (10) 
and by Harkins and Gans (6) remained in the adsorption tube. 

The collection flasks used were made by sealing a 100-cc. round bottom 
flask to the bottom of a similar, 300-cc. flask (N, figure 1). Then the 
neck of the large flask was drawm out and a piece of tubing a few centi¬ 
meters long and 1 cm. in diameter was sealed to it. 

Before each experiment the entire apparatus w^as carefully cleaned with 
potassium dichromate-sulfuric acid cleaning solution, thoroughly rinsed 
with distilled water, and dried. 

In making a run the apparatus w as filled and the benzene flow adjusted 
so that about three droplets were formed per second. Then the stopcock 
D was regulated to allow' between 100 and 200 cc. of soap solution to flow 
out during the run. Since the size of the drops from tube D varied with 
the concentration of the soap, and since it was found very unsatisfactory to 
make other than the small adjustments necessary to keep the run going 
smoothly after the start of the experiment, the amount of soap used as 
back current fluctuated considerably over the range 100 to 200 cc. per run. 
This was found sufficient, however, to prevent changes in concentration of 
the soap in the adsorption tube. 

Penally, the flow' of soap solution into the apparatus was so regulated 
that the droplets of benzene did not pack as they passed over the bend at I, 
and yet the excess of soap solution accompanying them was kept as low as 
possible. 

Since the benzene droplets could not be carried up a steep tube and there¬ 
by drained of the excess of soap solution, as was done by Laing, McBain, 
and Harrison (10) with nitrogen bubbles, the solution in the receiving 
flask was only slightly more concentrated than that in the adsorption tube. 
This factor combined writh the low' specific interfacial area makes the 
determination of the actual adsorption one requiring very carefully executed 
technique. 
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When all the adjustments were properly made the weighed collection 
flask was saturated with benzene vapor, pushed up on the tube J, and 
lightly stoppered to prevent evaporation of benzene vapor. The time of 
placing the flask in position was recorded and the length of the run was 
accurately timed. Every five minutes during the course of the run the 
speed of formation of droplets was measured. This was done by noting, 
with the aid of a stopwatch, the time required for fifty droplets to pass a 
given point on the tube. From these readings, and the time elapsed during 
the run, the total number of droplets was computed. From the weight 
and density of the benzene collected the volume and the surface of the 
droplets were calculated. 

The temperature of the room was held very constant during the course 
of a run. At rare intervals and then only for a few minutes at a time did 
the tamperature vary more than 0.5®C. from 25°C. 

Except for the first two experiments, duplicate runs were made consecu¬ 
tively with no break in time. In the first two experiments only one run 
was made in a day and the check run w^s made the following day. 

After completion of a run the analytical procedure described above was 
immediately carried out. The data of the experiments are given in table 1. 

Determifiation of weights of materials used and calculations of results. 
Previous to placing flask N in position its weight (We) was carefully de¬ 
termined to rt 2 mg. At the completion of the run the weight (Wt) of 
the flask plus the solutions was found. Then a quantity of sulfuric acid 
was added in excess of that necessary to react with the sodium present. 
The flask was again weighed (Wa) and sealed. 

By shaking the flask from time to time the oleic acid was extracted from 
the soap solution by the benzene. When extraction was complete the 
flask was opened and the greater portiDn of the benzene phase transferred 
by a siphon to a glass-stoppered bottle. The residue of the benzene was 
removed with a pipet and the upper bulb rinsed with petroleum ether. 
The last traces of the ether were driven out with a gentle stream of air, which 
was saturated with water vapor in order to prevent evaporation of the 
aqueous phase. After the removal of the benzene, the weight (Wu) of 
the flask and aqueous solution was determined. 

The benzene layer was analyzed for oleic acid and the aqueous phase 
for sodium in the manner described above. 

From these data the weights of the solutions used were found as follows: 
Wt — We = Wr, total weight of solutions used in the run. Wa — Ww 
= Wbo, weight of benzene solution plus oleic acid from soap solution. 
Wr — Wbo = Ws, weight of soap solution used minus its oleic acid. 
The weight of the oleic acid (Wq) removed from the soap solution by ex¬ 
traction can be found from the analysis of equilibrium soap and Ws. Then 
Ws + Wo = Wsu, weight of soap solution used. Wbo -- Wo = Wb> 
weight of benzene solution used in forming droplets. 
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Letting C represent the concentration (milligrams of oleic acid per gram 
of solution) of the solutions whose subscripts are used, we find the total 
gain in oleic acid as follows: WboCbo — W^bCb — = mg. of oleic 

acid total gain. 

The computation of the sodium gain was somewhat simpler. The 
difference between the normality of the sodium concentration in the equilib¬ 
rium soap solution and the normality found for the soap solution collected 
gave the change in normality. This value multiplied by the number of 
cubic centimeters of soap solution carried over during the run and divided 
by 1000 gave the gain in equivalents of sodium. 

The formulas for comparing the results obtained in these experiments 
with the gains which would have been required for monomolecular layers 
were derived as follows: Let M equal the weight in grams of benzene solu¬ 
tion used, N the total number of benzene droplets formed, and G the milli¬ 
grams of oleic acid gained during the run. The density of the benzene 
solutions used w’as equal to 0.873. The surface of a sphere is equal to 12.57 


/ v2 

where v is the volume. Other constants used are: 6.06 X 10^, 

Avogadro^s number; 282.3, the equivalent weight of oleic acid; and 20.6 A. 
the mean cross-section (1) of a fatty acid molecule. 

From these values the following formula was derived: 


^^ayer” - 


(20.6)[(4.189)(0.873)]*'3 (6 06) WG 
(12.57) (1000) (282.3) (ilf W)^/^ 


This reduces to: 


“Layers” 


(835.4)(y 

(^2^)l/S 


This formula was modified to use with sodium gains, since by the method 
of calculation the gains were in equivalents. Using G in equivalents and 
multiplying the above formula by 1000 and 282.3, it becomes: 


“Layers” 


2.358 X WG 
(MW)»'» 


It should be understood that the calculation of gain in “layers^' is purely 
for the purpose of comparison with the amount necessary for the produc¬ 
tion of a monomolecular layer, and^does not mean that the authors conceive 
of any such phenomenon as twenty or thirty layers of films at the interface. 


RESULTS AND DISCUSSION 

The results obtained were rather striking. In no case did the adsorption, 
as calculated from the gain in oleic acid, approach a monomolecular film. 
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In fact, with the one exception of experiment No. 2, the gain was more 
than twenty times that sufficient to form a film one molecule deep. 

The adsorption calculated from the gain in sodium was much less. 
Though we found no adsorption so small as a monomolecular layer, thrfee 
runs gave values less than sufficient for a dimolecular film, and in only four 
runs were the gains greater than five times that for a single layer of mole¬ 
cules. 

A consideration of the experimental errors in analytical results and in 
counting the droplets showed that should all possible errors be cumulative 
they would not exceed 5 per cent of the amount of adsorption. It should 
be pointed out that there are several factors which, while probably negligi¬ 
ble, would tend to make our results low rather than high. Though there 
was very slight drainage of the droplets it is possible that some of the ad¬ 
sorbed material could be brushed away from the surface in the adsorption 
tube. Another possibility is that oleic acid might be adsorbed from the 
benzene to the interface. Such an adsorption would not be shown by our 
procedure. 

It is somewhat difficult to find a completely satisfactory explanation of 
the cause for this great difference in the amount of adsorption as measured 
by the gains found in the two constituents of the soap solution. A careful 
consideration of the results of other workers on the problem of adsorption 
of soap at the oil-solution interface, as well as of the studies made on 
the structure of the particles of sodium oleate in solution, brings out con¬ 
siderable suggestive material. 

Laing (9) and Laing, McBain, and Harrison (10) have demonstrated the 
adsorption of acid soap at a nitrogen-sodium oleate solution interface. 
They reported a mean ratio of oleic acid to sodium of 1.70, which would 
account for an acid soap of the composition NaOl • 0.77 HOI. 

Nickerson and Serex (19) studied the conductance of sodium oleate solu¬ 
tions in contact with benzene with results from which they conclude: 
^‘More acid sodium oleate is adsorbed at the oil-solution interface than 
at the vapor-solution interface,and ‘Hhe rdle of acid sodium oleate has 
been much underrated.'^ 

Adsorption of the simple acid soap molecules, while undoubtedly a factor 
in the experiments we have made, would hardly account for the large ratio 
found between the gain in oleic acid and sodium in some of the runs. 

From the results of experiments on the adsorption of sodium oleate and 
sodium palmitate at benzene and toluene interfaces, Nonaka (20) reached 
the conclusion that the adsorption of both soaps was of monomicellar 
rather than monomolecular order. He conceives of the micelle as consist¬ 
ing of the combination of the fatty acid miceUe and neutral soap micelle 
in a tangled state. Later cataphoretic studies, in which Nonaka (21) used 
the same materials, led him to believe that the surface active material of 
the soap solutions must be the ionic micelle in all cases. 
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Thiessen and Spyclmlski (22) and Thiessen and Trubel (23) have made 
careful examination of the structure of sodium oleate in solutions by means 
of x-ray and double refraction studies, and conclude that the same micelles 
eibst in solution as in gels (see also McBain and McBain (16)). These 
micelles Thiessen finds are rod-like, with the long chain of the fatty acid 
lying at right angles to the long axis of the rod. Two of the long faces of 
the micelles are made up of the carboxyl end of the soap. Thus in a neu¬ 
tral soap these faces would present a solid array of sodium atoms. If the 
micelle is not neutral some of the sodium atoms would be replaced by hydro¬ 
gen. If micelles of this form should be adsorbed, the oleic acid gain would 
be much greater than that of the sodium. 

Most of the work on the presence of micelles in soap solutions has been 
done at higher temperatures or at higher concentrations than we have used. 
However, in their determination of the micelle content of solutions of so¬ 
dium oleate by means of ultrafiltration, McBain and Jenkins (15) worked 
with more dilute solutions and at 18°C. They could find no micelles in a 
0.01 N solution, but using a 0.144 N solution the filtrate was only 0.001 N, 
indicating that nearly all of the material was of a colloidal nature. In 
discussing this work McBain says, “The 0.01 N solutions were filtered im¬ 
mediately after being prepared. It is possible that the colloidal acid soap 
formed by hydrolysis had not yet agglomerated sufficiently to be held back." 

Later work by Laing (8,9) in McBain’s laboratory has afforded convinc¬ 
ing evidence of the presence of ionic micelles in sodium oleate solution as 
dilute as 0.01 N. 

The work alluded to indicates the probable presence of large molecular 
aggregates in sodium oleate solutions. It is not inconsistent to expect that 
such aggregates should be adsorbed at the benzene-solution interface. 
Such adsorption is in accord with the findings reported herein. 

SUMMARY 

1. An analytical method has been devised which is more accurate tlian the 
customary method of determining oleic acid. 

2. A study has been made of the adsorption of sodium oleate at the ben¬ 
zene-sodium oleate solution interface. The adsorption found, as calcu¬ 
lated from the gain in oleic acid, was, with the exception of experiment No. 
2, equivalent to that necessary to form from twenty to thirty monomolecu- 
lar films. The adsorption, as calculated from the sodium gain, varied from 
that nearly small enough for a monomolecular layer to that sufficient for 
ten such films. 

3. Experiments have been made using solutions at equilibrium as well as 
non-equilibrium solutions. Similar results were found in both cases. 
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NEW BOOKS 


Elementary Quantitative Analysis. Theory and Practice. By Hobart H. Willard 

and N. Howell Furman. 14 x 22 cm.; viii -f 406 pp. New York City; D. Van 

Nostrand Co., Inc., 1933. Price: $3.25. 

This book by two of Americans leading contributors to analytical chemistry 
presents more than enough theoretical and practical material for tw^o semesters of 
work. Thus teachers are enabled to choose their determinations judiciously ac¬ 
cording to the samples available for analysis and the interests and aptitudes of their 
students. Although there has been a tendency in recent years to teach analytical 
chemistry mainly for the purpose of illustrating certain principles of physical chem¬ 
istry, this text not only gives a thorough presentation of theoretical derivations and 
interpretations, but also describes an unusually large number of analytical deter¬ 
minations with that patient attention to detail which is essential for the successful 
guidance of beginning students. 

The introduction of many new methods presents analysis as a living, growing 
branch of chemistry. The theory of adsorption indicators is carefully explained, 
and the Fajans method for chlorine in a soluble chloride is described in adequate 
detail. Although some recent texts make little or no mention of internal indicators 
for use with standard solutions of oxidizing agents, the authors have discussed these 
carefully and have described the use of sodium diphenylaminesulfonate in the bi¬ 
chromate method for iron. There is also an excellent section on ceriometry, which 
is based largely on the authors^ own researches. 

An interesting innovation in gravimetric analysis is the addition of urea to a 
solution from which calcium is to be precipitated with ammonium oxalate. Because 
of the hydrolysis of the urea into carbon dioxide and ammonia and the consequent 
Blow neutralization of the slightly acidified solution, the calcium oxalate comes 
down in a very coarse form. 

The solutions of many typical problems and the thought-provoking questions will 
be a great aid to both student and instructor. On pp. 272-3 two methods are given 
for calculating the results of indirect analyses. The second of these is by far the 
better. Because of the large errors involved in indirect analyses, very little space 
has been devoted to calculations of this type. The detailed discussions of the inter¬ 
fering substances and errors involved in each method and the various applications 
of each procedure are especially valuable. 

Because of the wide scope of the book and its frequent references to the original 
literature, many thoughtful students will wish to keep it for their permanent li¬ 
braries. Experienced analysts, also, wdll find in it many helpful suggestions. 

Mary Elvira Weeks. 

Physical Constants, Selected for Students. By W. H. J. Childs. 17 x 10 cm.; viii -f- 

77 pp. London: Methuen A Co., 1934. Price: 2s. 6d. 

The dimensions of this small book, one of the publisher's series of monographs 
on physical subjects, comply with the intention of the author to present useful lists 
and tables in a form compact enough to go easily into the pocket. 

The data chosen, under the headings General, Heat, Light, Magnetism and Elec¬ 
tricity, and Sound, will be found useful to the physicist. A somewhat different 
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selection of material is needed to be of most use for the physical chemist, e.g., the 
replacement of astronomical and geodetical data by a more extended list of melting 
and boiling points and more information on definite chemical compounds. Units 
are defined, but only one calorie is mentioned. Conversion factors are few; there 
is none for electrical energy to heat. The data given for the surface tension of salt 
solutions imply that the latter is proportional to concentration. 

At the end a list of general constants is given and mathematical tables which 
include four figure logarithms. 

A pleasing feature of the book is the inclusion of seven nomographs which are 
practicable even within the small compass which the size of the pages allows. 

\V. H. Patterson. 

PhysicO’-chemical Methods. By J. Reilly and W. N. Rab. Second edition, revised. 

New York: D. Van Nostrand Co. 

In the comparatively brief time since the first edition appeared, this book has 
become widely known and generally accepted as a reference book of physico-chemi¬ 
cal methods. The second edition has been enlarged by the addition of new subject 
matter (twenty new chapters), and to some extent by the revision of the entire book. 

The general revision still leaves something to be desired, since in a number of 
instances no reference is made to recent improvements of standard methods. For 
example, the use of butyl phthalate in condensation pumps is not mentioned. No 
reference is made to circulating pumps of the all-glass electromagnetic type. The 
extremely practical sensitive quartz spiral manometer of Bodenstein and Dux is 
not mentioned, although several other manometric devices of rather doubtful utility 
are described in detail. The Dennis melting point apparatus is not referred to. It 
is unfortunate that the chapter on photometry was written before the copper — 
cupric oxide (photronic) type of photoelectric cell came into general use. 

The chapter on rates of reaction is not, in the opinion of the reviewer, up to the 
standard set by the rest of the book. This chapter consists of a brief discussion of 
the elementary theory of rates of reaction followed by detailed descriptions of seven 
experiments. The chapter would be much more useful if the space w'ere devoted to 
a critical survey of methods available for measuring rates of reaction. 

There can be no doubt, that, in spite of minor weaknesses, this book is an improve¬ 
ment on the excellent first edition. It is a highly practical book and will undoubt¬ 
edly prove a time saver to many research students and investigators. 

Robert S. Livinqston. 

The Kinetics of Reactions in Solution. By E. A. Moblwyn-Hughbs. Oxford: 

Oxford Press, 1933. 

In this book the author attempts the difficult task of summarizing the more im¬ 
portant data on the kinetics of chemical reactions in liquid systems and of codrdinat- 
ing this data in terms of the results of statistical mechanical analysis. Special 
emphasis is laid upon the experimental results which are in agreement with the pre¬ 
dictions of the simple theory; and various explanations are advanced to demonstrate 
that the cases which are apparently not in agreement with the simple theory are not 
incompatible with it. 

As is probably unavoidable in a work of this sort, the chapters are not of equal 
value. Three of the most original and valuable chapters are those dealing with the 
comparison of the kinetics of reactions in gaseous phase and in solution, with bi- 
molecular reactions, and with unimolecular reactions. The chapter on equilibria 
seems unnecessarily involved, possibly because the activity concept is not intro- 
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duced earlier in the chapter. The discuasion of complex reactions, in the chapter 
on ionic reactions, is somewhat disappointing. The discussion of enzyme reactions, 
in the chapter on heterogeneous reactions, while brief, is both interesting and stimu¬ 
lating. The bibliographies given are extensive enough to be useful, but in many 
cases are far from complete. To the reviewer there appears to be some bias in favor 
of articles which have ap^ieared in English journals. 

No student of physical chemistry who is interested in any phase of the kinetics 
of chemical reactions in liquid systems can afford to ignore this book. It should 
also prove very useful to organic chemists, biochemists, and others who utilize re¬ 
action velocity measurements in the study of their own problems. 

Robert S. Livingston. 

The Kinetics of Chemical Change in Gaseous Systems. By C. N. Hinshelwood. 
Third edition. 390 pp. Oxford Press, 1933. Price: S5.00. 

Since the appearance of the first edition of this book in 1926 (second in 1929) 
notable advances have been made in the field of chemical kinetics of gases, to which 
the author has been an outstanding contributor. The present treatise is not only 
modern and authoritative but presented with unusual clarity. 

One new chapter has been added, ‘^Homogeneous Catalysis of Gaseous Reac¬ 
tions,” which affords a very natural transition to some considerations of reactions 
in solution. Much new material has been added throughout which brings the work 
abreast of the present status of gas kinetics. The work will continue to be indis- 
jiensable to all those interested in this field. 

S. C. Lind. 

Elementare Binfuhrung in die Quantenmechamk, By K. K. Darrow. Translated 
from the English by E. Rabinowitsch. 22 x 15 cm.: 123 pp. Ieipzig: S. Hirzel, 
1933. Price: 6 RM. 

Dr. Darrow, of the Bell Telephone Company's laboratories, is already well-known 
as a writer of unusual clarity and grace of style on many subjects of modern physics. 
In particular his “Electrical Phenomena in Gases” stands out as one of the very few 
comprehensive treatises on this subject. The present hook follows naturally on the 
author's “Elementare Einfiihrung in die Wellenmechanik” and forms the third vol¬ 
ume in a series of books on new problems of physics and chemistry. The book is 
divided into two main parts, the first of which discusses the wave and corpuscular 
nature of matter and radiation, the wave equation, and the uncertainty principle of 
Heisenberg. These sections particularly are to be commended for their lucidity. 
Part II deals with the main subject matter of the book, quantum mechanics and 
the emission and absorption of light by atoms. The elementary principles of matrix 
algebra are considered and the author goes on to discuss the calculation of eigen- 
values by the matrix method and to demonstrate the connection between the wave 
aiechanical and matrix treatment of atomic problems. As the title indicates, the 
vt^hole is set out with the minimum of mathematical elaboration consistent with the 
thesis. The book should form an admirable introduction to one of the fundamental 
aspects of modern physics. Although originally written in English it has not, so far, 
been published in that language. All students of physics and chemistry who can 
read simple straightforward German are certain to derive benefit from this little book. 

J, T. Randall. 

Veber heterogene Gleichgewichte chemischer Staffe in Wissensckaftj Naiur und Technik 
By Ernst JXnscke. 25 x 16 cm., 31 pp. Stuttgart: Ferdinand Enke, 1934. Price: 
2.70 RM. 
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In this brochure, published in the well-known **Ahrens’8che Sammlung/' now 
edited by Professor Grossmann, one of the foremost workers in the domain of hetero¬ 
geneous equilibria gives a rapid survey of the principles of the phase rule as applied 
to systems of 1 to 5 components, with special reference to systems which are of 
importance in nature and in industry. The exposition, although necessarily brief, 
Is clear and is made all the more easy to follow by the excellent diagrams which 
accompany the text. Advanced students will find this an excellent summary of 
some of the more important applications of the phase rule. 

Alex. Findlay. 

Physica (Volume I, No. 1, December, 1933). 24x 16cm.; 96 pp. The Hague: Mar- 
tinus Nijhoff. To be published in monthly parts, at a price not exceeding 25 
guilders for the volume of 960 pages each year. 

This new periodical takes over part of this title of PhysicOy Nederlandach Tijdachrift 
poor NainurkundCy which has been appearing since 1921. The Tijdschrift is to con¬ 
tinue publication in Dutch, but the new Physica will contain, in English, French, or 
German, all original contributions to physics of the Dutch centers of research, and 
will serve also as a continuation of the Archives Nierlandaises des Sciences Exactes et 
Naturelles, 

The introduction of a new periodical will be received with, at best, mixed feelings 
by all institutions working under strictly limited library allocations. An earlier 
circular from The Hague points out, however, that the contributions of Dutch 
physicists will no longer appear in the accustomed foreign, mainly German, periodi¬ 
cals; as the latter are generally sold by weight, it is argued that the advent of Physica 
will therefore involve no net increase in world expenditure on periodicals. There is 
incontrovertible logic in this, but the average illogical laboratory dweller will not 
easily be convinced, and it is only too likely that the members of his library com¬ 
mittee will share his doubts. 

The inevitable protest against any new periodical, as such, being discharged, it 
remains to review this latest example on its merits. The first number contains eight 
papers, covering a wide range of topics: adiabatic cooling of paramagnetic salts in 
magnetic fields (de Haas, Wiersma, and Kramers); concentration of Na atoms and 
Na*^ ions in the sodium low-voltage arc (Druyvesteyn); emission of light in gas 
discharges (de Groot); design of quartz-fiuorite achromat (van Heel); dipole measure¬ 
ments with very small quantities of material (Henriquez); relative abimdance of LF 
and Li® isotopes (Ornstein, Vreeswijk, and Wolfsohn); photographic sum rule (van 
Kreveld); and Tchebycheff polynomials (van der Pol and Weyers). 

Detailed discussion of these would be out of place here, but it may be said at once 
that the new periodical will rank as an important physical journal, with an appeal to 
a proportion of physical chemists as well as to all physicists. It has a distinguished 
editorial board, representative of the seven great research institutions of the Nether¬ 
lands, on which it will rely for its articles. In view of the quantity and quality 
the work now issuing in an unbroken stream from these sources, Physica seen 
assured of success from the outset. 


H. R. Robinson. 



A THIRD ORDER IONIC REACTION WITHOUT APPRECIABLE 

SALT EFFECT 


HERMAN A. LIEBHAFSKY and ALI MOHAMMAD 
Department of Chemistryy University of California, Berkeley, California 
Received November 24, 19S3 

A kinetic investigation (7), under the simplest experimental conditions, 
of the reaction 

H 2 O 2 + 31- -f 2H+ = 2 H 2 O 4- Is- (1) 

has confirmed the rate law 

d(l 3 -)/df. = (H 2 O 2 ) (I-) -f ^i(H202) (I-) (H •) (2)» 

previously discovered, and usually explained by assuming that the two 
rate-determining steps 

A*,o 

H 2 O 0 + I“~^H20 -f ID- (3) 

A, 

H 2 O 2 4- I- + H + H 2 O 4* HIO (4) 

proceed simultaneously and independently. Within the ionic strength 
range investigated (mc = 0.05 to 0.5), reaction 4 was concluded to be 
without appreciable salt effect, a conclusion so unusual for reactions in¬ 
volving more than one ion that another investigation w^as undertaken to 
test it; confirmation thereof is, we believe, furnished by the results that are 
to be presented here. 

If (H 2 O 2 ) is so small that (H'^) and (I“) remain sensibly unchanged as 
reaction 1 proceeds, eejuation 2 may be written 

d(l3-)/d/ « A/(H202) - [Ai^^d ) + Ai(I-) (H-^)] (H 2 CK) (2a) 

and k' may be evaluated as though it were the specific rate of a first-order 
reaction. Values obtained by measuring the rate at which E"" appears in 
reaction mixtures differing initially only in acid concentration may be 
plotted against (H"^), as in figure 1; wdien divided by (I~), the slope of the 
resulting straight line gives directly the value of Aj, and the intercept simi¬ 
larly yields that of Ai®. From one such series of reaction mixtures to 

^ At 25®C., Ai® * 0.69 at low' ionic strengths, and Ai » 10.5. ( ) will be used to 

denote ‘^concentration of^' in moles per liter. —► will be restricted to reactions that 
may be rate-determining. Throughout, the minute constitutes unit time. 
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another, the ionic strength may be altered by the addition of some salt, 
e.g., sodium perchlorate; fci® and h may thus be obtained at different ionic 
strengths. Such measurements have been made; the results thereof are 
given in tables 1 and 2, and plotted in figures 1 and 2. 

For sodium or barium perchlorate in moderate amount as added salt, 
these data show that the first term in equation 2, involving fci®, varies 
linearly with the ionic strength, while the second, involving ki, is independ- 



(H^ 

Fig. 1. Absence of Salt Effect on Reaction 4 
Since the curves have been shifted vertically to prevent superposition, numerical 
values for the ordinates have not been given. For every curve, any value of k' may 
be found from table 1 if the ionic strength, given above the curve, is used to identify 
the curve in question. 

ent of it.2 (We shall not at present be concerned with the curvature ap¬ 
parent in figure 2 at the highest ionic strengths.) Granting the plausible 
kinetic interpretation that has been advanced for the rate law, equation 
2, we must conclude that, although reaction 3 shows a ‘linear’’ salt effect 

* Two factors insure that the salt effect on ki^ will not appreciably alter the slopes 
of the lines in figure 1: at low (H the change in n c caused by adding acid is so small 
that ki^ is not sensibly affected; at high (H*^) the contribution of reaction 3 to the 
absolute rate is relatively small; in the region of intermediate (H**"), both effects are 
operative. 
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TABLE I 

Detailed experimental results for figure 1 
Sodium iodide-perchloric acid solutions. Temperature, 25°C. Initially (H 2 O 2 ) 
«* 8 X 10“^ moles per liter. Average (I“) - 5.72 X 10 moles per liter. Values of 
(H ■^) are averages. 


10 


AIIDED SALT 


Ba(C 104 )-. 


Ba(C 104 ), 


Ba ( 0104)2 


Ba(Cl()4)2 


Ba(C104)2 


Ba ( 0104)2 


NaC 104 


NaClO* 


NaC 104 


CONCENTHATION 
OF ADU£D HALT 


moles per liter 


0 054 


0.108 


0 162 


0 305 


0 540 


1.004 


0.0985 


0.0197 


0.394 




0 219 


0,381 


0 543 


0.972 


1 677 


3.07 


0.156 


0.254 


0.451 




moles per liter 


0.02022 

0.0563 

0.04130 

0.0706 

0.0623 

0.0811 

0.0834 

0.0964 

0.02030 

0.0617 

0 04130 

0.0715 

0.0624 

0 0860 

0.0834 

0.0990 

0.02021 

0 0640 

0.04130 

0.0773 

0.0623 

0.0872 

0.0834 

0.1010 

0 02030 

0 0730 

0.04130 

0.0850 

0.0623 

0.098 

0.0834 

0.110 

0.02023 

0.0936 

0 04130 

0.1040 

0.0624 

0.1170 

0.0834 

0.1290 

0.00760 

0.1400 

0.02020 

0.1490 

0.04130 

0.1610 

0.0624 

0.1740 

0.00763 

0.0480 

0.02027 

0.0550 

0.04128 

0.0670 

0.0624 

0.0794 

0.00767 

0.0510 

0.02021 

0.0575 

0.04130 

0.0698 

0.0623 

0.0820 

0.00761 

0.0530 

0.02024 

0.0600 

0.04130 

0.0730 

0.0623 

0.0850 
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TABLE 1 —Concluded 


SERIES 

ADDED SALT 

CONCENTRATION 
OP ADDED BALT 



k' 



moles per liter 


moles per liter 







0.00764 

0.0580 

11 

NaC 104 

0.591 

0.648 < 


0.02026 

0.04123 

0.0660 

0.0790 






0.0623 

0.0920 






0.00758 

0.0600 




i 


0.02026 

0.0680 

12 

NaC 104 

0 793 

0.850 ^ 


0 04126 
0.0623 

0.0800 

0 0940 






0 0832 

0.1070 






0.0998 

0.115 




i 

f 

0 02024 

0.0730 

13 

NaC104 

0 083 

1.040 1 

1 

1 

0 04129 

0 0623 

0 0850 

0 0901 





1 

0 0832 

0.1085 



1 



0 02030 

0.0880 






0 04130 

0.1024 






0.0623 

0 1152 

14 

NaC104 

1.643 

1 700 ^ 


0 0834 

0.1277 






0.2934 

0 2600 






0.3571 

0 2990 






0 4202 

0 3400 






0 00753 

0.1330 

15 

NaC104 

3 643 

3 70 ^ 


0.02024 

0.04130 

0 1410 

0 1540 






0.0623 

0.1670 






0 03048 

0.0619 






0.04520 

[ 0.0684 

16 

Na2S04t 

0.0644 

0.25 


0.0621 

0.0800 

0.0775 

0 0890 


1 




0 0987 

[ 0 0984 


* fie represents the ionic strength, in concentration units, due to iodide and added 
salts; its value for each series is given above the curve in figure 1 corresponding 
thereto. 

t Formation of HSO-j" has been considered in calculating (H +); the uncertainty of 
this correction precluded measurements in more concentrated sodium sulfate solu¬ 
tions. 

of reasonable magnitude, reaction 4 is altogether without the exponential 
salt effect predicted by the Bronsted theory (2). Before these conclusions 
are discussed, we shall consider briefly the results of a group of experiments 
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designed to re\'eal wliether reaction 4 has appreciable salt effect at low 
ionic strengths. 

In these experiments the iodine formed could be accurately titrated with 
thiosulfate before any marked concentration change occurred, so that the 

TABLE 2 


Summarij of experimental results in figures 1 and 2, and table 1 


ABKIEB 1 

! < 


Ki 

Ba(C 104)2 as added salt 

It 

0 0572 

0 09 

10 4 

2 

0.219 

0 77 

10 8 

3 

0 m 

0 84 

10 7 

4 

! 0.543 

0 91 

10 2 

5 

0.972 

1 08 

10 2 

6 

1 077 

1 40 

10 3 

7 

3 07 

2 41 

10 2 


NaCl 04 as added salt 


8 

0 150 

0 75 

10 7 

9 

0,254 

0 78 

10.5 

10 

0 451 

0.85 

10.2 

11 

0 648 

0 93 

10 8 

12 

0 850 

1 00 

10 3 

13 

1 040 

1 07 

10 0 

14 

1 700 

1 33 

10 8 

15 

3 70 

2 26 

! 

10 5 


Na 2 S 04 as added salt 


16 j 0 25 0 74 1 

10.4 

Arithmetic mean of ki values. 

. 10.4:t0.06t 


* Me represents the ionic strength, in concentration units, due to iodide and added 
salt. 

t These values were obtained without added salt (see reference 7) and are not 
plotted in figure 1. 

t The average error of the mean has been computed from a ^‘least squares'" for¬ 
mula; this procedure seems applicable, for the value of ki for each series was de¬ 
termined independently of the other data—i.e., no attempt was made to select “best" 
values of ki after all the data were at hand. 

‘^method of constant rates^^ (1, 8) could be employed. To the reaction 
mixture, at room temperature and containing starch as indicator, thio¬ 
sulfate solution was added from a buret at the minimum rate that would 
prevent the appearance of the starch blue, while the flask containing the 
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mixture was kept in constant motion.* The thiosulfate consumed in a 
minute measures the rate at which iodide is oxidized in reaction 1; from 
this rate, ii:7(I“) may be calculated. Values thereof obtained at different 
values of (H+) have been plotted against (H+) in figure 3; in table 3 the 
results are summarized. 

The results in table 3 demonstrate that this experimental method is 
capable of less accuracy than the “analytical method” (7) employed to obtain 
the data in table 1; further, since reaction 4 is responsible, on the average. 



Ionic strength, in concentration units 

Fig. 2. Salt Effect on Reaction 3 
(Cf. table 2) 


for only one-tenth of the absolute rate, experimental errors will appear 
greatly magnified in ki. We believe, however, that the large number of 
experiments tends to compensate these inaccuracies; and since the results 

® Gradual addition of the thiosulfate so that no great excess of it is ever present 
seems preferable to initial addition of the whole amount, for its oxidation by the 
hydrogen peroxide is thus greatly reduced. (Cf. Abel: Monatsh. 28 , 1239 (1907).) 
This oxidation is accelerated somewhat by hydrogen ion; the difference between the 
ki values of table 2, and 10.4, the value from table 1, may conceivably be due to some 
reaction like this. 

Our experimental method is a modification of that first used by Harcourt and 
Esson (Phil. Trans. Roy, Soc. 167,117 (1867)). 
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10* (H^ 


Fig. 3. Additional Salt Effect Measurements 
Cf. table 3, The radius of the circles corresponds to a change in (k*/(!“)) of 
0 02 . 


TABLE 3 

Data for experiments of figure 3 
fH202) * 1.23 X 10“* moles per liter; (H"^) variable 


SSRIEB NO. 

(I-) X 10* 

(NaC104) 

Jti® (23”) 

(23”) 

(26”) 

kx (25”) 

I 

1.06 

0.00 

0.63 

11.7 

0.74 

13.2* 

II 

1.05 

0.113 

0.68 

12.3 

0.79 

13.8 

III 

1.06 

0.568 

0.65 

11.7 

0.76 

13.2 


Corresponding table 1 values: ki^ = 0.69(1), 0.75(11), and 0.89(111); ki =» 10.4 
(all three series). 


*0.005 is an average value for the ionic strength of Curve 1, figure 3. The dotted 
line below this curve has been drawn through A;'/(I”) values, each corrected for the 
positive salt effect on fci®. Only for the point at highest acid is this correction, which 
was determined in additional experiments, appreciably larger than the experimental 
error; the dotted line gives ki 12, which is lower than the values at higher ionic 
strengths. (Did the Bronsted theory apply, it should be higher,) We have given 
the uncorrected value in table 1 because the correction is itself uncertain. Since 
Me does not change greatly along Curves II and III, a similar correction need not be 
applied. 
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are self-consistent, we do not hesitate to offer them as confirmatory evi¬ 
dence for the conclusion that reaction 4 is without salt effect. Emphasis 
should be placed, not on the difference between 13 (the approximate table 
3 value of ki) and 10.4 (the accurate table 1 value), but on the fact that the 
table 3 values agree with each other. Although the experimental error is 
rather large (±10 per cent seems a fair estimate), it is probably not over 
one-fourth the change in over the range of ionic strengths covered in 
table 3. We must conclude, therefore, that the experiments of figure 3, 
covering ionic strengths from Mc = 0.005 (see footnote to table 3) to nc = 
0.5, furnish no evidence for the exponential salt effect predicted by the 
Bronsted theory. 


DISCUSSION OF RESULTS 

In discussing the experimental results we shall employ a terminology 
differing slightly from what is usual. ^ 

An inspection of figure 2 makes evident that, below Hc = 2, fci® may be 
considered a linear function of the ionic strength. As is well known, such 
an effect may be interpreted as an equilibrium salt effect if the intimate 
mechanism 


Rapid equilibrium: H 2 O 2 + I" ¥=i H202-I"’ (3a) 

Rate-determining: H202 l~ —^ H 2 O + IO~ (3b) 

is assumed for reaction 3: the concentration of H 2 O 2 • I “ could vary linearly 
with the ionic strength, for 1“ and this complex each carry a single negative 
charge and therefore have similar activity coefficients. (Thus, for series 

1 08 

5, table 1, (H 2 O 2 I"") would be times as large as for series 1.) The 

U.OVI 

curvature, which becomes pronounced as mc increases above 2, might well 
be due to a superimposed medium effect, more marked with barium per¬ 
chlorate; this superimposed effect might be responsible also for the steeper 

* By the general term “salt effect” we understand the effect, to a first approxima¬ 
tion similar for all electrolytes, on the rate of a reaction of changing the 
ionic strength. (Skrabal (Z. physik. Chem. 3B, 247 (1929)) prefers the more accu¬ 
rate term “electrolyte effect,” which he has been using for many years.) Three 
kinds of salt effects may now be recognized: equilibrium salt effects, caused by the 
shift in an equilibrium, which accompanies a change in ionic strength and alters the 
concentration of a substance involved in a rate-determining step; kinetic salt effects 
to which no definite cause can be assigned, but with which the various attempts to 
introduce activity coefficients into rate laws (the activity theories of reaction rate) 
are principally concerned; and medium effects, which result when electrolyte addition 
has been so large that the reaction now proceeds in what is virtually a new solvent. 
There seems to be no sharp line of demarcation between medium effects and pro¬ 
nounced kinetic salt effects. 

Our “equilibrium” salt effect is identical with the “secondary kinetic” salt effect 
of Bronsted (2), while we have omitted “primary” in naming his “primary kinetic” 
salt effect. 
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slope of the bariuni perchlorate line in figure 2. The results in this figure 
do not differ markedly from some obtained by Harned and his collaborators 
(3, 4. 5, 6) by a different experimental method. 

When we come to consider reaction 4, one thing is immediately obvious; 
the experimental results cannot be interpreted by the use of any activity 
theory of reaction rates, for fci is independent of the ionic strength, and the 
introduction of thermodynamic activity coefficients into the rate law^ would 
therefore destroy the constancy experimentally observed. The discovery 
of additional cases of this kind would furnish strong evidence for the belief 
that no theory leading to rate laws that involve thermodynamic activity 
coefficients can hope to prove generally valid. 

From another point of view, also, this absence of salt effect, so unex¬ 
pected in the light of past experience, is disturbing. It has been sho\Mi 
(7) that 

-13.400 

= 4.91(WV , from 0 to 50°C (5) 

and 


-10,450 

ki = 4 58(10»)c , from 0 to 40®C. (6) 


Reactions 3 and 4 thus possess nearly identical heats of activation and 
nearly identical Arrlienius constants; this confirms the expectation, based 
on the fact that a single liydrogen ion represents the only difference appar¬ 
ent between these two rate-determining steps, that their intimate mechan¬ 
isms will be very similar. In this event, however, we would have two 
closely related reactions, of which one (reaction 3) exhibits a normal salt 
effe(?t, while the other sliows none—a state of affairs not at all reasonable. 
In particular, if reaction 4 is to have an intimate mechanism 

Rapid equilibrium: H 2 O 2 -f I~ 11202-1' (4a) also (3a) 


Rate-determining: IhO -f HIO (4b) 

patterned after equations 3a and 3b, we would have to make the unwelcome 
assumption that the linear positive salt effect (which, together with the 
low Arrhenius constant, 4.91 (10®), supports equations 3a and 3b) found 
for reaction 3 is somehow miraculously compensated in reaction 4b. 
(Thus, if reaction 4b in the above scheme takes place, it—like reaction Sb- - 

1 08 

should be influenced by the increase in (H 2()2 l ) for series 5, 

table 1, over that for series 1.) Of course, equations 4a and 4b do not 
exhaust the possibilities; the statistically complex process we recognize as 
reaction 4 may be formulated differently, but we have found no formulation 
that can explain the absence of any appreciable salt effect for the reaction. 
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If results like ours are not restricted as to the type of reaction for which 
they occur, it would seem advisable to treat salt effects, with the exception 
of those involving known equilibria, from a more empirical point of view 
than is at present customary. 


CONCLUSION 

The salt effect on the rate at which hydrogen peroxide is reduced in acid 
solution by iodide ion has been studied over a large range of ionic strengths, 
sodium and bari u m perchlorates serving as added salts. Of two rate¬ 
determining steps proceeding simultaneously and independently, the one 
(a second-order reaction involving hydrogen peroxide and iodide ion) ex¬ 
hibits the linear type of salt effect to be normaUy expected, while the other 
(a third-order reaction involving hydrogen peroxide, and hydrogen and 
iodide ions) is without any appreciable salt effect whatever. This be¬ 
havior contradicts the bulk of past experience and is irreconcilable with 
any activity theory of reaction rates; it suggests that salt effects in general 
might perhaps be profitably treated from a point of view more empirical 
than that now customary. An-alternative terminology for the discussion 
of salt effects has been proposed. 
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I. ELECTRICAL CONDUCTIVITY OF SOLUTIONS OF ARABIC ACID 
AND ITS SALTS 

There are se\'eral reasons why gum arabic serves as an especially satis¬ 
factory colloid for use in experiments of the nature to be described in the 
following papers. It forms definitely colloidal solutions in water. It is 
easily prepared from .the commercially obtainable sorts in the manner de¬ 
scribed below and the various preparations, using commercial gum from 
the same source, i.e., Sudan gum, have been found, in the experience of the 
author, to be identical in their properties. The gum can be electrodialyzed 
until it is practically free of ash, forming a fairly strong acid, the equiva¬ 
lent weight of which does not vary appreciably from sample to sample. 
This indicates that all salt-forming groups (acid groups) in the colloidal 
micella are available to react within a very short period of time with the 
added alkali (in contrast to silicic acid solution, for example). The 
arabic acid is stable against hydrolysis by its own hydrogen ions (agar, 
for instance, is partially hydrolyzed upon electrodialysis). The acid and 
all of its salts are soluble in water in all proportions, an advantage over 
soap solutions where many salts and the free acids are generally insoluble 
in water. Solutions of the arabic acid or its salts are relatively stable 
against attack by microorganisms, no change in the solutions being de¬ 
tectable after standing at room temperature without preservative for days. 
And finally, it has no isoelectric point, i.e., is not amphoteric. It acts al¬ 
ways as an acidic substance. The acid group in the gum arabic is prob¬ 
ably a carboxyl group. The electrodialyzed gum contains no sulfur or 
phosphorus. 

The purified gum is prepared by dissolving the sorts in water to form a 
5 to 10 per cent solution which is filtered, and enough hydrochloric acid 
then added to make the solution about 0.1 iV' acid. Alcohol is then added 
until the gum is precipitated as a white granular mass, which is separated 
from the mother liquor by filtration. The gum is redissolved and repre¬ 
cipitated twice, and then partially dried in vacuo to remove most of the 
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alcohol. It is then dissolved in a small amount of water and electro- 
dialyzed in a three-compartment cell with frequent changes of water in 
the electrode compartments until no further change in conductivity of the 
gum solution is observed. Cellophane membranes are used. The elec¬ 
trodialysis requires about a week to go to completion, during which time 
the current is maintained below 0.3 ampere in order to prevent too much 
heat from being developed in the solution. Toward the last, the current 
drops off to a very small value, owing to the absence of electrolytes in the 
electrode compartments. Considerable calcium hydroxide appears in the 
cathode chamber during the early stages of electrodialysis. The final 
solution of the gum is strongly acid (approximate pH = 2.0), and its asli 
content has dropped to about 0.05 per cent of the dry weight of the gum. 
Its titration curve is that of a fairly strong acid. One gram of the acid 
requires 85 X 10~® equivalents of base to neutralize it, indicating its 
equivalent weight to be 1175. This value is identical with that obtained 
by Thomas and Murray (5) upon a sample of gum similarly prepared. 

The various salts of arabic acid used in the following experiments were 
prepared by neutralizing the acid with the hydroxides of the metals the 
salts of which were desired, and drying the solutions in vacuo at 70°C., 
after which the salts were kept dry until used. The acid itself was not 
prepared in the dry form, but its concentration in a stock solution was de¬ 
termined and this solution used wherever experiments on the free acid 
were made. 

Specific conductivity measurements were made upon the arabic acid and 
its salts at 25®C\, using a conductivity cell of the Washburn type, the cell 
constant being 0.3560, The usual Wheatstone bridge arrangement was 
used with earplione detector and an alternating current of 1000 cycles. 
The solutions were made up on the weight basis, the concentrations being 
shown in the tables as the number of grams of dry colloid per 1000 grams 
of water. Triple distilled water was used as solvent, this having a specific 
conductivity value of 2 to 4 X 10 mhos. 

The specific conductivities of the solutions, as given in the tables, have 
been corrected for the conductivity of the water and, upon the assumption 
that conductance through the volume occupied by the micellae would be 
negligible, the specific conductivities of the solutions are corrected for the 
volume occupied by tiie colloid in the solution. Where n is the fraction 
of the total volume of the solution which is occupied by the gum, the ob¬ 
served electrical resistance in the conductivity cell must be multiplied by 
the factor, 1 — /x, in order to find the resistance offered by the intermicellar 
liquid, i.e., the true resistance of the solution. The value, n, may be cal¬ 
culated according to the equation 

1000 « 


M- 1- 


(1000 -f a)H 
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where s = the specific gravity of the solution at 25°C., H = that of water 
at 25®(1, and a = the number of grams of the colloid dissolved in 1000 
g. of water. This correction is of the order of 6.4 per cent in the most 
concentrated solution used (i.e., 100 g. of colloid in 1000 g. of water) and 
rapidly decreases in magnitude as dilution increases. 

The equivalent volumes of the solutions are calculated as the number of 
cubic centimeters of solution containing one equivalent of the colloid elec¬ 
trolyte, according to the equation 

^ ^ 1000-fg 

“ 85 X 10“^ X 8 X a 

In order to obtain the equivalent volume of the solution after correction 
for the volume occupied by the colloidal micellae (as appears in the tables), 
the value V must be multiplied by the above factor, 1 — m, i e., 

y.* uxd-M) 

The equivalent conductivities, A = \\ X k, for the acid and for five 
salts, viz,, potassium, sodium, lithium, calcium, and strychnine salts of the 
acid, are given in tables 1 and 2 and are plotted in figure 1 against the log 
of Vty the equivalent volume. The acid shows a maximum at very high 
dilution, while the salts of the alkali and alkaline earth metals show curves 
similar to those found by McBain and his students (3) for the salts of the 
high molecular weight fatty acids, i.e., soaps. With all these salts of arabic 
acid a minimal equivalent conductivity is found at a concentration of 
about 0.0025 equivalent per liter (log Ve == 5.6). Besides this similarity 
of form between the equivalent conductivity-concentration curves of 
arabic salts and the soaps, there are several marked dissimilarities which 
should be pointed out. The minimum occurs with soap solutions at an 
equivalent concentration of 0.1 as compared with 0.0025 for the acacia 
salts. Also the equivalent conductivities of soaps are unexpectedly high, 
being between two and three times the mobility value of the cation alone, 
while with the acacia salts the equivalent conductivities of the salts of the 
alkali metals are only of the order of the mobilities of the corresponding 
cations. In the case of the calcium salt it is much lower than that of cal¬ 
cium ion (if complete dissociation of the salt were to be assumed). 

From the data obtained on the alkali metal and calcium salts alone, it is 
possible to offer various possible explanations for the form of curve shown. 
Although the arabic acid acts as a fairly strong acid and the alkali metal 
salts of even weak acids are nearly completely ionized at the equivalent 
concentrations studied in these experiments, we could assume something 
less than 100 per cent ionization and could then apply the explanation 
offered by McBain for the data obtained from the soap solutions. 
That is, the increase in conductivity for concentrations lower than that at 



TABLE 1 

Conductivity data on arabic add at varying dilutions 
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which the minimum is observed would arise from a continuous increase in 
degree of ionization with increased dilution, while the increase in conduc- 



Fig. 1. Curves Showing the Variation of the Equivalent Conductivity (A) of 
Solutions of Arabic Acid and its Various Salts, with Change in 
Equivalent Volume (F*) 

Curve marked (H +) shows the equivalent conductivity on the basis of the ionized 
fraction of the acids, while curve marked (H) shows the equivalent conductivity on 
the basis of total acid present in solutions. 

tivity for concentrations higher than that at which the minimum is found 
would result from an increase in the degree of aggregation of the colloidal 
anion accompanied by a marked increase in the charge density on the sur- 
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face of tlie micella (decrease in surface area per unit charge). A corre¬ 
spondingly higher migration velocity of the micella would result, this ac¬ 
counting for the increased transference of electric current. 

Again, assuming less than complete ionization of the alkali metal salts 
of arabic acid and explaining the increase in A with increased dilution as 
above, it is possible that the increase in A with increased concentration 
results not because of increased agglomeration of the anionic carrier but be¬ 
cause of an increase in the percentage of total current carried by surface 
conducting ions. Surface conductance measurements on glass and cellu¬ 
lose surfaces indicate that the ions present in the region of the interface 
can move more freely through the surface region under the influence of an 
electric field than they can through the bulk of the solution. If, in the 
present case, owing to greater concentration of the colloid, the number of 
contacts between micellae increased to a large degree, it is possible that a 
marked increase in tlie current carried by the solution might result when 
surface conductance took place at the instant of contact between the micel¬ 
lae. Tliat agglomeration would follow such contacts between the micellae 
does not necessarily follow, because these hydrophilic colloids do not de¬ 
pend upon their electric charge to maintain their stability. 

A third explanation of these data, and one whicli seems to fit the ad¬ 
ditional data obtained upon the acid and its strychnine salt, firises from 
conclusions drawn by liCwis (2) concerning the validity of Kohlrausch^s 
assumption of constant ion mobility with change in concentration of the 
electrolyte, Lewis, from an analysis of existing data, showed that the 
transference number of an ion (i.e., the fraction of total current carried by 
that ion) may change radically with change in electrolyte concentration of 
the solution, and therefore the relative mobility of the ions must be chang¬ 
ing with concentration. This change becomes most noticeable when the 
differences in mobility of the two ions involved are markedly unequal. 
Kohlrausch^s assumption of constant ion mobility is therefore not strictly 
true, and it is possible that the mobility of an ion may vary with the con¬ 
centration. Lewis found a minunum to exist in the transference number- 
concentration curve for several ions in true solution. If the large fraction 
of tlie current carried by an electrolyte is carried by one ion, the transfer¬ 
ence number of the other ion being very low, it is to be expected that the 
changes in mobility of the ion of higher transference number would be 
noticeably reflected by similar changes in the A-concentration curve of the 
electrolyte. Since, too, the relative change in mobilities with concentra¬ 
tion of the two ions is more marked the greater the difference in the abso¬ 
lute mobilities of the ions, it is to be expected that as the relative mobilities 
of the ions became nearer 1 (i.e., as the absolute mobilities became more 
nearly equal), the A~concentration curve would no longer show evidences 
of those influences at work in the solution. 

The mobility of the arabate ion is not known, but its transference num- 
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ber must be very low, as evidenced by the fact that the equivalent con¬ 
ductivities of the lithium, sodium, and potassium salts are somewhat lower 
than the values to be expected from the cation alone if the salt were 100 per 
cent ionized. That these salts are nearly totally ionized is indicated by 
the fact that the equivalent conductivity of the hydrogen ions, in the ex¬ 
periments with the acid, shows a change with concentration similar to 
that of the salts. The curve for the equivalent conductivity of the acid on 
the basis of hydrogen-ion concentration, lies below the usually accepted 
mobility value of hydrogen ion (i.e., 315), a distance which is relatively 
equal to the distance that the curves from the salts lie below the mobility 
value of their respective cations. The curve marked in figure 1 is 
that plotted from values of Ah+ for the acid calculated on the basis of hy¬ 
drogen-ion concentrations at the various dilutions. The hydrogen-ion 
concentrations were determined electrometrically upon the same solutions 
that were used for the conductivity experiments. It is seen from the curve 
that current carried by equal amounts of ionized acid is at a minimum in 
the same region of concentration (of total colloid) as that in which a mini¬ 
mum is observed in the equivalent conductivities of the salts. If we can 
assume that electrometric measurements of hydrogen-ion concentration 
with a hydrogen electrode give a correct measure of the hydrogen-ion ac¬ 
tivity in the solution, we have here definite proof that the cation mobility 
is changing with concentration of the colloid electrolyte. In this case the 
greater part of the current must be carried by the hydrogen ions. If the 
same is true of the lithium, potassium, and sodium salts it is evident that 
these must be ionized to a very great extent. The same cannot be said of 
the calcium salt. Here the degree of ionization must be of the order of 
50 per cent. 

It can be assumed then that the mobility of the arabate ion is low. Since 
the effect of concentration upon mobility of the cation associated with the 
arabate ion should, according to this theory, become less apparent as the 
mobilities of the cations approached that of the arabate ion, it is proper 
that we should observe that the A-concentration curve tends to flatten 
out (i.e., the minimum becomes less pronounced), as the mobility of the 
cation decreases. The curve for the H+ salt shows a very deep cusp on 
the curve, while that of the lithium salt is nearly flat, though still showing a 
distinct minimum. With the, presumably, slow moving organic cation, 
strychnine, the cation mobility has reached a sufficiently low value so that 
there no longer exists a minimum in the A~concentration curve for its salt 
with arabic acid, that is, there is not sufficient difference between the 
mobilities of the arabate and strychnine ions to cause variation in the mo¬ 
bilities of the cation to such a degree as to become apparent in the A-con¬ 
centration curve for this salt. 

This theory does not rule out the possibility of a reversible agglomeration 
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of the micellae taking place as the concentration increases. It does, how¬ 
ever, postulate that the variation in the A~conductivity curves is largely 
due to variation in the absolute mobility of the cations which, in the case 
of this particular colloid electrolyte, appear to act as conductors for almost 
all of the current which passes through the solution. The maximum in the 
A-concentration curve for the acid coincides closely with a maximum in 
percentage ionization as indicated from hydrogen-ion measurements. An 
explanation of this observation will be given in the succeeding section in 
terms of the existence of a reversible polymerization or peptization occur¬ 
ring witli change in concentration of the acid in solution. 

II. THE DISSOCIATION “cONSTANT^^ OF ARABIC ACID 

When an electrodialyzed gum arabic solution is titrated witli an alkali 
and the course of the hydrogen-ion concentration in the solution followed 
electrometrically with a bubbling hydrogen electrode, the titration curve 
so obtained is found to be that of a fairly strong acid. The curve is smooth 
like that of any monobasic acid, although the molecular (or micellar) weight 
of the arabic acid must be many times its equivalent weight. The neu¬ 
tralization equivalent of the acid does not change with dilution and is 
equal to 85 X 10~® equivalents per gram of the acid. The time required 
for equilibrium to be attained after addition of an increment of alkali is 
only of the order of time needed for complete mixing of the solutions. It 
would appear, therefore, that the acid (replaceable) hydrogens of the colloid 
exist at the surface of the micellae and are readily available to react with 
the added alkali. Certainly no part of the colloid exists in the form of the 
acid anhydride, which requires hydrolysis to take place before reaction 
with the alkali can occur. (As is the case with a silica gel micella, where 
the inner portion of the micella consists of Si 02 which must hydrolyse to 
H 2 Si 03 before reaction with sodium hydroxide to form the sodium silicate.) 
Thomas and Murray (5) showed that no further alkali was bound beyond a 
pH of 7, i.e., all acid hydrogens of the acid react with the alkali before pH 
= 7 is reached. 

Since the acid, which obviously cannot be a monobasic acid, shows a 
titration curve essentially that of a monobasic acid, it is necessary to pic¬ 
ture the acid hydrogens of the acid as being so far apart in Ihe molecule 
that the ionization of one group has practically no intramolecular influence 
upon the tendency of the other groups to ionize, or else that every ionizable 
hydrogen present has a dissociation constant somewhat different from 
every other one and that these dissociation constants for the various acid 
groups are rather uniformly distributed throughout the buffer range of the 
acid. In the first case, the calculation of the dissociation constant of the 
acid as a monobasic acid would be allowed. In the second case such a 
calculation would mean nothing, except that the constant so obtained 
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would refer to an average dissociation tendency of all the acid groups pres¬ 
ent in the acid. 

The dissociation ^^constant” of arabic acid has been calculated, in this 
paper, upon the assumption that the acid acts as a monobasic acid, from 
dilution data on the acid and from the titration curves at various dilutions. 

TABLE 3 


Titration data for arabic acid at two concentrations 


NttOH 

PBB GRAM 

pH 

im 

[T] 

[Na"l 

1H»I 

[HA] - 

[ri- 1 

[A-j 

RATIO 

[A1/[HA] 

LOG 

RATIO 

pK 



X 10* 

X 10» 

X 10» 

X 10* 

X 10* 







50 g 

. acid per 1000 g. 

water 




equiv. 

X 10» 










0 

2.24 

575 0 

4250 

0 

575 

3675 

O.I565I 

-0.805 

3 05 

7.08 

2.45 

355.0 

4250 

354 

709 

3541 

0 2001 

-0 699 

3 15 

14.17 

2.64 

230.0 

4250 

708 

938 

3312 

0.2831 

-0.548 

3 19 

21.25 

2 81 

155.0 

4250 

1062 

1217 

3033 

0.4010 

-0.397 

3 21 

28.33 

3.00 

100 0 

4250 

1417 

1517 

2733 

0 5550 

-0 256 

3.26 

35.41 

3 15 

70.8 

4250 

1771 

1842 

2408 

0.7550 

-0 116 

3.27 

42.50 

3.34 

45.8 

4250 

2125 

2171 

2079 

1 045 

+0.019 

3 32 

49 58 

3 50 

31 6 

4250 

2480 

2512 

1738 

1.445 

+0.160 

3.34 

56.66 

3 68 

20.9 

4250 

2833 

2854 

1396 

2 042 

+0.310 

3 37 

63.73 

3 90 

12.6 

4250 

i 3187 

3200 

1050 

3 048 

+0.484 

3 42 

70 82 

4 13 

7 41 

4250 

3541 

3548 

702 

5.055 

+0.704 

3 43 

77.91 

4 m 

2 50 

4250 

3895 

3898 

352 

11.070 

+ 1 045 

3 55 

85 00 

7 00 


4250 

4250 

4250 






0.625 g. acid per 1000 g. water 


0 

3.82 

15.12 

53.1 

0 

15.1 

38.0 

0.398 

-0 401 

4 22 

14 17 

4.11 

7.77 

53.1 

8.85 

16 6 

36.5 

0 455 

-0 342 

4.45 

28.33 

4 43 

3.72 

53.1 

17 71 

21.4 

31 7 

0 675 

-0.170 

4 60 

42.50 

4 95 

1.12 

53.1 

26 60j 

27.7 

25.4 

1 091 

+0.038 

4.91 

56.66 

5.39 

0 408 

53.1 

35.40 

35.8 

17.3 

2 070 

+0.316 

5 07 

70.82 

6.01 

0 098 

53.1 

44 30 

44.4 

8 7 

5 110 

+0 708 

5.30 

85.00 

7.00 


53.1 

53.10 

53.1 






These calculations are given, with the data from which the values were 
calculated, in tables 1 and 3 and are shown graphically in figures 2 and 3. 

The values obtained for the acid at various dilutions were calculated from 
measurements on the same solutions as those used for conductivity meas¬ 
urements, where the hydrogen-ion concentrations were determined elec- 
trometrically. The pK (i.e., the negative logarithm of the dissociation 
coTLstant) was calculated according to the equation 

[A~l 
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the value of [A ] being taken as equal to the measured and [HA] 
being taken as equal to the total equivalent concentration of the acid [T] 



Fig, 2. Curves Showing the Manner in Which the Equivalent Conductivity 
(A), THE Degree of Ionization (a), and the Dissociation ‘^Constant” (K) 
OF the Acid (Plotted as the Negative Logarithm of K) Vary with the 
Concentration of the Solutions op the Acid (Plotted as the 
Logarithm of the Equivalent Volume (Te)) 

minus The degree of ionization of the acid at the various dilutions 

is also calculated as 


a « 


[T] 
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In figure 2 it is seen that a reaches a maximum at about the same con¬ 
centration of the acid at which the equivalent conductance, A, of the acid 
reaches a maximiun. Also it is seen that the pK value of the acid at con- 



O 15 JO 40 7r Oo 


Fig. 3. Titratiox Curves of Arabic Acid at the Two Concentrations, 50 o, and 
0.625 G., Rbspectivelv, of the Acid in 1000 a. of Water, and the Variation in 
THE Calculated Values of the Dissociation ‘"Constant” {K) of the 
Acid (Plotted as pK) with the Degree of Neutralization 

centrations higher than 50 to 60 g. per 1000 g. of water (equivalent con¬ 
centration of 4 to 5 X 10*'*) becomes fairly constant in the neighborhood 
of 3 (/C = 1 X lO-*), but with increased dilution the value of pK increases 
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continuously. This must mean that the acid is acting more and more like 
a very weak acid as the dilution increases. This conclusion is substan¬ 
tiated by the fact that the degree of ionization of the acid reaches a maxi¬ 
mum and rapidly falls off with increased dilution. The obserA^ed a curve 
is the resultant of two tendencies: the one, the increased ionization with 
dilution, i.e., that commonly observed with solutions of all but the \'ery 
strong acids; the other, the decrease in the dissociation constant of the 
acid with increased dilution, i.e., its tendency to dissociate decreases as it 
acts more and more as a very weak acid. The first factor predominates 
at the higher concentrations, and not until the rate of change in pK is very 
high (i.e., at highest dilution) does this factor predominate in the deter¬ 
mination of the course of the a curve. 

F'rom the titration curves, the value of pK was calculated in a manner 
similar to that given above. Here, however, the sodium salt formed was 
considered to be completely ionized and [A“] was taken to equal [H^*] + 
[Na"^], where [H*^] was measured electrometrically and [Na'+] was calculated 
from the amount of sodium hydroxide added. [HA] then would equal 
[IT] — [A~]. Figure 3 shows the titration curve and calculated pK values 
for the acid at two concentrations, one at a concentration of 50 mg. of 
acid per 1000 g. of water and the other at a concentration of 0.625 g. of 
acid per 1000 g. of water. These measurements were made upon solutions 
prepared by adding the desired amount of sodium hydroxide to solutions 
containing equal amounts of acid and then diluting the resulting solutions 
to contain equal weights of water. Thus there was no change in weight 
of solvent throughout the titration curve shown, and the varying pK 
calculated cannot be due 1o the dilution factor shown to exist in the above 
experiment with the acid. 

Both of these titration curves show the acid to be completely neutralized 
at pH = 7. In both cases the calculated pK increases as neutrality is 
approached. At the higher concentration this drift in pK is not so great 
as at the lower concentration. And, in accordance with the dilution data 
on the acid, the value of pK increases with dilution. This shift of the pK 
value with neutralization may be taken to indicate tliat the latter of the 
above-mentioned pictures of the dissociation tendencies of the acid groups 
is more nearly the correct one. As alkali is added to the acid, the acid 
groups showing the greater dissociation tendency are first neutralized, and 
the average dissociation “constant” of the remaining acid groups is of a 
lower Prder of magnitude than before this fraction of the acid hydrogen was 
replaced by alkali cations. 

Two conclusions to be drawn from these data on the apparent dissocia¬ 
tion constant of the acid are: first, the various acid groups present have 
dissociation constants which are distributed in a continuous manner over 
the buffer range of the acid in such a way as to give a titration curve which 
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resembles that of a monobasic acid in that there is only one definite buffer 
range; and second, the average dissociation constant for all these groups 
decreases at a continuously increasing rate with dilution. 

This latter conclusion may be taken to indicate a readily reversible 
change in the size of the micella accompanied by a shift in the tendency 
toward ionization of the acid groups on the micella. 

An analogous situation is found in the case of silicon dioxide sols. 
Rabinowitch and Laskin (4), from measurements of the electrical conduc¬ 
tivity and potentiometric titration curves for an electrodialyzed solution, 
found a value of the dissociation constant of colloidal silicon dioxide equal 
to Ki = 2 • 10"^. Their titration curves showed the solution to have a 
buffer region at pH 3 to 5. Willstiitter and coworkers (6) prepared silicic 
acid solutions by hydrolysis of silicon tetrachloride in water in presence of 
silver oxide and obtained an acid which, immediately after preparation, 
showed a freezing point depression which indicated it to be molecularly 
dispersed. They found that polymerization immediately set in and pro¬ 
ceeded at a more or less rapid rate thereafter, finally resulting in a colloidal 
solution of polysilicic acid of uncertain composition. They made poten- 
tiometric titration curves on their freshly prepared acid and upon the same 
after several days. They found a buffer region for the fresh solution at 
about a pH of 6.5, ’which shifted to lower pH as polymerization proceeded. 
The calculated value of the dissociation constant for their freshly prepared 
acid (i.e., pK is taken to equal the pH of half-neutralization in the buffer 
region of the acid) is found to be = 5 X 10”"^. 

Hogg (1) determined the value for the dissociation constant of true dis¬ 
solved silicic acid from the degree of hydrolysis of sodium silicate solutions 
and found Ki = and K 2 = 

All this work seems to indicate that the greater the degree of polymeriza¬ 
tion of the silicic acid, the greater becomes the value of the dissociation 
constant and the strength of the acid. If we can assume a reversible 
polymerization of the arabic acid with increasing concentration, it is pos¬ 
sible that the shift in the average dissociation constant of the acid may 
result from this in a manner similar to that observed with silicic acid solu¬ 
tions. One marked difference betw^een these tw^o colloids is that polymeri¬ 
zation of the silicic acid solution is accompanied by dehydration'of a part 
of the acid, while there is no indication that the number of readily reacting 
acid groups in the arabic acid changes with concentration (or, presumably, 
dispersion and polymerization). 


SUMMARY 

1. Equivalent conductivity values for arabic acid show a maximum at 
a concentration of approximately 0.00025 equivalent per liter. A maxi¬ 
mum in the degree of ionization occurs at the same concentration. 
Equivalent conductivity values for the potassium, sodium, lithium, and 
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calcium salts and for tlie ionized acid (i.e., calculated on basis of hydro- 
gen-ion determinations) all sliow a minimum at a concentration of 0.0025 
equivalent per liter. The prominence of this minimum varies to a degree 
which is roughly proportional to the ordinarily used mobility values of the 
cations employed, and totally disappears from the e(}uivalent conductivity- 
equivalent volume curve for the strychnine salt of the acid. 

It is postulated that the observed variation in the A-concentration 
curves is due to a change in the absolute mobility of the cations with con¬ 
centration (the anion mobility being comparatively low) in accordance 
with the conclusions of Lewis concerning the variability with concentration 
of the transfer number for ions in ordinary electrolyte solutions, which 
also state that the effect is more marked when the mobilities of the two 
ions of the salt are markedly different. 

It is to be concluded that the ionic activities of the cations present in 
these colloid electrolyte solutions will be different if measured electromet- 
rically (as with the Jiydrogen-ion electrode) and if measured conduct i- 
metrically (assuming constant mobility of the ions), the degree of difference 
varying with concentration. 

2. The titration curve for arabic acid shows only one buffer range. 
However it does not act as a monobasic acid, but as one the acid groups 
of which have varying ionization constants which are rather uniformly 
distributed throughout the buffer range of the acid. C'alculated dissocia¬ 
tion constants of the acid (regarding it as monobasic) give the average dis¬ 
sociation constant of all the acid groups present in the acid. 

At any given concentration of the acid the dissociation ‘^constant” de¬ 
creases with the percentage neutralization, indicating that those groups of 
liigh dissociation constant are the first neutralized by added base and that 
this leaves the average dissociation constant of the remaining (unneutra¬ 
lized) groups at a lower value. 

The dissociation ^'constant*' of the acid decreases rapidly with increased 
dilution from a value of about A' = 1 X 10^^ for a concentration of 50 to 
100 g. of the acid per 1000 g, of water to near A = 2 X 10“" at infinite 
dilution (extTapolation value). It is assumed that reversible peptization 
of the micella occurs when the solution is diluted and that this is accom¬ 
panied by a marked decrease in the dissociation tendency of the acid groups 
present on the micella. Only in concentrated solutions does the acid act 
as fairly strong acid, though in all cases except, perhaps, in e.xtremely dilute 
solutions the acid is completely neutralized at a pH of 7. 
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During tho course of an investigation of the different methods used for 
the detenuiiiation of camphor in spirits of camphor, it was necessary to 
prepare a large number of alcoholic solutions of camphor. These solutions 
were read in the polariscope and the specific rotations were calculated. 
Camphor is one of a number of organic substances which give different 
values for specific rotation when different strengths of alcohol are used as 
solvents. The rotation varies also for different amounts of camphor in 
the same percentage strength of alcohol. 

One may find a number of references in the literature which give the spe¬ 
cific rotations of camphor in ethyl alcohol. Among these may be men¬ 
tioned Landolt (3), Moreau (5), Kazay (2), Malosse (4), Peacock (7), 
Francois and Luce (1), and Owen (6). However, no comprehensive study 
in which both factors (percentage camphor and strength of alcohol) are 
varied has been reported for the complete series of alcoholic solutions of 
camphor. 

The sample's of camphor used were the purest refined products which 
could be obtained on the market. The camphor was resublimed at least 
once; the first ten per cent coming over as sublimate was discarded, as was 
the last ten per cent remaining in the distilling flask. Pure ethyl alcohol 
which had been distilled over quicklime was used to make up the various 
dilutions of alcohol. 

The camphor solutions varied in strength from 1 per cent to the highest 
concentration which the particular strength of alcohol used would dissolve. 
All solutions were made with the greatest accuracy and at the uniform tem¬ 
perature of 20®C. The solutions in each case were weight to volume solu¬ 
tions. Ten readings for each of the solutions w^re made in the polariscope 
at 20®C. The specific rotation was calculated by use of the formula 


Specific rotation * J- 

I X c 
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Percentage Camphor 


Fig. 1. Curves Showing Changes in Specific Rotation for Various Amounts of 
Camphor Dissolved in Different Strengths of Alcohol 
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where a is the polariscope reading, I is the length of the tube in decimeters 
and c is the concentration in grams per 100 cc. of solution. 



Fia. 2. Curves Showing Changes in Specific Rotation for Various Amounts of 
Camphor Dissolved in Different Strengths of Alcohol 

The results are shown giaphically in figures 1, 2, and 3. Figure 1 shows 
the curves obtained when the specific rotation is plotted against the per¬ 
centage camphor. Figures 2 and 3 give the curves obtained when specific 
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Fig, 3. Curves Showing Changes in Specific Rotation fob Various Amounts or 
Camphor Dissolved in Different Strengths of Alcohol 
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rotation and percentage strength of alcohol are the variable factors. The 
curves given in these figures offer a practical means of determining an un¬ 
known factor when two of the three values—specific rotation, amount of 
camphor, strength of alcohol—are known. 

From the figures we may see that the specific rotation varies consider¬ 
ably with a change in the strength of alcohol or with a change in the per¬ 
centage of camphor dissolved. The values increase as the strength of 
alcohol increases. The specific rotation when the camphor content is 1 
per cent varies from 27.14 for 35 per cent alcohol up to 43.18 for absolute 
alcohol. In the same strength alcohol the specific rotation increases as 
the amount of camphor dissolved increases. For instance, in 95 per cent 
alcohol the specific rotation varies from 40.24 for 1 per c(‘nt camphor up 
to 47.26 for 50 per cent camphor. 

SUMMARY 

1. The specific rotations for alcoholic solutions of camphor have b^^en 
determined when the percentages of alcohol and camphor are varied over 
wide limits. 

2. Curves have been constnicted for determining a third factor when the 
values of two factors are known. 
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In a previous article on the oxidation of hydrogen in the glow discharge 
(4) it was shown that the explosive mixture could not be ignited in the 
negative glow, although ignition took place with ease in the positive 
column. The present research was undertaken, therefore, to contrast the 
reactivity in these two regions of the discharge, in the hope that it might 
throw some light on the factors determining propagation and on chain re¬ 
actions in general. 

apparatus 

The discharge tube was a 5-liter Pyrex flask placc'd in an electric furnace 
which could be heated to 500®C. The cathode was an aluminum disc 3.2 
cm. in diameter located at the bottom of the flask; the disc was encased 
in glass except for the top surface The anode was an iron rod supported 
by a winch mounted on the neck of the flask that extended out of the top 
of the furnace; the position of the anode could be adjusted at will. The 
anode was 0.5 cm. in diameter and was encased in glass except at the lower 
end. The pressure in the system was read with a dibutyl phthalate ma¬ 
nometer. The gases used were prepared in the manner described 
previously. 

The rate of reaction was determined from the change in pressure per 
unit time. The rate in the positive column was obtained by subtracting 
the rate in the negative glow from the over-all rate. Unless otherwise 
stated all data were taken at room temperature. 

RESULTS 

The effect of pressure 

The effect of pressure on the rate of reaction in a 2-cm. length of positive 
column is shown in figure 1. The discharge current was 10 ma. 

Curve I is the observed rate, curve II the voltage, and curve III the volts 
required to synthesize one molecule of water. The values given are for 
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the initial rates. The pressure vs. time curves from which the rates were 
obtained show the rate to be about constant for the first few minutes of 
each run, and then to decrease slowly with time. 

A comparison of curves I and II shows that the rate increases more 
rapidly than the voltage, especially at the higher pressures. In conse¬ 
quence the power consumed per water molecule formed is nearly con¬ 
stant at the lower pressures, but decreases appreciably as the pressure is 
increased. 



These results are in distinct contrast with those obtained previously in 
the negative glow, where the rate was shown to increase only very slightly 
with the pressure. 

The effect of the current 

The effect of the current on the rate is shown in figure 2. 

The electrode separation was 47 mm. for the positive column and 3 mm. 
for the negative glow. The potential drop between the electrodes was 
650 and 375 volts, respectively. 

The data show the rate of reaction in the positive column to be propor- 
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tional to the current below 25 ma. at the pressures used; above this point 
the rate increased, and the power expended in terms of volts per molecule 
dropped rapidly to a very small \'alue. 



These results are again in contrast with those in the negative glow where 
the rate was found to be proportional to the current over the range 
investigated. 
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The effect of voltage 

In the cases where the change in the discharge voltage varied with the 
current the rate of reaction (R) was proportional to the power input rather 
than to the current. This is shown in table 1 . These results were taken 
at a pressure of 2.3 cm. of mercury and with an electrode separation of 
4.7 cm. 

The effect of added gases 

The effect of the addition of 3.1 mm. of gas to 18.5 mm. of explosive mix¬ 
ture on the reaction rate is given in table 2 . M refers to molecules 8301 - 
thesised, e to electrons, and V to volts. The length of the positive column 
was 7 mm. and the current was 25 ma. The tests were made with a low 


TABLE 1 


1 

V 

R 

R /1 

R/tV X 10» 

8 

490 

10 80 

1.35 

1 2 76 

10 

442 

11 56 

1 16 

2.63 

12 

408 

13 00 

1 08 

1 2.65 

15 

372 

15 ;i8 

1 02 

1 2 75 


TABLE 2 


The effect 0 / added gases on the reaction rale 


ADDISD (IAS 

M/f 

V/f 

: V M 

Nonf' , 

20 2 

100 

5 0 

Hydrogen 

20 4 

105 

5.1 

Oxygen 

.33.4 

70 

2.1 

Nitrogen 

21 3 

85 

4.0 

Argon 

18 2 

' 70 

3.8 

Helium 

17.3 

75 

4.9 


per cent of added gas in order that the fraction of energy absorbed by this 
gas should be low. 

In the negative glow the rate was proportional to the partial pressure of 
hydrogen up to 90 per cent added gas, helium had no effect, and nitrogen, 
oxygen, and argon had a retarding action in the order named. 

The effect of various amounts of added gas is shown for argon in figure 
3. The difference in the effect of added argon on the reactivity in the two 
regions of the discharge is very pronounced. In the negative glow argon 
decreases the rate in a manner very nearly proportional to the amount 
present. Just the opposite condition exists in the positive column, where 
the rate increases linearly with the partial pressure of the argon up to 50 
per cent added gas. 
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The effect of water vapor on the reaction rate is shown in figure 4. 
These curves were obtained from the tangents at different points along the 
time vs. pressure curves. No correction was made for the change in pres¬ 
sure during the course of the run, since the total pressure u.sed was such 
that the pressure coefficient was small. The dotted portion of the curve 

Percent Argon 



Fia. 3. The Effect of Various Amounts of Argon on the Reaction Rate 

represents an extrapolation, made necessary by the fact that th(' time vs. 
pressure curves for the currents used showed a small heating effect at the 
beginning of the run; the extrapolation, therefore, was made from data 
obtained when the discharge current was 5 rna. 

It will be observed that up to 40 per cent water vapor the rate is the 
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same as in the 2:1 mixture for both the negative glow and the positive 
column. In this respect its behavior is distinctly different from that of 
argon. The fact that the rate in the negative glow is unchanged by the 
addition of water vapor is an indication that water molecules also can fur- 



Fiq. 4. The Effect of Water Vapor on the Reaction Rate 


nish reaction nuclei. Substantially the same result has been obtained by 
Lind and Schiflett using alpha rays (9). 

It is interesting to note that the water vapor - 2 H 2:02 equilibrium occurs 
at about 88 per cent water for both regions of the discharge. 
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The effect of the walls 

The effect of the proximity of glass surfaces on the rate was determined 
by surrounding a discharge between two aluminum rods—3 mm. in diame¬ 
ter, 5 mm. in exposed length, and 2 cm. apart—with glass cases of different 
sizes. In table 3 arc given the results obtained with two such cases. The 
cylinder was a tube 2.7 cm. long and 3.2 cm. in diameter placed symmetri¬ 
cally over the discharge, the axis of the cylinder being perpendicular to the 
path of the discharge. The case was 1 cm. on the end, 3.8 cm. on the side, 
and 2.7 cm. long and was similarly placed. 

The values given are for the over-all reaction. M/e is molecules per 
electron, and V/M is volts per molecule. 

The data show that the reactivity probably approaches the same rate 
for low currents. As the current is increased, the retarding effect exerted 
by the close proximity of surfaces becomes more and more pronounced. 
Since both cases were placed to permit unimpaired convection through the 


TABLE 3 



OLAHS CYLINDER 

GLASS CASE 







M/e 

V M 

M/e 

V/M 

20 

37 1 

1.3 8 

31 5 

18 1 

25 

36.9 

13 8 

30 5 

18.7 

30 

39.9 

12 8 

28 0 

20 0 

35 

49.1 

10 4 

24.7 

22.3 

3^ 

55.6 

9 5 



40 

1 Ignition 

22 9 

24.0 


discharge, the retarding action at the higher currents must be due to limi¬ 
tations in the reaction chains, as is evidence^d by the fact that the gas could 
not be ignited in the r(‘Ctangular case, while the cylinder had little effect 
on th(' ignition energy. 

The effect of temperature 

In the negative glow the rate of reaction exhibited no temperature co¬ 
efficient for low current densities and only a detectable positive coefficient 
for the higher currents. In the positive column the coefficient was more 
positive, the rate increasing about eightfold for a 300®C. rise in tempera¬ 
ture. The effect of temperature is dependent on the conditions existing 
in the discharge, being influenced by both current and pressure. 

DISCUSSION OF RESULTS 

A survey of the differences in the reactivity in the negative glow (4) 
and in the positive column when correlated with the ph 3 ^ics of these two 
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regions may be of some help in understanding the mechanism of reaction 
involved. In the negative glow evidence was advanced to show that the 
reaction took place largely about H 2 ’^ ions and that in comparison 
ions, atoms, and excited molecules were relatively poor reaction centers. 
It was shown further that most of the water sjmthesized reached the walls 
carrying a positive charge in the negative glow, and as neutral molecules in 
the positive column. 

The difference in the reactivity in the two regions of the discharge is dis¬ 
tinct. In the negative glow the M/N ratio is nearly constant, being inde¬ 
pendent of the pressure and the current density. In the positive column 
the M/N ratio increases with both the power input and the pressure, due 
definitely to the presence of reaction chains which are completely absent 
in the negative glow. 

Two alternatives are possible in interpreting the above results. Either 
some condition is to be found in the positive column that permits the H 2 *^ 
ions to have an M/N ratio far higher than the fixed ratio in the negative 
glow, or else new active centers come into play that are capable of ser\ ing 
as chain heads. 

The physics in the two regions of the discharge differs primarily in the 
energy of the electrons. In the negative glow measurements of the range 
of the electrons show that the initial energy corresponds to the entire cath¬ 
ode fall in potential, being of the order of several hundred volts. This 
energy is dissipated largely in the production of ions (one ion for about 45 
volts (5)) and in the excitation of both low and high quantum states. The 
values of Lehman fix the ratio of Af/H 2 + = 2, which is probably more 
accurate than the value 4 gjven in the previous communication. A line as 
well as a band spectrum is emitted. In the positive column, the average 
energy of the electrons is about 4 or 5 volts, while the maximum energy 
only slightly exceeds the ionization potential of the gas. The energy is 
expended largely in the production of ions and in the excitation primarily 
of lower levels in a larger number of molecules. The spectrum ordinarily 
consists of bands. 

It is very improbable that any excited state capable of initiating a chain 
can be found that exists only in the positive column; ions an? abundant in 
both regions, while atoms and excited molecules, especially those of high 
energy content, are more prevalent in the negative glow. The expenditure 
of energy per unit volume of the discharge may be some twenty times 
greater in the negative glow than in the positive column, as can be seen 
from figure 4. Roughly the concentration of most excited states will be 
in proportion to the power expended. In the case of neutral atoms, how¬ 
ever, the concentration should be even more pronounced in the negative 
glow, since they are not produced by direct electron impact but largely, if 
not entirely, by the dissociation of the excited ions which are present in 
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appreciable quantities only in the negative glow. The ions formed in the 
positive column of the direct current low density discharge of the type 
used are of the normal variety, and hence do not dissociate appreciably. 

Since it does not seem possible to find new reactive states existing only 
in the positive column, one is naturally forced to the other alternative 
that for some rcasop chains are set up by the original reaction centers in 
this region of the discharge, while they are not set up in the negative glow. 
Chain mechanisms seem limited to three general types: (1) atom chains, 
(2) excited molecule chains, and (3) cluster chains. A brief consideration 
of each of these may show the one most capable of explaining the observed 
facts. 

Bonhoi'ffer and Haber (1) suggest a chain starting with H and continu¬ 
ing consecutively through H and OH. Obviously such a chain should start 
in the negative glow’, where the concentration of H atoms is the highest. 
The fact that the M/N ratio is constant in this region necessarily elimi¬ 
nates this type of atom chain. 

Thompson and Hinshelwood (11) postulate a chain the principal links of 
which are hydrogen peroxide and activated w’ater molecules. While the 
mechanism is somiwvhat indefinite, it is again impossible to see how’ this 
type of mechanism could account for the entire reactivity in the discharge 
w ithout being more pronounced in the negativ’e glow' than in the positive 
column. 

In view' of w’hat has just been said it does not seem probable that the 
usual types of chains involving atoms and excited molecules can be used 
to account for the observed conditions. A modification of the cluster 
mechanism originally formulated by S. C. Lind offers some prospects of 
success. The basis of the Lind mechanism, devised for alpha-ray ioniza¬ 
tion, is that the reaction results from the neutralization of a positive ion or 
clustiT by a negative ion or cluster. Since the postulated reaction does 
not take place until neutralization occurs, the M/N ratio is limited by the 
size of the clusters at this instant; obviously, therefore, the ion cannot 
serve as a chain head. In applying the cluster mechanism to the glow' 
discharge it w'as necessary to modify the original Lind concept, since neu¬ 
tralization takes place largely at the w'alls and not in the gas phase as w'ith 
alpha ra 3 rs. It w'as suggested (3), in consequence, that the reaction occurs 
betw'een just those molecules closely associated about the positive ions, 
and that the reactivity ceases upon neutralization. The ions, therefore, 
can serve as reaction centers until neutralized, and hence high M/N ratios 
or ionic chains are possible. Since the water molecules synthesized in the 
negative glow' reached the w^alls carrying a positive charge, it is necessary 
to make the further assumption that reaction does not occur betw'een the 
molecules associated about the ions until the clusters receive energy from 
the outside equal to their energies of activation: this may come from colli- 
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sions with '‘hot molecules’’ or from the heat of neutralization by electrons. 
This type of mechanism will satisfy the demands imposed hy the discharge. 

The conspicuous difference in the conditions influencing the possible 
active states in the negative glow and in the positive column appears to be 
in the length of life of the ions in the gas phase. In the negative glow the 
ions are driven rapidly to the wall, so that the chance of the ion being struck 
by an electron or molecule of high eneigy content is far smaller than in the 
positive column. The ion, therefore, carries its original cluster to the 
walls, and the reaction is confined to just those molecules associated about 
it. In the positive column the life of the ion in the gas phase being longer, 
its chance of being struck by a body rich in energy is correspondingly large. 
If this colliding body possesses an amount of energy E sufficient to cause 
the molecules associated with the ion to react, the total energy of the asso¬ 
ciate will be (E + Q), where Q is the heat of formation of molecules syn¬ 
thesized. This energy, when Q is large as in the present case, will be suffi¬ 
cient to disrupt the cluster, leaving the ion denuded of its associated mole¬ 
cules; the ion (not necessarily in the original form) is then in a condition to 
start the process all over. The only difference is that the ion after the 
disruption of the cluster doubtless contains some fraction 0 of the energy 
(E + Q); hence the energy of activation for the new associate will be not E 
but E ^ 4>. The water thus formed will be liberated in the gas phase 
largely as neutral molecules. 

A typical ionic chain reaction can be illustrated graphically by the fol¬ 
lowing equation: 

H2 * 4 " O2 H2 * 4 “ O2 

—. > [H40d-*’ + ^-^[H20]+-^ [H40,]+ + JSr-►[H202l^--- 

Negati ve glow '-^ '-> 

Positive column 

Since the water ejected from the cluster contains a large fraction of the 
energy {E + Q), it can serve as a means of supplying energy E to another 
cluster. 

It should be mentioned that an ionic chain of this type involves no diffi¬ 
culties arising from energy considerations; it is amenable to the general 
mathematical treatment given by Semenoff (10) for chain reactions; it 
requires no triple collisions; it accounts for the fact that flame fronts are 
strongly positively charged, as has been shown in a very ingenious manner 
by Lewis (6) or as may be seen by placing a flame in an electric field; like¬ 
wise it accords with the very interesting observations of Lewis and Kreutz, 
wherein it was shown that flame temperatures are lowered by transverse 
electric fields (7), and that the ignition temperature of combustible gases is 
lowered by ionizing the gases previous to their admission to the ignition 
chamber (8). 
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On the basis of this mechanism the acceleration in rate of reaction ob¬ 
served in the positive column by oxygen, nitrogen, and argon is easily 
seen, as these gases, being much heavier than hydrogen, tend to slow down 
the rate of diffusion to the walls and hence increase the chance of the cluster 
being struck by an energy-rich molecule. The abnormally large effect of 
oxygen suggests that 02 "^ ion clusters may also serve as chain initiators pro¬ 
vided the energy E of the colliding molecule is sufficiently high. A general 
extension of this mechanism can now be made to the effect that reaction 
may occur about any ion or polar molecule capable of associating itself 
with molecules when this associate is struck by a molecule containing an 
energy £, equal to or greater than that necessary for activation of the par¬ 
ticular associate in question. Since the field of force about an ion or highly 
polarized molecule is essentially the same as that existing at conducting 
surfaces, the energy of activation {E) will have the same significance in 
both cases (2). 

The hypothesis just advanced gives for the number of molecules syn¬ 
thesized per unit of current in the negative glow m = Af/iVn* X n, w^here 
n is the number of ions formed, the number of reaction centers being 
given by ly = n. This equation also applies in the positive column when 
propagation is not present; when propagation occurs, another term must 
be added to take account of the molecules formed in the chain. The 
probability that the ion will form more molecules than that given by the 
original M/N ratio depends on the chance of the associate colliding with 
molecules containing energy equal to J? — 0 or greater. Thus the prob¬ 
ability of the ion continuing the chain is 

where k is Boltzmann's constant. The effective number of reaction cen¬ 
ters in the positive column, therefore, is given by 

w ^ n wn - 

1 — a 

If the heat of reaction is small or negative, 0 will be small compan^d to 
E; then a will be small and the wa term will contribute little or nothing to 
the reaction. This is the case in the negative glow where there is little 
chance of the new formed W’^ater molecules adding their energy to other 
associates. An increase in Q, combined with the possibility of this energy 
being returned to a new associate, results in an increase in a with a cor¬ 
responding contribution by the wa term. Thus when a = 1 the chain will 
be just self-supporting; when o > 1 not only will the chain support itself 
but new reaction centers will be formed in the process, giving rise to branch¬ 
ing chains. 

Reaction chains of the type just described may be broken in several 
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different ways. The removal of the clustering centers from the sphere of 
reaction limits the length of the chain, as may be seen in the negative glow 
and in the proximity of walls. Lowering the energy density of the gas 
through which the chain head is moving will cause its reactivity to cease; 
this is shown by the action of added gases, by the non-proportionality be¬ 
tween current and rate, and by the effect of temperature. The selective 
association of inert molecules about the reaction center may also cause the 
reactivity to cease. This is illustrated in figure 4 by the shortening of the 
chains as equilibrium is approached; the chains are broken apparently 
by the water molecules forming stable clusters with the active centers, 
thus preventing the association of hydrogen and oxygen. 

SUMMARY 

1. In contrast to a fixed ratio of = 2 in the negative glow, the 

rate in the positive column increases with both current and pressure until 
the ignition point is reached. 

2. The rate of reaction is accelerated by added gases in accordance w ith 
their ability to retard diffusion, the effect being almost the opposite to 
that in the negative glow. 

3. The rate is retarded by the presence of w^alls and accelerated by 
temperature. 

4. The results are interpreted as indicating the presence* of redaction 
chains in the positive column but not in the negative glow^ 

5. Reasons are advanced to show" that the chains must be of the cluster 
type and cannot consist of atoms or radicals. 

6. The mechanism, as w"ell as the factors influencing the clust(*r typ(‘ of 
chains, is discussed. 
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INTRODrCTION 

The solubility of ammonium thiocyanate in water at low temperatures 
has been determined by several investigators (3, 6, 9, 10). No previous 
determinations of the solubility of ammonium thiocyanate in methanol or 
in ethanol have been mad(\ These data are of some interest from the 
standpoint of a study of concentrated solutions—their ideality, non¬ 
ideality, and the like. 


MATERIALS 

The ammonium thiocyanate used was Baker's c.p. grade. The am¬ 
monium thiocyanate as received showed a melting point of 149.0®C., but 
as some solid insoluble materials were present, it w as further purified by 
tw^o recrystallizations from methanol according to Lunge (7), who states 
that th(* resulting product is non-hygroscopic. This was found to be the 
case. The melting point of the ammonium thiocyanate after the above 
treatment was 149.7°C., w^hich agrees closely with the value 149.6®C. 
recorded in the literature (5). 

It was found necessary to employ all glass or porcelain apparatus in 
every stage of the process and to avoid possible contact with iron in any 
form. Solid ammonium thiocyanate or its solution on contact with even 
an iron spatula gave a pink colored product, no doubt due to theformation 
of iron thiocyanate, Fe(SCN) 3 . By using all glass or porcelain apparatus, 
the resulting recrystallized salt was absolutely white and free from color. 
It w^as further observed that when the ammonium thioc 3 "anate w as colored 
wdth ferric thiocyanate, and the product was heated at 60®C. for a period of 
hours, the color disappeared. 

In addition to the melting point determination, the purity of the am¬ 
monium thiocyanate was checked by chemical analysis for its ammonia 
and thiocyanate content. The ammonia w^as determined by distillation 
(2) and showed an average of 22.40 per cent (three determinations) with 
a maximum deviation of 0.06 per cent. The slightly higher ammonia 
content than the theoretical may be due to the possible liberation of am- 
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monia from the thiocyanate group as mentioned by Pfeiffer (8). The 
thiocyanate content was determined by Volhard’s method (15) and showed 
an average of 76.29 per cent (three determinations) with a maximum de¬ 
viation of 0.05 per cent. 

The water, methanol, and ethanol used in the present research have been 
described previously (11). 

PROCEDURE AND APPARATUS 

The synthetic method of Alexejew (1) was employed in making the sol¬ 
ubility determinations. The procedure and apparatus used in the present 
research have been described earlier (11, 12, 14). 

Some preliminary data were obtained for the possible conversion of am¬ 
monium thiocyanate in water solutions. Samples were heated with water 
at 100®C. for two hours and then analyzed for ammonium thiocyanate. 
The ammonium thiocyanate solution w^hen analyzed Indicated practically 
100 per cent ammonium thiocyanate. This indicated that the proce¬ 
dure had not affected the ammonium thiocyanate. In the determina¬ 
tions that follow^ the solubility temperatures were considerably lower than 
100®C. and were always kept for less than tw’o hours at their respective 
solubility temperatures. This preliminary data would indicate that no 
change in the nature of the solute had taken place during the solubility 
temperature determinations. These findings are in accordance with the 
results of Waddell (16), who sbow'ed that ammonium thiocyanate is very 
slowly if at all changed at temperatures below 110®C., whether heated 
alone or in aqueous solution. 

It had been pointed out earlier (11) that precautions to insure the pres¬ 
ence of small crystals are one of the means of obtaining true equilibrium 
conditions. An apparent anomaly to this criterion w^as found in the case 
of the ammonium thiocyanate^thanol system. In this system fine crys¬ 
tals could be obtained without difficulty. However, the crystals w^ere so 
fine as to give a colloidal turbid opalescent solution with the result that, 
when the ordinary procedure for solubility determinations was followed, 
the solubility temperatures were overstepped by one or more degrees. 
To overcome this diflSculty, it was found necessary to cool the solution 
slowly so as to favor the formation of large crystals. Starting with large 
crystals and thermostating for a period of ten minutes, it w'as found that 
the true solubility temperature could be obtained. 

EXPERIMENTAL RESULTS 

The results of the various ammonium thiocyanate solubility determina¬ 
tions are presented in tables 1, 2, and 3. Concentrations have been calcu¬ 
lated and tabulated on both the mol fraction and weight per cent basis. 
The data w^ere plotted on a large scale according to the method of Hilde- 
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TABLE 1 

Solubility of ammonium thiocyanate in water 


(Recrystallized from methanol) 


NH4SCN 

SOLVENT 

NHiSCN 

NH4SCN 

SOLUBILITY 

TEMPERATURE 

grams 

grams 

u'etght per cent 

mol fraction 

degrees C. 

1 7853 j 

1 2119 

59.57 

0.2588 

13 00 

1 8507 

1 1247 

62 20 

0.2803 

18.99 

1.6550 

0 8933 

64 95 

0.3043 

26 33 

1 9970 

1.0319 

65 93 

0.3138 

28 82 

1.9798 

0.8954 

68.86 

0.3435 

36 36 

2.3633 

1.0105 

70.05 

0.3567 

39.44 

2 1629 

0 8058 

72.86 

0.3885 

46 92 


0.8557 

74 53 

0.4092 

51 37 

2 8356 

0 9465 

74.94 

0 4154 

52.50 

2,2651 

0 6909 

76.63 

0 4376 

57.23 

2 3848 

0.6519 

78 53 

0 4637 

62 46 

2 2045 

1 0 5451 

80.18 

0 4890 

67 21 

2 5536 

0 5710 

81 73 

0 5145 

71.53 


TABLE 2 


Solubility of ammonium thiocyanate in methanol 


NH 4 SCN 

SOLVENT 

NH4SC.V 

\H«SCN 

SOLUBILITY 

TEMPERATURE 

grams 1 

grams 

u eight per cent 

mol fraction 

degrees C 

0 8746 

1 4824 

37 11 

0 1989 

24 58 

1.0754 

1.6099 

40,05 

0 2194 

32 94 

1 3375 

1 6549 

44 70 

0 2538 

44 80 

0 9994 

1 0279 

49 30 

0 2904 

54 76 

1 3020 

1 0850 

54 55 

0 3356 

64 55 


TABJ.E 3 


Solubility of ammonium thiocyanate in ethanol 


NH 4 SCN 

SOLV ENT 

NH«{SCN 

NILSCN 

SOLI, BILITY 
TEMPERATURE 

grams 

grams 

weight per cent 

mol fraction 

degrees C 

0,3867 

1.6416 

19.07 

0 1247 

18 45 

0.6283 

2.2884 

21.54 

0 1421 

33 25 

0.6418 

2 2545 

22 16 

0 1469 

36 93 


1.4915 

23.46 

0 1565 

43 36 

0.6044 

1.6572 

26.72 

0.1807 

57 62 

0.5958 

1.4855 

28 63 

0.1953 

64 20 
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brand and Jenks (4), as the log N 2 vs. 1000/T. The solubilities at rounded 
temperatures were read off and are given in table 4. 

DISCUSSION OP RESULTS 

The results of the solubility determinations of ammonium thiocyanate 
in water were compared with those published by Rudorff (9, 10), Smitts 
and Kettner (13), Kettner (6), and Foote (3). This comparison is shown 
in graphic form in figure 1, where the data are plotted according to the 
method of Hildebrand and Jenks (4). It is felt that the foregoing results 
are accurate to well within d:0.10°C. of the true solubility temperature. 

As shown in figure 1, the curve of the author’s data is not a straight line 
function. If an attempt is made to extrapolate the curve to the point 

TABLE 4 

Solubility of ammonium thiocyanate in water and alcohols at rounded temperatures 


(Expressed in mol fractions of ammonium thiocyanate) 


TEMPICRATURE 

SOLUBILITY OP AMMONIUM THIOCYANATE IN 

Water 

Methanol 

Ethanol 

degrees C. 

20 

0,2831 

0.1886 

0.1264 

25 

0.2999 

0.1999 

0.1322 

30 

0.3183 

0 2119 

0 1380 

35 

0.3381 

0.2249 

0.1443 

40 

0.3583 

0.2388 

0 1512 

45 

0.3803 

0.2545 

0.1591 

50 

0.4031 

0 2719 

0 1670 

55 

0.4266 

0.2914 

0.1757 

60 

0.4512 

0.3136 

0.1859 

65 

0.4764 

0 3373 

0.1972 

70 

0 5053 

0 3631 

0.2095 


when the log N = 0, a value below the absolute melting point is obtained, 
indicating the ammonium thiocyanate does not form an ideal solution in 
water. Calculations from the vapor pressure data of Foote (3) also indi¬ 
cated that ammonium thiocyanate does not form an ideal solution in water. 

The solubility results of ammonium thiocyanate in methanol and ethanol 
are found in tables 2 and 3. These results are also presented in graphic 
form in figure 2. It is observed that in the temperature range studied, 20 
to 70°C., ammonium thiocyanate in water, methanol, and ethanol does not 
form straight line functions when plotted as in figure 2. Furthermore, it is 
seen that ammonium thiocyanate is highly soluble in water, moderately 
soluble in methanol, and least soluble in ethanol. 

When carrying out the solubility determinations of ammonium thiocy- 





Fig. 2. Solubility of Ammonium Thiocyanate in Water, in Methanol, and in 

Ethanol 
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anate in ethanol, it was observed that the tubes as prepared at first were 
perfectly clear and colorless, but on standing and on exposure to light, in 
the heating period they turned yellow, and the yellow coloration increased 
with time. This observation would indicate that some change or reaction 
between the ammonium thiocyanate and ethyl alcohol was taking place. 

SUMMARY 

1. A sample of ammonium thiocyanate was carefully purified and 
analyzed. 

2. Some thirteen deteiminations of the solubility of ammonium thio¬ 
cyanate in water by the synthetic method in the temperature inter\’^al 13 
to 72°C. have been made. The precision of measurement in these runs is 
higher than any previously published. 

3. The solubility of ammonium thiocyanate in methanol and ethanol 
has been determined by the synthetic method from 20 to 70°C. 

The author wishes to express his gratitude to Prof. A. A. Sunier for his 
interest and advice during the progress of this work, and to the Rochestei 
Gas and Electric Corporation for the use of their equipment. 
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LIESEGANG PHENOMENON IN SILICIC ACID GEL 
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Since the description of rhythmic formation of precipitates by Liesegang 
(10) in 1896, there have appeared several hundred articles (6) presenting 
numerous specific examples of this very common phenomenon, as well as 
many theories to account for the same. 

If all salts precipitated uniformly in this manner, the diffusion wave 
theory of Wo. Ostwald (12) would probably suffice as an explanation. The 
failure of many compounds to behave in this manner and the numerous 
irregularities and varieties of periodic structure obtained have led to the 
propounding of numerous other theories. The theory of Bradford (1) 
involves the adsorption of the precipitate, that of Holmes (9) emphasizes 
the part played by the diffusion of the two reactants, and that of Dhar 
and Chatterji (3) introduces the idea of coagulation and peptization of the 
precipitate, which was further amplified by Hedges and Henley (7); all 
these theories are of considerable importance. 

The studies on periodic precipitation in silicic acid gels which we have 
made emphasize the importance of a careful quantitative study of the 
phenomenon and indicate that a still more comprehensive study is desir¬ 
able. A number of anomalous formations have been found which are not 
easily explained by any of the present theories, but not enough data have 
been assembled to allow an explanation to be attempted. In the present 
investigation, ’we have confined ourselves largely to a study of the effect of 
concentration on the phenomenon, that is, indirectly to a study of the effect 
of diffusion rate. Only incidentally will reference be made to any of the 
other factors which have been shown to influence banding. The work is 
being continued in the hope that suflScient data can be accumulated so 
that a satisfactory picture of the role played by diffusion rates may be 
formulated. 


I. COPPER CHROMATE IN SILICIC ACID GEL 

Stansfield (13) has reported the results of his work on the formation of 
bands of silver chromate in gelatin. His findings showed clearly that the 
greater the ratio between the concentrations of the salt in the solution and 
that in the gel, the farther apart were the bands. Although his study was 

907 
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carefully done, it was felt that with his data available a still more detailed 
investigation in another system would be of value. The precipitation of 
copper chromate in silicic acid gel was selected, as it is a very suitable reac¬ 
tion to study. 

The silicic acid gel was prepared by mixing sodium silicate and acetic 
acid solutions. The sodium silicate solution was prepared by dilution of 
commercial sodium silicate, after settling and filtering, to a specific gravity 
of 1.060 ± 0.002. Upon titration against standard sulfuric acid, it was 
found to be 0.60 N db 0.05. Acetic acid of 1.0 M strength was used, pre¬ 
pared in situ as described below. 

Test tubes were cleaned with hot chromic acid, then alcoholic sodium 
hydroxide, rinsed with distilled water, and dried. Into each was intro¬ 
duced with a graduated pipet 0.50 ml. of glacial acetic acid. To each was 
then added the required volume of standard potassium chromate solution 
(0.50 M), The volume was then made up with water to 12.5 ml., giving a 

TABLE 1 


Conceril rat tons of (he salt in the gels and of the solutions on top of the gels 


CONrENTKATION 
or SALT IN i.KL 

rONCENTK^TlON RATIOS \S HfcN THE CONCENTRATION OF THE SOLUTION ON TOI* Oh 

THE OEL IS 

0 5 .V 

0 4 M 

03 A/ 1 

0 2 M 

0 1 M 

M 

0 01 

1:,50 

1:40 

1 ' 

1:30 

1:20 

1:10 

0 03 

1 :1() 7 

1:13 3 

1:10 

1:6.7 

1:3 3 

0.05 

1:10 

1:8 

1:6 

1:4 

1:2 

0.08 

1:6 3 

1:5 

1:3 8 

1:2 5 

1:1 2 

0 10 

1:5 

1:4 

1:3 j 

1:2 

1:1 


solution containing the desired concentration of salt and having an acid 
strength of 0.6 M (in the precipitation of all other salts, 0.75 ml. of acid was 
used, making a solution of 1.0 M strength). To each tube was then added 
12.5 ml. of sodium silicate solution from a graduated pipet. The tubes 
were then stoppered and inverted. The air bubble was allowed to traverse 
the tube twenty times. The gels were very slightly basic, and set in about 
three minutes. After firm gels had been obtained (some hours), 5 ml. of 
a standard solution of copper sulfate was placed on top of each. The 
tubes were then tightly stoppered and the reaction proceeded. 

In this and most of the following studies, a series of twenty-five tubes 
was used. Tlie concentration in the gel varied from 0.01 M to 0.10 M 
potassium chromate, while the concentrations on top were from 0.1 M to 
0.5 M copper sulfate. Hence, the values of the concentration ratio lay 
between 1 and 50. This is more clearly indicated in table 1. 

. Observations were made daily on these earlier sets of tubes, until the 
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reaction appeared to be complete. The liquid was then removed from the 
top and the cork tightly sealed in with shellac. The tubes were preser\^ed 
practically unchanged for over three years. 

A confirmatory series was later prepared by a modified technique which 
consisted of dissolving the weighed quantities of the salt in the standard 
acetic acid solution (0.5 M in this case). A series of these solutions was 
made up and 10-ml. portions placed in clean dry test tubes by means of a 
buret. To each was added 10 ml. of the standard sodium silicate solution 
and the contents thoroughly mixed as before described. These systems 
were allowed to stand, and when the gels became firm at the end of about 
twelve hours, 5 ml. of the other solution was placed on top of each gel by 
means of a pipet. The tubes were stopp)ered and allowed to stand. 

In figure 1 is shown a series prepared by this modified technique and 
photographed after about one year. In this the effect of changing the 
concentration ratio can be seen. The number of bands decreased with the 
decrease of this ratio, as did also the space between corresponding bands, 
while the width of the bands increased. Marked irregularities are to be 
noted. These take the form of spirals in most cases, but well-formed 
washer-like bands were formed with the small center precipitated at a 
point slightly farther down the tube. 

Stated in another way, as the concentration of the salt in the gel was 
increased and that on top held constant, the number and spacing of the 
bands decreased. Keeping the concentration in the gel constant, the effect 
of an increase in the concentration on top was to cause an increase in the 
number and spacing of the bands. These effects were noted throughout 
the entire series studied. Hence it becomes evident that in this case the 
concentration ratio may be varied by changing the concentration of either 
salt with exactly the same effect. 

II. MERCURIC IODIDE IN SILICIC ACID GEL 

This salt w^as prepared by diffusion of potassium iodide into gels con¬ 
taining mercuric chloride. A series of twenty-five tubes was prepared by 
the original technique. The concentrations used in the gel w ere from 0.001 
M to 0.01 Mj and those on top from 0.01 M to 0.05 M, The values used 
were one-tenth of the usual values, to prevent the formation of a large 
amount of precipitate, which tends to grow into long needles and obscure 
the banding. 

In figure 2 are showm some of these tubes after reacting two months. 
The photograph w^as made three years later. The spacing is not as regular 
as with other systems. One very distinct effect does stand out, however, 
and that is that the space between the bands decreases toward the bottom 
of the tube. This effect has been observed in few other cases. Formation 
of the soluble double salt KI Hgl 2 in the presence of excess potassium 
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iodide accounts for the absence of precipitate in the upper portion of the 
tube. Reference to figure 2 shows also that the best bands are obtained 
when the concentration ratio is highest, and that the distance over which 
banding occurs is also greatest. This effect is produced by varying the 
concentration on top. Exactly the same effect is obtained by varying the 
concentration of mercuric chloride in the gel. This is shown in figure 3. 

Dhar and Chatterji describe this salt as one belonging to their second 
class, and therefore there should be a decrease in the number and spacing 
of bands with increasing concentration. We find this to be true with 
increasing concentration in the gel, but not in the solution on top. It is 
still a question as to whether the effect of potassium iodide in redissolving 
the precipitate is suflicient to account for this. In the hope of obtaining 
more information about this system, a new series was prepared by the 
newer technique described above. Much the same results were obtained. 
The investigation is being continued. 

III. COLLOIDAL MERCURY IN SILICIC ACID 

Banding of colloidal mercury was first reported by Davis (2), who re¬ 
duced mercurous nitrate with sodium formate in agar gel at a temperature 
of 53®C. Bands were evident, though not good. Orlowski (11) studied 
the reaction of ammonium hydroxide on mercurous nitrate in gelatin gels. 
He reports colored layers, followed by remarkable spiral bands. No refer¬ 
ences have been found to any study of this element in silicic acid gels, nor 
have either of these reported studies in other gels given any results com¬ 
parable to the bands formed with common inorganic salts. The results of 
Davis, if interpreted in the light of some of the theories of banding, point 


Fig, 1. Copper Chromate Precipitates 
In these tubes the concentration of the copper sulfate solution was 0.5 M, while 
the concentration of the potassium chromate in the gel was, reading from left to 
right, 0.01, 0.02, 0.03, 0.04, 0.05,0.10 M, 

Fig. 2. Potassium Iodide-Mercuric Chloride-Silicic Acid Gel System 
The concentration of mercuric chloride in the gel was constant at 0.003 M, The 
concentration of the potassium iodide solution on top of the gel decreased, from left 
to right, from 0.05 to 0.02 M. 

Fig. 3. Potassium Iodide-Mercuric Chloride-Silicic Acid Gel System 
The concentration of the potassium iodide solution on top of the gel was constant 
at 0.04 M. The concentration of mercuric chloride, from left to right, was 0.01,0.005, 
0.003, 0.002, and 0.001 iH. 

Fig. 4. Mercury-Silicic Acid Gel System 
The concentration of the mercuric chloride in the gel was 0.1 N. Several portions 
of 0.2 N stannous chloride were used on top. 

Fig. 5. Lead Acetate-Potassium Chromate-Silicic Acid Gel System 
The concentration of lead acetate on top of the gel was, from left to right, 0.4, 
0.5, 0.4, 0.5, 0.02, and 0.02 M. The concentration of potassium chromate in the gel 
was, from left to right, 0.03, 0.04,0.04,0.03,0.10, and 0.05 M. 




Figs. 1-5 
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toward the possibility of the supersaturation of a colloidal solution for 
which other evidence is lacking. Further, if the mercury be colloidal, the 
dispersoid is a liquid; diffusion of this liquid would result in annihilation of 
any bands which were formed. 

We selected the reaction between mercuric chloride and stannous chlo¬ 
ride as the most satisfactory procedure. Gels were made as described, 
except that 3 N sulfuric acid was used in place of N acetic acid, thus fur¬ 
nishing a strongly acid medium. Thirteen days were required for setting 
the gel. Saturated mercuric chloride was added to four times its volume of 
the silicate-acid mixture and 0.2 N stannous chloride was employed on 
top. During thirty-eight days of reaction the stannous chloride was re¬ 
newed several times. 

White bands of what was evidently mercurous chloride progressed down 
the tube. These later became bands of black mercury and mercurous 
chloride alternately. Finally, bands of black mercury were all that could 
be observed. The spaces were very narrow in some parts of the tubes, 
but very distinct. 

These bands are shown in figure 4. The photograph was taken three 
years later, and the tubes are somewhat, damaged by drying. The dense 
region near the top contains fine bands which do not show in the figure. 

Reduction of mercurous nitrate with sodium formate at room tempera¬ 
ture proved unsuccessful. Stannous chloride reduced mercurous nitrate 
to mercury, but without the formation of bands. 

IV. LEAP COMPOUNDS IN SILICIC ACID GEL 
1 . Bands of lead chromate 

It is well known that lead chromate and silver dichromate had not until 
recently been made to band in silicic acid gel. Dhar and ('hatterji (4), 
upon the basis of their theories, attempted to show why these two did not 
form bands in silicic acid gel. A zone of peptizing values was found inside 
of which banding did not occur readily. The values for these two salts 
were believed to lie outside this zone, i.e., the peptizing influence of the gel 
was too strong to allow banding to occur. 

Later, Hatschek (5) showed that silver dichromate could be made to 
band in silicic acid gel. We have now^ been able to produce bands of lead 
chromate in silicic acid gel. 

Several series of tubes were prepared by the first technique. After 
several months reaction they were sealed and preserved. The bands in 
these tubes were perfectly clear and definite. They were very narrow, 
and made up of long needles w^hich tended to obscure the bands. For 
these reasons it was impossible to secure satisfactory definition in photo¬ 
graphs of them. 

Again, when the concentration in the gel was constant, the distance over 
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which banding occurred varied directly as the ratio of concentrations. 
Since in practically all tubes the amount of solution on top was in excess, 
the constant concentration in the gel should have predetermined a fixed 
and constant amount of precipitate. The spacing between the bands was 
wider as the ratio was increased, as found in the other cases reported. 

When the concentration on top was held constant (and in excess), tlie 
decrease in ratio caused a decrease in the spacing of the bands and in the 
region in which they were formed. In this case the total quantity of 
precipitate varies with the concentration in the gel, and Ls greatest in those 
tubes in which the distance in which bands were formed is least. Another 
feature noted tliroughout the whole series was that bands were closer to¬ 
gether near the bottom of the tubes. 

It was found difficult to repeat the banding by this technique. The un¬ 
certainty of obtaining bands, and their close packing and indistinctness, 
lend some support to the theory of Dhar and Chatterji that the peptization 
value for this salt in silicic acid lies near the boundary line. But our ob¬ 
servations show that the actual value is probably just within rather than 
just without tlie precipitation value. 

Later several series of tubes were prepared by the newer technique. 
The banding was more pronounced and was easy to duplicate. A number 
of these tubes are shown in figure 5. 

2. Lead iodide 

A series of tubes was made as above, with potassium iodide in the gel 
and lead acetate on top. The concentration ratios were the same as for 
lead chromate. 

The lead iodide formed large hexagons as usual, but these were arranged 
in quite definite bands. Measurement of distances was impossible but the 
banded appearance is unmistakable, as shown in figure 6. 

In those tubes in which the concentration of potassium iodide in the gel 
was less than 0.03 M tliere was no precipitation of lead iodide, although 
some white crystals appeared in the liquid or imbedded in the surface of 
the gel. When the concentration reached 0.05 .1/, some crystals appeared 
in the low'er portion of the tube, and it was not until a concentration of 0.10 
M had been reached that good crystals were formed. The same effects 
of changing concentration ratio were noted as in the other cases. 

By means of the new technique, more series were prepared, and again 
precipitates occurred in the most concentrated members. Finally, a 
third series was prepared in which the position of the reactants was re¬ 
versed. These ga\'e very much better results, forming very large beautiful 
crystals, but no evidence of bands. This is showm in figure 7. However 
in all cases the abundance and depth to which the crystals formed was 
proportional to the increase in the concentration of potassium iodide. 



Fig. (). Showing thk Handed Sthttgture of Lead Iodide 

Fig. 7. Lead Iodide in Silk ic Ai id (Iel 
1 ho (‘onooiitnition of potassium iodido oii top of tho ^<(*1 docroasod, from loft to 
ri^ht, from 0.5 to 0.05 M. Tho conoontration of load aootato was 0.02 M in all tubos. 

Fig. S. Lead Bromide in Silh h’ A(’id (Jei. 

Tho conoontration of load aootato on top of tho gol, inoroasiiiK from loft to rij^ht, 
was 0.2, 0.3, 0.4, and 0 5 A/. Tho oonocntration of potassium bromiil(‘ in tho ^ol was 
constant at 0.05 A/. 

Fig. 0. Lead Sulfate in Silkuc Actd (Jel 
Fig. 10. Lead Formate in Silk k; Agid (Iel 
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Again, since this was in excess in almost all tubes the amount of precipitate 
should depend upon the amount of lead acetate present, which was 
constant. 

We conclude from this, that although these crystals grow large and 
obscure any evidence of bands, one of the factors is still operating, namely 
that which governs the quantity and distribution of the precipitate. Ap¬ 
parently, either this factor is independent of that which produces the 
banded structure, or in this case some other factor operates to prevent the 
formation of small crystals in bands. 

S. Lead bromide 

Lead bromide has been found to band in gelatin, but in silicic acid gel 
Holmes (8) reports that under the conditions of his experiments only white 
twin crystals were formed. We have prepared a concentration series, and 
among the tubes were found a number exhibiting marked banding. This 
is shown in figure 8. The bands were, however, almost ^^opacity^' bands, 
the density of precipitate being very low\ It was thought that the potas¬ 
sium acetate formed in the reaction acted to dissolve the lead bromide. 

By means of the newer technique, other series were prepared which ex¬ 
hibited only the white twin crystals. Just as in the case of lead iodide, the 
depth to which the precipitate forms varies directly with the concentration 
of the solution on top, whereas the quantity should be determined by the 
much smaller amount of the salt contained in the gel. 

4. Lead sulfate 

There seems to be no definite information about the precipitation of this 
salt in silicic acid. We found that a tube containing 0.1 M lead acetate in 
contact with 0.2 M ammonium sulfate solution showed excellent bands 
after two months. One of these tubes photographed three years after it 
was prepared is shown in figure 9. 

Following this a number of concentration series were prepared by the 
usual method, using potassium sulfate in the gel reacting against lead ace¬ 
tate. There was a marked tendency to band, but the crystals were large 
and scattered, and the banding was a rhythmic concentration of crystals. 
The quantity and distribution of the precipitate varied exactly as did that 
of lead iodide and bromide. Recent experiments show that the use of 
ammonium sulfate produces much better banding than potassium sulfate. 

5. Lead formate 

Concentrated formic acid was allowed to diffuse into a gel 0.1 M with 
respect to lead acetate. Nothing at all appeared for several days. Then 
suddenly, areas of precipitation appeared throughout the tubes, particu¬ 
larly near the bottom. These grew out into long branching masses in a 
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few hours. During the course of a week these crystals continued to grow, 
becoming thick and club-like. The reaction was repeated a number of 
times with similar results. Two of these tubes are shown in figure 10. 

This sudden appearance of the precipitate in all parts of the tube at once 
makes the system of particular interest. Diffusion throughout the whole 
tube must have taken place with the formation of a supersaturated solu¬ 
tion, which suddenly precipitates. Since no evidence of bands can be 
noted, it appears that this is strong evidence against the precipitation of a 
supersaturated solution yielding a rhythmic structure, as Ostwald contends. 

V. BISMUTH COMPOUNDS IN SILICIC ACID GEL 

The citrate, oxalate, iodide, and basic dichromate were prepared in 
silicic acid gel. No evidence of bands was observed in the case of the first 
two. Strong citric acid diffusing into a gel N/2b with respect to bismuth 
nitrate gave after several days bunches of crystals resembling cotton and 
distributed throughout the tube. Supersaturation was again indicated. 
Saturated oxalic acid diffusing into a gel prepared in the same way gave 
only tree-like formations of flat, silky crystals. 

The basic bismuth dichromate was prepared in a gel formed from two 
parts of the silicate solution to one of N acetic acid. A small crystal of 
potassium dichromate was added. The gel vset in tw'o minutes and N/b 
bismuth nitrate was placed on top immediately. 

A bright yellow coloration progressed down the tube. Following this, 
bands of a yellow precipitate formed. They were perfectly plane, well- 
formed, and very thin. There Mrere many liolcs in them. In all tubes, 
five rings formed in a space of about 3 cm. 

Potassium iodide diffusing into a gel containing bismuth nitrate produced 
a heavy reddish brown precipitate. Reversing the reagents gave a yellow 
ring of color which progressed down the tube. It was followed by a hea\’y 
brown precipitate, and finally by well-formed black cryvstals which ap¬ 
peared to be iodine. A concentration .series w-as attempted, and in every 
case these black crystals formed, and in many cases grew^ to be long feath¬ 
ery trees. A great deal of gas w'as liberated also. 

VI. SUMMARY AND CONCLUSIONS 

A .study of the most favorable ranges of concentration for the formation 
of banded precipitates of copper chromate, mercuric iodide, mercury, 
lead chromate, lead iodide, lead sulfate, and basic bismuth dichromate in 
silicic acid gel has been made. No bands were, however, obtained of lead 
bromide, lead formate, bismuth oxalate, bismuth citrate, and bismuth 
iodide. 

The pairs of salts were so arranged that in one series one of the pair of 
reacting salts w'as in the gel, and in another series the other salt w'as in the 
gel. In many cases the results w^ere markedly different. 
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In all of the salts which were prepared in a concentration series, it was 
found that if the concentration in the gel tvas kept constant and that of 
the solution varied, the depth to which the precipitate formed and tlie 
number of bands formed was in proportion to the increase in concentration 
of the salt in the solution. It was also found that if the concentration in 
the solution on top was kept constant and that in the gel varied, the depth 
to which the precipitate formed and the number of bands decreased with 
the increase in concentration of the salt in the gel. 

In general, the width of the bands and the spacing between them in¬ 
creased as the bottom of the tube was approached. We have found two 
marked exceptions to this, namely, mercuric iodide and lead chromate. 
Both of these gave numerous bands composed of fine crystals, in which the 
width of the spaces between the bands decreased toward tlie bottom of the 
tube. 

It has been found that in tliose systems in which the concentration ratio 
was greatest, the banding w as best and extended farthest into the tube. In 
those systems of lower concentration ratios there was rarely any banding. 

In addition to this, it was found that in those systems in which banding 
did not occur, the depth to which precipitates were formed was likewise 
proportional to the magnitude of the concentration ratio. Therefore it 
appears that the rate of diffusion, which is approximately proportional to 
this ratio, is the controlling factor in the distribution of the precipitate. 

In the case of lead chloride, lead bromide, and mercuric iodide the ad¬ 
ditional factor of re-solution of the precipitate by one of the soluble salts 
seems to be important. The idea that banding is a result of precipitation 
of a supersaturated solution does not seem to be confinned by our results 
on lead formate. The quantitative studies of the concentration relations 
now' in progress in this Laboratory will add some valuable data and w e liope 
will help in the solution of some of these problems. 

The interesting phenomenon of the banding of liquid metallic mercury 
has been recorded. 
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Most of thr* recent work on the chemistry of the pectin molecule fails to 
consider that pectins may vary depending upon their source. Even among 
thosf' who have considered the pectins on the basis of their physicochemical 
properties, there appears to b(‘ a school of thought which favors the view 
that pectins of whatsoever source are the same and that such differences 
as are observed are to b(‘ considered as due merely to impurities present 
(6), It has, however, long be(m n^cognized commercially that citrus and 
apple pectins, irrespective of grade, form jellies of definitely different types, 
although this difference has not generally been recognized in scientific 
pectin literature. 


APPLE AND CITRUS PECTINS 

In two earlier papers (7, 11) of the present series the interrelationship of 
sugar, acid, and pectin was considered for citrus pectin and for apple pec¬ 
tin, respectively. 

Whatever the grade of pectin used, the type of jelly obtained remains 
typical of either citrus or apple. The former jellies are comparatively 
friable, with little elasticity, while the latter jelly is highly elastic. It is a 
common observation that apple pectin jellies require—in fact, tolerate— 
much less acid than citrus pectin jellies similarly prepared. It has also 
been observed in this laboratory that pc^ctins from other sources, such as 
cranberry and turnip, differ markedly in their characteristics from either 
of the above. 


THE ^^OPTIMUM ACIDITY^’ CONCEPT 

A number of explanations of ‘^optimum acidity^^ as related to pectin 
jellies have been offered by various investigators since Goldthwaite (3) 
in 1909 first called attention to the importance of acid. Lai Singh (9) 
demonstrated that the necessary acid may be reduced by increasing the 
9 Ugar concentration. However, Tarr (12) and Baker (1) for the first 
time placed the matter on a definite quantitative basis not only by measur¬ 
ing the acidity in terms of pH but by devising a means for expressing jelly 
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strength accurately. These authors repeatedly suggested that the opti¬ 
mum acidity indicated a stoichiometric relationship between pectin and 
acid. Spencer (10) in 1929 insisted that Tarr and Baker's optimum was 
related to the hot method only. She presented data to show that with a 
cold method, that is, the mixing at room temperature of a sugar syrup, 
acid, and pectin solutions, there is observed a minimum acid requirement, 
but no maximum acid limit. She suggested that the turning point in 
the jelly strength curve, called ‘^optimum acidity” by Tarr et al., “might 
simply mean that at this hydrogen-ion concentration the decomposition 
of pectin begins to predominate over the increased strength due to in¬ 
creased acidity.” The present writer has elsewhere suggested that data 
obtained for citrus pectin do not conform to these interpretations (7), and 
Cole, Cox, and Joseph (2) have indicated that jelly failures past the opti¬ 
mum acidity may be caused by the increased rate of setting. It appears 
to the present author that a few simple concepts from colloid chemistry 
may suffice to explain quite satisfactorily the observed phenomenon. 

Kruyt (4, 5) has outlined a concept of the stability factors operating in a 
system containing the emulsoid agar-agar. His views may readily be 
translated into terms of pectin, sugar, and acid. Granted that pectin is a 
negatively charged hydrophilic colloid we may assume the following: 

(1) The sugar functions as the dehydrating agent. 

(2) The hydrogen-ion concentration functions by reducing the n(‘ga- 

tive charge on the pectin, thereby permitting the pf‘ctin t.o pre¬ 
cipitate and coalesce in the form of a network of insoluble 
fibers, providing the concentration of the sugar is sufficiently 
great. 

(3) The dehydration of the pectin particle by sugai is not instantanc^- 

ous but requires time to come to an equilibrium. 

(4) The rate of dehydration and precipitation increases directly as 

the hydrogen-ion concentration. 

(5) The maximum jelly strength is reached when the system reaches 

equilibrium, and depends upon the position of that equilibrium. 

(6) Any component added to a pectin jelly system, including salts, 

which causes a change in the ultimate jelly strength of that 
system may function either (a) by changing the rate of gela¬ 
tion, or (b) by affecting the position of the ultimate equilib¬ 
rium of the system, or (c) by a combination of these two effects. 

In any given jelly mixture the rate of precipitation and orientation of 
fibers or micellae will go on at a rate varying directly with both sugar con¬ 
centration and hydrogen-ion concentration and each pectin~aoid-«ugar 
combination will have a time limit, inherent in the procedure, at which 
the jelly structure is so well formed that any mechanical disturbance 
will reduce the ultimate perfection and therefore the strength of that struc- 
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ture. It is to be assumed that temperature will be an additional factor in 
those relationships. On this basis for a given time-temperature-pectin-' 
sugar combination, that is, for any given empirical jelly-making procedure, 
there must be a maximum hydrogen-ion concentration which results in a 
rate of gelation that barely permits the completion of the procedure within 
the time limit of the system. This would be the optimum acidity for 
that particular combination. 

From this viewpoint the changes observed with varying sugar concentra¬ 
tions become logical. The disappearance of an optimum at the lower sugar 
concentrations simply means that the rate of pectin precipitation has be¬ 
come sufficiently slow at all acid concentrations so that the time factor 
does not enter. Likewise the absence of an optimum in Spencer^s jellies 
does not distinguish a cold method from a hot method, but simply indicates 
that she operated within the time limit of the system. In other words, 
the ‘^optimum pH^^ may be considered purely manipulative in character 
and is that hydrogen-ion concentration in any given procedure at which 
premature gelation becomes a measurable factor in the jelly strength of 
the finished jelly. 

On the above basis w(‘ may postulate that: (1) Other types of pectin 
will show a behavior similar to that of citrus pectin, although not neces¬ 
sarily at th(' saiiK' proportions of sugar and acid. Using the same short- 
boil (Mnpirieal method as previously used there should be for each pectin 
some sugar level at which the rate of jelly formation becomes sufficiently 
slow so that the so-called optimum disappears. (2) The optimum pH 
may be made to pass through these saiiu' stages by merely changing the 
time relationship of the process. 

APPLE PECTIN 

The above postulates were considered in our observations on apple pec¬ 
tins. The experimental procedure was identical with that previously de¬ 
scribed (7). In order to obtain a greater variation in acidity, phosphoric 
acid was used instead of tartaric acid. The acid was added in the form of a 
25 per cent solution, allowance being made for the amount of water thus 
added. The pH of the finished jelly was determined by the quinhydrone 
method (11). The apple pectin used, llOF, is an alcohol-precipitate from 
Certo. Details of procedure and the results obtained appear in table 1 
and figure 1. It may be noted that although the characteristics of this 
pectin are definitely different from those previously shown for citrus pec¬ 
tin, nevertheless a sugar concentration can be found in each case at which 
the rate of gelation is such that no definite optimum is show n. For 119F 
this is at 50 per cent sugar. The 60, 55, and 50 per cent curves for 119F 
resemble respectively the 70, 65, and 60 per cent curves previously showm 
for citrus pectin. This is in agreement with postulate 1. 
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TABLE 1 

Effect of sugar concentration on ^^optimum acidity” and jelly strength of apple pectin 
jellies (tl9F alcohol-precipitated pectin) 

All series of jellies identical except for sugar concentration. 2.5 g. of pectin 119F 
and the indicated amount of acid was used. Final net weight of jelly 566 g. Total 
heating time, about 4i minutes. See also figure 1. 


25 PBR CENT 


SUGAR CONCENTRATIONS 


PHOSPHORIC 
ACID PER BATCH 

50 per cent 

55 per cent 

60 per cent 

70 per cent 

OK JJiiLJLiY 

J.S.* 

pH 

JS. 

pH 

J.8. 

pH 

J.8 

pH 

CC 









0.15 

— 

— 

— 

— 

0 

3.34 

50 

3.62 

0.25 







f65 

3.40 







166 

3.35 

0.30 

— 

— 


_ 

11.5 

3.21 

60 

3.27 

0.35 

— 

— 


— 

__ 


62 

3.24 

0.40 

— 


— 1 

— 

40 

3.06 

55t 

3.09 

0.50 

— 

— 

11 

2.87 

63 

2.92 

132) 

2.93 

0.55 

— 

i 

— 

— 

61 

2.81 

— 

— 

0.60 

5 ! 

2.67 


— 

57 

2.74 

— 

— 

0.70 

— 

— 

43 

2.61 



— 

— 

0.80 



(47 

2.53 

39 

2.46 

— 

— 



151 

2.50 





0.90 

18 5 

2.41 

61 

2.42 


— 

— 

— 

1.00 



42 

2.39 

39.5 

2.34 

— 

— 

1.20 

21.5 

2.22 

— 


— 

— 

— 

— 

1.40 

— 

— 

m 

2.26 

29 

2.16 

— 


1.50 

31 

2.12 




— 

— 

— 

1.60 



27 

2 10 

21 

2.02 



1.80 

— 

— 

25 5 

1.98 

__ 

— 



2.00 

26 

1.98 

21.5 

1 94 

[12] 

1 92 


— 

2.50 

26 

1.83 

__ 

— 

— 

— 

— 

— 

3.00 

31 

1.79 

24.7 

1 73 

— 


— 

— 

3.50 

27 

1.72 

— 

— 

— 

— 

— 

— 

4.00 

27.5 

1 66 

— 


[11] 

1.62 

— 

— 

5.00 

27 

1 59 

32 

1 61 

— 

— 

— 

— 

10.00 

33 

1 37 

36 5 

1.37 

[9] 

i 1.20 

— 

— 

35 00 

, 

31 

1.05 

*31 § 

0.86 

[9]1[ 

0.98 

— 

— 


* Jelly strength. 

10.42 cc. of acid. 

11.3 cc. of acid. 

§ 40 cc. of acid. 

If 30 cc. of acid. 

Figures in brackets indicate *‘curdled’* jellies. 


It becomes apparent from a study of these curves that for most practical 
purposes jellies containing 60 to 65 per cent sugar should be preferable. In 
all cases the further lowering of sugar concentration carries the penalty of 
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lower jelly strength and greater acid requirement. This lowering of jelly 
strength may be assumed to be due to incomplete dehydration and there¬ 
fore either incomplete precipitation or a more flexible network of pectin. 

THE TIME FACTOR CONCEPT 

The second postulate made above was first tested by preparing jellies in 
the manner suggested by Spencer, except that the temperature of the jelly 
mixture was 55°C. instead of room temperature. This allows a greater 
time factor without involving any measurable hydrolysis of the pectin. 
The jellies made were 60 per cent. The pectin used was the 119F used in 
previous obser\"ations and the amount used identical with the prior series. 



Fig. 1. Effect of Sugar Concentration on Optimum pH and Jelly Strength of 

Apple Pectin Jellies 

Phosphoric acid used 

The 2.5 g. of pectin and 30 g. of sugar were dissolved in just enough water 
to make a total of 140 g. and brought to 36®C. The sugar, the minimum 
amount of acid used, and the remaining water were boiled together, cooled 
to 65°C., and adjusted to correct weight with distilled water. The addi¬ 
tional acid vras then added and the pectin solution rapidly stirred in while 
the beaker remained immersed in a water bath at 55®C. The temperature 
of the jelly mixture was in each case 56°C. Allow^ance was made in all- 
weights for the amount of pectin solution remaining in the original beaker. 

Three series of jellies were made, varying the acid within the same limits 
used in previous series. For series A the total mixing time from the 
moment the pectin solution was poured into the warm syrup until the mix- 
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ture was poured into the glasses was exactly 8 seconds; for series B the 
time was 50 seconds; for series C the time was 90 seconds. The results in 
every way conformed to the postulate made. The magnitude of the jelly 
strength for the 8-second series was quite remarkable, indicating that under 
the conditions of the usual hot method even at the optimum point only a 
fraction of the true jelly strength is obtained. The results are listed in 
table 4 and are shown graphically in figure 2 along with the corresponding 
60 per cent curve from table 2. There is also shown a curve obtained in a 
manner identical with the latter except that an additional 80 cc. of dis¬ 
tilled water was added to each batch of jelly, thereby changing the heating 

TABLE 2 

The relation of the time factor to optimum acidity 
The time indicated is the interval between the pouring of the pectin solution into 
the sugar syrup and the pouring of the mixture into the glasses. Jellies contain 60 
per cent sugar, 2.5 g. apple pectin 119F, phosphoric acid as indicated. Temperature 
of pectin solution, 36°C.; of sugar solution, 65°C.; of final mixture, 55®C. 


1 

25 PER CENT 
PHOSPHORIC 

SERIES U 

90 SECONDS 

SERIES C 

50 SECONDS 

SERIES D 

8 SECONDS 

ACID 

JS. 

pH 

JS i 

pH 

J s 

pH 

CC. 

0,26 



0 

3.27 



0.36 

33 

3.10 

— 


36 5 

3 13 

0.56 

69 

2.80 

— 

— 

67 

2 88 

0.86 

— 

— 

80 

2.50 



0.96 

41 

2.39 

— 


115 

2 40 

1.06 

— 

_ 

75 

2 37 

— 


1.26 

— 

_ 

61.5 

2.24 

— 

— 

1.56 

19 

2.13 

— 

— 

120 

2.13 

1.96 

14.5 

2 03 

28 5 

2.00 

145 (?) 

2.01 

3.96 

— 

— 

__ 

— 

135 

1.76 


time from 4f to 10 minutes. The final net weight was the same in all 
cases. 

One may consider the data shown in figure 2 as those of five investiga¬ 
tors using methods Ai, A 2 , B, C, and D in their individual studies of the 
same pectin 119F. It is apparent that Ai and A 2 would conclude that this 
particular pectin had an optimum pH of either 2.96 or 2.90. B would 
place the optimum for the same pectin near pH 2.8, and C about pH 2.6, 
^while D would conclude that the maximum jelly strength is not reached 
without sufficient acid to give a pH of 2.0 or less, and that apparently we 
cannot have too much acid. 

It still remains true, however, that with any given procedure the acid 
relationship of each type of pectin is a definite characteristic which must 
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be carefully considered in order to obtain best results. Evidently the 
factor which is most involved is the rate of gelation of the pectin as affected 
by the acid. The largest or ^‘optimum’' amount of acid to be used will be 
that point at which an additional increase of acid will increase the rate of 
setting to a point where loss in jelly strength due to a disturbance of the 
jelly in the stirring or pouring exactly balances the strengthening effect of 
that same increment of acid. Such observations emphasize the necessity 
for close adherence to a given empirical method of jelly making in any 
systematic study of the factors involved. 



Fjg. 2. Effect of Method of Making Jelly upon “Optimum Acidity’' 
60 per cent suRar; apple pectin 119F; phosphoric acid 


THE TEMPERATURE FACTOR 

The abnormally high jelly strengths obtained at 55°C. cannot be ex¬ 
plained on the basis of the time concept. Apparently the usual high tem¬ 
perature of jelly making either destroys a large proportion of the pectin 
value, or the character of the gel structure obtained at the lower tempera¬ 
ture differs from that formed from a hot mixture. 

For a number of years it has been a common commercial procedure to 
place the acid solution in the container into which the non-acidified pectin- 
sugar-water mixtuie is subsequently poured. This practice was shown by 
Stuewer, Beach, and Olsen (11) to eliminate the so-called optimum peak 
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when the jellies were poured at 96®C. The mixing by pouring is almost 
instantaneous, but the jelly strengths did not differ greatly from those 
observed at optimum using the regular method. On the basis of the time 
factor curv^'es shown in figure 2, it did, however, seem reasonable to expect 
that this method, which pennits of maintaining mixing time at a minimum, 
should show a rise in jelly strength as the temperature of pouring is lowered 
from 100°C. to room temperature. Accordingly several double batches 
of non-acidified pectin jelly mixtures were prepared by the usual hot 
method. After quickly cooling the mixtures to a desired temperature, with 
proper adjustment for loss in evaporation, the syrup was poured into a 

TABLE 3 


Effect on jelly strength of preparing jelly mixtvre without acid, cooling to different 
temperatures^ and pouring into glasses containing varying amounts of acid 
60 per cent sugar; 2.5 g. of 119F pectin in 555 g. of jelly; acid as indicated 
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JKLLY HTRKNOTH AND pH VALUES OV JELLIES POURER 
FOLLOWING TEMPERATURES 
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PRO- 

d 
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Sg 

os 

100*C. 

90“C 

80*C 

70*0 

60“C. 

50“C. 

40“C 

CSDURE 

1 

sg 

© 

ca 

% 

J.s. 

pH 
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pH 

JS 

pH 

J.S 

pH 

- 

J.S 

pH 

JS 

pH 

J.S. 

pH , 
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pH 
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1 

0 

2.0 

0 

3.66 


— 

— 


— 


— 

— 


— 

— 

— 



2 

0.20 

1.80 

13 

3.11 

19 

3.09 

14 

3.12 

14 

3.13 

13.5 

3.21 


— 





3 

0.30 

1.70 

38 

2.94 

37 

2.85 

40 

2.84 

45 

2.89 

35 

3.00 

— 

-- 

— 

— 

34.5 

2.83 

4 

0.40 

1.60 

39 

2.74 

36 

2.70 

32? 

2.68 

42 

2 62 

47 

2.68 

64 

2.73 

69 

2.85 

37-f 

2.68 

5 

0.60 

1.40 

42 

2.38 

45.5 

2 35 

43 

12.48 

40 

2.40 

45 

2.42 

86 

2 33 

85 

2.58 

31.5 

2.52 

6 

0.80 

1.20 

38 

2.23 

47 

2.23 

45 

2.23 

46 

2.25 

59 

2.19 

80 

2.31 

92 

2.35 

|25 

2.31 

7 

1.0 

1.0 

38 

2.14 

|57 

2.11 

48.5 

2.11 

55 

2.15 

64.5 

2.15 

76 

2.19 

100 

2.18 



8 

2.0 

0 

35 

1.85 

48 

1.86 

49 

1.89 

62 

1.85 

65 

1 89 

97 

1.88 

93 

1.88 



8a 

2.0 

0 

40 


49 

— 

52 

— 

1 

—- 

— 

— 

86* 

_ 

— 

— 



8b 

2,0 

0 

40 

— 

— 

— 

— 

— 

1 

— 

— 

— 

— 

— 

— 

— 
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series of eight glasses containing varying amounts of 10 per cent phosphoric 
acid solution plus water to make 2 cc. Rapid pouring results in efficient 
mixing of acid, no stirring being necessary; in fact at the lower tempera¬ 
tures the ^^set^' was so rapid that stirring was not desirable. 

The results are given in table 3 and figure 3. The figures obtained are 
rather irregular. It should be noted, however, that each point plotted on 
the graph represents only one measurement on one glass of jelly, while 
usually such points represent the average of four jellies. Considerable 
'^’'ariatiori was therefore to be expected. Nevertheless, the trend of these 
results is quite apparent, and it can be stated that repeated tests with other 
samples of apple pectin invariably showed similar differences in jelly 
strength between jellies poured at varying temperatures. 
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It remained to determine whether the low jelly strengths obtained at 
lOO^C., as compared with the high values obtained at 50®C., were due to 
acid destruction of the pectin at the higher temperature or to a tendency of 
the pectin to set differently from a hot solution than from a cool solution. 
In this connection it should be borne in mind that the very rapid setting 
at 50®C., compared with the somewhat slow set of jellies poured at 100*^0., 
is unfavorable to uniform mixing of the acid and jelly mixture at the lower 



Fig. 3. Effect of Temperature and Method of Preparing Jellies upon 
So-called Optimum pH and Maximum Jelly Strength 
OF Apple Pectin 33F 

temperature. One might, therefore, logically expect a less perfect jelly at 
the lower temperature. 

This question was answered by recovering the pectin from duplicate 
batches poured (a) at 100®C. and (b) at 50®C. and remaking the recovered 
pectin into jellies, both of which were poured at 50^0. This procedure was 
repeated. In each case the pectin from the low-strength jelly when re¬ 
made into the same amount of jelly at 50®C. gave a jelly strength practi¬ 
cally equivalent to that obtained with pectin recovered from the high- 
strength jelly. This is conclusive proof that the lower strength of the 
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jellies prepared by pouring at 100®C. is not due to hydrolysis of the pectin 
by the acid. Evidently the rapid set at the lower temperatures results in 
a different and stronger gel structure. This is contrary to experience with 
gelatin, where it was found that slow setting at a higher temperature re¬ 
sulted in better jelly fonnation than quick setting at low temperatures (8). 

It was thought of interest to determine whether in the course of time 
jellies identically prepared, except for the temperature of pouring, would 
tend to approach the same equilibrium in jelly strength. Results indicate 
the contrary. Observations over a period of four weeks show the high- 
strength low-temperature jellies to increase in strength at a more rapid 

TABLE 4 


The effect of temperature of contact with acid upon jelly strength and upon pectin grade 


NO 

TEMPERATURE OF 
POURING 

JELLY STRENGTH* 

JBLL\ STRENGTH WITH 
RETLAIMED PECTIN 

(poured at 50®C )• 


•r 



1 

100 

53 

90 

2 

50 

118 

98 

3 

100 

55 

112 

4 

50 

132 

1 

135 


NO, 

TEMPERA* 

TURB 

OF POURING 


JELLY STRENGTHt 

4 week*! 

Ist day 

3rd day 

8th day 

2 eoks 





■ 



5 

100 

35 

39 

43 

42 

43 

0 

50 

87 

116 

115 

1.31 1 

122 


* Each figure the average of four determinations, 
t Each figure the average of two determinations. 


rate than the low-strength jellies poured at lOO^C. These results are 
tabulated in table 4. The details of the experiments wore as follows: 

Five grams of pectin, 800 g. of sugar, and 545 cc. of water were brought 
to a boil in the usual manner and cooked to a net weight of 1313 g. From 
this batch four glasses, each containing 2 cc. of 10 per cent phosphoric 
acid, were filled at lOO^C. (total, 555 g. of jelly). The remaining syrup 
was cooled rapidly to 50®C., adjusted for loss by evaporation, and four 
glasses, each containing 2 cc. of 10 per cent phosphoric acid, were filled at 
that temperature. The extra syrup was discarded. After standing over¬ 
night the jelly strength was determined and identical amounts of each 
batch (as nearly 555 g. as possible) were cut into small pieces and steeped 
in 60 per cent alcohol. The alcohol was changed three times in the course 
of that many days. Finally the pectin jelly was drained on a cloth, 
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washed with strong alcohol, squeezed dry, and at once dissolved in suffi¬ 
cient water for the preparation of a standard batch (555 g.) of jelly. These 
jellies were both poured at 50°C. The entire procedure was subsequently 
repeated. 

The results throw an interesting light upon the pectin gel formation. 
Apparently the structure of the jelly is fundamentally different when slowly 
set from the hot solution than when rapidly set from the cool syrup. If we 
assume that pectin exists in two states of hydration, that is, if the amount 
of water bound by the pectin fibrils differs depending upon the tempc'rature 
at which the pectin is precipitated, then a ready explanation is at hand. 

Summing up the entire thesis one may say that in the ideal pectin jelly 
system each increment of acid functions in two ways, although these funda¬ 
mentally may be counterparts of the same function: first, the rate of gela¬ 
tion is increased towards a maximum; second, the strength of the ultimate 
gel structure is increased towards a maximum. When in any system the 
time factor does not interfere with the maximum rate there will be no opti¬ 
mum acidity (curve D). If, however, at some point the rate of gelation 
crosses the time boundary of the system, that point will be the optimum for 
that system because further increases in rate of gelation will be increasingly 
interfered with until the maximum rate of gelation is reached, at which 
point further increments of acid will not cause any further change. The 
latter accounts for the flat portion of the curves in figure 1 of the present 
paper and in figure 1 of Pectin Studies I (7). It is apparent that anything 
that may change the rate of gelation will change the position of the opti¬ 
mum in any given system. 


SUMMARY 

A colloid theory to explain the process of pectin jelly formation is formu¬ 
lated. It is shown that it assists in explaining and to some extent antici¬ 
pating the behavior of different types of pectin. 

On the basis of this theory it is postulated that the so-called ‘^optimum 
hydrogen-ion concentiation^' of jelly making may be varied by changes in 
time, the same as it is through changes in sugar concentration. Experi¬ 
mental data supporting this thesis are presented. 

The effect of any substance added to a pectin jelly system which regis¬ 
ters as a change in jelly strength of that system may be due to (a) an effect 
on the rate of gelation, or (b) an effect on the ultimate jelly structure, or 
(c) a combination of these two. 

It is shown that apple pectin jellies rapidly prepared at 55°C. have ab¬ 
normally high jelly strength as compared with jellies prepared by the 
short-boil method, indicating that only a fraction of the true jelly strength 
is obtained by the usual methods of preparing jellies. 

Data presented show that the original amount of pectin is recoverable 



930 


AKSEL G. OLSEN 


unchanged from jellies prepared either at 50“C. or at 100°C. This proves 
that the difference in jelly strength is due not to pectin destruction at the 
higher temperatures but to structural differences in the pectin network 
forming the jelly. It is suggested that the amount of water bound by the 
precipitated pectin may differ depending upon the temperature at which 
the precipitation occurs. 

Acknowledgment is due W. VanCamp and J. S. Kemp for assistance in 
the preparation of the jellies and in the determination of pH and jelly 
strengths. 
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THE COMPRESSIBILITY COEFFICIENTS OF SOLUTIONS OF 
EIGHT ALKALI HALIDES 
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Although the compressibility coefficients of aqueous solutions have been 
determined by several investigators,^ there exist at present no comparable 
measurements of this property for a series of solutions of related substances. 
As a preliminary step to fill this need, the compressibility coefficients of a 
number of solutions for each of eight alkali halides have been determined 
at 35°C, over the pressure range 100 to 300 metric atmospheres (megabars). 
The solutions measured were prepared from purified materials; their com¬ 
position and density were also measured with considerable precision. 

PURIFICATION OF MATERIALS 

The general reagents used in the purification of the salts may be de¬ 
scribed briefly. Water was doubly distilled, once from alkaline perman¬ 
ganate and then once from dilute sulfuric acid with the use of tin 
condensers. Constant boiling hydrochloric acid and hydrobromic acid 
were obtained by distillation through a quartz condenser. 

The starting material for the preparation of lithium chloride and bromide 
was lithium carbonate of c.p. grade. The carbonate was first washed 
repeatedly with water until there was no test for halogen, and was then 
converted to the chloride or bromide by solution in the halogen acid. In 
order to precipitate any basic impurities a slight excess of carbonate was 
left at the end of the solution. After boiling the solution the residual 
carbonate was filtered off. The solution containing the halogen salt was 
then evaporated until a crop of crystals formed on cooling the solution in 
ice. These crystals were collected and were drained , with the aid of a 
centrifuge. This crystallization operation was repeated until about two- 
thirds of the salt in solution was obtained in the form of crystals. 

The sample of sodium chloride used was some left over from an atomic 
weight determination and was of a very high degree of purity. Pure 
sodium bromide was obtained by a single crystallization of the c.p. salt 

' Literature references to work before 1923 are given in the International Critical 
Tables, Vol. Ill, p. 439. Measurements reported since 1923 are given in references 
1 , 2, and 6. 
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from water with centrifugal drainage. Sodium iodide which had been 
synthesized from pure sodium oxalate and iodine was available from a 
previous research. 

Potassium chloride was precipitated once from aqueous solution by 
conducting hydrogen chloride gas to the surface of the solution. Centrif¬ 
ugal drainage was used to separate the salt from the mother liquor. The 
potassium bromide and potassium iodide were purified in exactly the same 
manner as sodium bromide. 

PREPARATION OF SOLUTIONS AND THEIR DENSITY DETERMINATIONS 

One stock solution of lithium chloride and two of lithium bromide were 
prepared by dissolving the salts in an almost minimum amount of water. 


TABLE 1 

Analysis of lithium halide solutions 
(All weights reduced to vacuum standard) 


SOLl’TlON 

WEIGHT or 
HAMPLE 

WEIGHT or 

AgX 

WEIGHT PER TENT OF 
LiX IN SOLUTION 

LiCl.1 

grama 

3 10328 

3 16457 

grama 

4 41553 

4 50251 

42 086 

42 084 

Av. = 42 085 

LiBr (solution I).| 

3 36461 

3 76652 

4 39467 

4 91968 

60.410 

60.409 

Av. = 60.410 

LiBr (solution II). | 

3 93692 

3 92118 

4 66161 

4 64256 

54.764 

54.759 

Av. « 54 761 


The halogen content of these solutions was found by precipitation with 
silver nitrate and weighing as the silver halide. The results of these 
analyses, which were carried out with great care, are given in table 1. 
The other solutions of these salts were prepared by dilution of weighed 
portions of these stock solutions. 

The solutions of the sodium and potassium salts were prepared by dis¬ 
solving a weighed amount of the salt in water and then determining the 
weight of the resulting solution. This procedure was adopted because, 
according to Baxter and Wallace (3), the sodium and potassium salts can 
be thoroughly dried without danger of decomposition. The two chlorides 
were fused in platinum vessels previous to weighing. The bromides and 
iodides, however, were heated in platinum only to 250®C. After two hours 
of heating these salts were powdered by gentle grinding in an agate mortar 
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and the heating continued for another two-hour period. After a second 
grinding the salts were subjected to a final heating of at least three hours 
prior to weighing. It may be noted here that a few of the dilute solutions 
of these salts were prepared by dilution of weighed samples of the more 
concentrated solutions. These cases will be indicated in the table of results 
(table 3). Immediately after their preparation all the solutions were 
transferred to Pyrex glass-stoppered bottles. To prevent loss by evapora¬ 
tion during storage, each bottle was covered with a bottle cap held by a 
rubber collar which fitted tightly around the neck of the bottle. 

The density flasks were ordinary 100-cc. graduated flasks, the necks of 
which had been constricted to about 3 mm. at the point of graduation to 
secure greater accuracy in setting the meniscus. The volumes of these 
flasks at 35°C. were found by dividing the vacuum weight of their water 
content by the density of water at that temperature (0.99406). To deter¬ 
mine the density of a salt solution, the weight in vacuo of that amount of 
solution which filled a flask to the graduation was found and divided by the 
volume of the flask. 

The following observations will complete the foregoing description of 
the preparation of the solutions and their density determinations. All 
weighings were made with calibrated weights on the same balance. When¬ 
ever flasks were involved, suitable counterpoises were employed. Precau¬ 
tions were always taken to insure that the surfaces of the flask and counter¬ 
poise were subjected to the same treatment. All weighings were reduced 
to vacuum standard by the usual formula. The thermostat employed in 
the density measurements was the same one used in the compressibility 
experiments and will be described in more detail later. To bring the 
density flask and its contents to the desired temperature the flask was 
immersed in the thermostat and allowed to remain there for at least two 
hours before the final adjustment of the meniscus. This adjustment was 
accomplished in two ways. If the composition of the solution had already 
been established, the adjustment was made by means of fine capillaries. 
In some instances, however, the weight of the solution in the density flask 
served also as the final weight in the determination of the composition of 
the solution by dilution. In these cases the meniscus was adjusted cither 
by addition of water or by evaporation by passage of a current of dry 
filtered air over the surface of the meniscus. 

Since the weight of a solution in the density flask was always greater than 
100 g. and was determined to the nearest milligram, the precision of the 
density measurements is at least one part in 50,000. Check measurements 
were not made as a rule, but the occasional ones, using different flasks, 
agreed well within the above estimate. The flasks were again calibrated 
after being in use for a year and showed no appreciable change. The 
precision of the weight per cent composition of the solutions varies some- 
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what with the method of preparation and diminished with decreasing 
concentration. The uncertainty in this quantity is probably less than one 
part in 10,000. 


THE DETERMINATION OF THE COMPRESSIBILITY COEFFICIENTS 


These measurements were made by the method in use in the Harvard 
Laboratory. Since this method has been described fully in other papers 
(7), it will be necessary to give here only the more important details 
bearing on the present experiments. 

The compression pump, which was manufactured by A. L. Henderer^s 
Sons, was connected with the compression cylinder and the pressure gage. 
This gage was of the absolute type, in which pressures are measured by an 
oscillating piston weighted with carefully standardized weights. A piston 
with an accurately known area (0.31619 cm.^) was loaned to us for this 
work. The piezometer was the one used by Dr. B. J. Mair and Miss E. H. 
Lanman in their experiments (5a). It was constructed of glass and was 
provided with a solid glass stopcock which was removed in order to fill the 
vessel. The piezometer had a volume of about 34 cc. and in an experi¬ 
ment it contained, as a rule, approximately 31 cc. of solution and 3 cc. of 
mercury. 

The compression cylinder was mounted in a large thermostat which has 
already been described (9). It was possible to regulate the temperature of 
the bath so that the maximum variation was less than 0.005®C. The 
temperature of the bath was 35.00®C., established by means of a mercury 
thermometer certified by the Bureau of Standards. 

The compressibility coeflScients were calculated by use of the usual 
equation 




{W2 - w,)D 

d^m-w 


where 

W is the weight of solution contained in the piezometer; 

W) is the weight of mercury needed to compensate for the volume 
change produced by changing the pressure from 100 to 300 mega¬ 
bars when the piezometer is filled with mercury; 

W 2 is the weight of mercury needed to compensate for the volume 
change produced by changing the pressure from 100 to 300 mega¬ 
bars when the solution is filled with W grams of solution and 
mercury; 

D is the density of the solution at 35®C. and at atmospheric pressure; 

d is the density of mercury at 35®C. under 300 metric atmospheres 
pressure (13.525); 

jS' is the compressibility coefficient of the reference substance, mercury, 
and was assumed to be 4.00 X 10““®; and 
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is the average compressibility coefficient over the pressure range 100 
to 300 metric atmospheres of the substance in the piezometer. 

In determining the values of Wi and W 2 the following procedure suggested 
by Mair and Lanman was adopted. The amount of mercury in the piezom¬ 
eter was adjusted at the outset so that the electrical contact through the 
platinum wire-mercury interface was broken when the applied pressure was 
very close to 300 megabars. After the exact pressure was measured, 
mercury was removed from the piezometer until the pressure necessary to 
break the contact was approximately 100 megabars. Following exact 
determination of this second pressure, the mercury, which had been with- 


TABLE 2 


Data and calculations for the coynpressihility coefficient of sodium iodide solution No. 4 



j 

EXPERIMENT I 

1 

EXPERIMENT II 

Weight of piezometer, mercury, and solution (grams) 

134 386 

134 324 

Weight of piezometer and mercury (grams). 

100 136 

100 015 

Weight of solution in air (grams). . 

34 250 

34 309 

Vacuum weight of solution (IL) (grams) 

34 282 

34 341 

Density of solution . 

1 10998 

1.10998 

Weight of mercury removed (grams) . . 

3 2023 

2 8964 

High pressure point* (megabars) 

306 32 

292 09 

Low pressure point (megabars) . . 

95 38 

101 71 

Check high pressure point (megabars) . . 

306 38 

292 11 

Accepted high pressure point (megabars) 

306 35 

292 10 

W 2 (grams). 

3 0358 

3.0426 

Wi (grams). 

0 1500 

0 1500 

X 10« . 

38 54 

38 56 

Accepted value of X 10®. 

38 55 


_ weight on gage X acceleration of gravity ^ 

* Pressure in megabars equals--—:-where 

area of piston X 10« 

weight on gage includes weight on platform plus weight of platform; acceleration of 
gravity is 979.272, and area of piston was 0.31619 cm^. 


drawn and in the meantime weighed, was now returned to the piezometer 
and the initial pressure checked. The values of wi or W 2 corresponding to 
exactly 200 metric atmospheres were calculated by direct proportion from 
the weight of mercury removed and the pressure difference which covered 
very closely the range 100 to 300 megabars. 

Certain points with regard to the routine of the experiments should 
perhaps be noted here. Following the recommendation of Cohen and 
Schut (4), the capillary tube below the platinum contact was allowed to 
become moistened with water before the initial pressure application in each 
experiment. The practice was adopted of completing the pressure de- 
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TABLE 3 


Table of results 


SOLUTION 

WEIGHT PER CENT 
OP SALT 

DENSITY 

/9 X 10« 

AVERAGE 

DEVIATION 

Lithium chloride solutions 

1 (ds) 

42 031 

1 26364 

20.12 


2 (d8) 

34.898 

1 20970 

22 61 


3 (ds) 

26 021 

1.14836 

26.14 


4 (ds) 

23 010 

1 12896 

27 41 

0 02 

5 (ds) 

18 969 

1.10418 

29 06 

0 03 

6 (ds) 

16 279 

1 08776 

30 52 

0 00 

7 (ds) 

9 6550 

1 04943 

34 45 

0 01 

8 (ds) 

4.1221 

1 01772 

38 35 

0 00 


Lithium bromide solutions 


1 (i) 

60 410 

1 72090 

22 37 

0 02 

2 (i) 

54 761 

1 60856 

24 13 

0 01 

3 (dl) 

49 949 

1 52364 

25 69 

0 05 

4(dl) 

45 438 

1 45294 

27 09 

0 03 

5 (d2) 

43 493 

1 42456 

27 70 

_ 

6 (dl) 

36 696 

1 33423 

29 46 

0 02 

7(d2) 

31 897 

1 27784 

30 94 

0 02 

8 (d2) 

25 388 

1 20827 

32 92 

0 03 

9 (d4) 

17 229 

1 13097 ! 

35 50 

0 00 

10 (d2) 

12 959 

1 09397 

37.17 

0 02 

11 (d2) j 

8 6052 

1 05845 

38.57 1 

0 01 


Sodium chloride solutions 


1 (i) 

24.8200 

1 17942 

27 10 

0 01 

2 (i) 

16 9863 

1 11690 

30.99 

0 03 

3 (i) 

9 1598 

1 05852 

35 56 

0 01 

4 (dl) 

6 1298 

1 03671 

37 54 

0 02 

5 (d2) 

2 8661 

1 01388 

39 71 

0 03 


Sodium bromide solutions 


1 (i) 

49 295 

1.54400 

23.42 

0 03 

2 (i) 

32.380 

1.30294 

29 74 

0 03 

3 (i) 

20 7701 

1.17443 

34 03 

0 00 

4(i) 

9 8333 

1.-07392 

38.10 

0.02 

Sodium iodide solutions 

1 (i) 

60 802 

1.80644 


0.01 

2(dl) 


1.42173 


0 01 

3(dl) 

22.712 

1.19758 

36.36 


4(d2) 

13.896 

1 10998 

38 55 










COMPRESSIBILITY COEFFICIENTS OF ALKALI HALIDES 


937 


TABLE 3 —Concluded 


BOLtTTlON 

WSIGHT PER CENT 
OF BALT 

DENSITY 

/8 X 10« 

AVERAOE 

1 DEVIATION 

Potassium chloride solutions 

1 (i) 

26 522 

1 17419 

29 64 

0 02 

2 (i) 

17 2876 

1 10725 

33 35 

0 04 

3 (i) 

7 4440 

1 04118 

37 83 

0 02 

Potassium bromide solutions 

1 (i) 

40 058 

1 36525 

29 51 

0 01 

2 (i) 

32 576 

1 27822 

31 72 

0 15 

3 (i) 

22 985 

1 18086 

34 68 

0 04 

4 (i) 

10 452 

1 07209 

38 54 

0 04 


PotasHium iodido solutions 


1 (i) 

58 262 1 

1 68149 

27 74 

0 16 

2 (i) 

34 901 i 

1 32072 

34 22 

0 12 

3 (i) 

16 415 ! 

1 12576 

38 44 

0 17 

4 (d2) 

8 9594 

1 06226 

40 04 

0 02 

5 (dl) 

4 4120 

1 02648 

40 87 

0 04 


termination fifteen minutes after the initial application of pressure. Fur¬ 
ther, in a pressure determination sufficient pressure was applied first to 
just break the electrical contact between the mercury in the piezometer and 
the platinum wire in the capillary. The pressure was then gradually 
reduced until contact was just made and the pressure corresponding to this 
point was the one accepted. 

The value of the piezometer constant uh was found to be 0.1500 g. from 
eight different experiments made over a period of one year. Mair and Lan- 
man found Wi to be 0.1473 g. for the same piezometer at 25°C. The 2 per 
cent difference is a reasonable figure for the change in the compressibility 
of the glass and mercury for the 10®C. change in temperature. 

In the table of results (table 3) will be given only the final calculated 
values of the compressibility coefficients for the solutions. To illustrate 
both the experimental procedure of the compressibility determination and 
the method of computation of the data, the calculations for a typical 
experiment are given in table 2. 


RESULTS 

All of the results of the experiments are summarized in table 3. Along 
with each solution number are given symbols to indicate the method of 
preparation of that solution. In this code means that the solution was 
made independently of all other solutions while, for example, ''d2” indi- 
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cates that that solution was prepared by dilution of solution no. 2 of 
that series. With the exception of lithium bromide solution No. 5, each 
value of /3 is the mean of at least two independent measurements. In 



Fig. 1. The Compressibility Coefficients of Solutions Plotted Against 

The Concentration 

order to ha\'e a rough measure of the uncertainty of the mean value of 
there is given in the last column of table 3 the average deviation of the 
individual values of 0 from the given mean, expressed in the units of the 
compressibility coefficient. Attention is called to the fact that a number 
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of improvements in both technique and apparatus were made in the course 
of the compressibility measurements of solutions of potassium bromide 
and potassium iodide and of lithium chloride solution No. 1, which were the 
first to be investigated. For this reason the /3 values of these solutions are 
not so precise as those of the other solutions, as is evident from the data in 
the last column. 

Figure 1 is presented to show the nature of the variation of the compressi¬ 
bility coefficient with the composition of the solutions. It can be seen that 
the anion determines both the relative position and the shape of the curves 
drawn through the plotted points. Thus, the lines representing the 
chlorides are all convex upwards; the lines representing the iodides are all 
convex downwards; and the lines representing the intermediate bromides 
have been drawn straight. The solutions of the two lithium salts, how¬ 
ever, exhibit some noteworthy anomalies. Since these anomalies are 
apparently associated with the molecular composition of the solutions, the 
number (N) of moles of water per mole of salt for the various solutions is 
given in the graph alongside the plotted points. In the case of the lithium 
chloride solutions there is a definite break in the variation of with concen¬ 
tration at the solution with the composition N = 10. This critical point 
is the same as that found from the examination of such other properties of 
lithium chloride solutions as the density and magnetic susceptibility. As 
a matter of fact the investigation (8) of this last-named property indicated 
that the magnetic susceptibility of lithium chloride has two definite values, 
one in solutions less concentrated than iV = 10, and the other in solutions 
more concentrated than N = 6. The transition between these two distinct 
values takes place in the concentration region 10 > A' > 6. Whether this 
second change in the solution state would affect the compressibility of the 
solutions cannot be ascertained from the present data. The possibility of a 
second break in the /^-concentration curve at a point where W = 6 is not 
entirely out of the question, because the plotted point N = 3.25 does not 
fall on the curve as drawn. 

Lithium bromide solutions appear to be more irregular even than those 
of lithium chloride. In the first place the compressibility coefficients of 
these solutions do not follow the usual sequence Li-Na-K. In the second 
place there are two abrupt changes in the variation of with concentration. 
One of these breaks occurs in rather dilute solutions, somewhere in the 
concentration region 30 > W > 24. The change in the rate of variation 
of /3 with percentage composition at this point is not very different from 
that found in the lithium chloride solutions. The second break in concen¬ 
trated solutions 8 > iV > 6 is of an entirely different type. The rate of 
change of /? with concentration does not appear to be affected by the change 
in the solution state, but the jS values in the more concentrated solutions 
are 0.4 X units higher than they would be if there were no break in 
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the variation of j8 with concentration. Furthermore, this change in the 
solution state must take place in a rather short concentration range which 
we hope to explore more carefully. In conclusion it should be noted that 
Hiittig and Keller (5) found that the densities, refractive indices, and 
coeflRcients of extinction of the lithium halide solutions do show discontinui¬ 
ties with changes in concentration when iV = 6, near 30, and 75. 

Further discussion of these results from a different point of view will be 
the subject of another paper. 

In conclusion we wish to express our gratitude to Professor Arthur B. 
Lamb of Harv'ard University for the loan of the piston of the pressure 
gage used in this investigation. 
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In a recent research we had need of an apparatus for determining the 
vapor densities of a series of compounds which could be vaporized only 
under reduced pressure. Such determinations have been made in the past, 
but usually with a constant volume apparatus; the apparatus now de¬ 
scribed possesses features such as the simplicity of manipulation and the 
rapidity with which determinations are made which should commend it to 
anyone who is determining the vapor densities of substances which de¬ 
compose on boiling at atmospheric pressures or substances available to 
the extent of only a few milligrams. The method is also useful for sub¬ 
stances whose high boiling point renders the determination of their vapor 
density at ordinary pressures somewhat difficult. 

The apparatus, shown in figure 1, consists of a vaporization tube, A, 
1 meter in length and of 300-cc. capacity, closed with a well-fitting rubber 
bung and surrounded with a copper jacket, B. The latter is lagged with 
asbestos, fitted with a side-arm condenser, C, and is attached to the flask, 
D, in which the bath liquid is heated. The vaporization tube connects to 
two side tubes, one, on the left, containing a phial with a few milligrams of 
the substance under examination and a nail, which, when pulled by a 
magnet, ejects the phial into the vaporization tube. The other side tube 
leads to a manometer, E, containing a light liquid of low vapor pressure 
(ethyl phtlialate or nitrobenzene), to one arm of a Hempel buret, F, con¬ 
taining clean, dry mercury, and to a tap, G, through which the apparatus 
was exhausted by means of a Cenco pump. The other arm of the Hempel 
buret was connected through a reservoir of 2-liters capacity, H, to stabilize 
the pressure to the tap, K, and thence to the common lead to the pump. 
Another tap, not shown in the diagram, enabled the pump to be cut off 
from the rest of the apparatus. All joints were sealed with Picein wax. 

In practice it was found that, owing to minute traces of volatile material 
in the gauge liquid which could not be removed even by long heating in 
vacuoy the manometer, E, did not record absolute pressures. It was used, 
therefore, merely as a pressure indicator and a McLeod gauge, M, was in¬ 
corporated in the system. 

In making a determination the bath was heated until the liquid was re- 
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fluxing well up the condenser arm, and the apparatus was exhausted with 
all the taps open until a pressure of 6 to 10 mm. of mercury was registered 



Fig. 1. Apparatus for Determination of Vapor Density under Reduced 

Pressure 


TABLE 1 


BATH LIQUID 

TBMPBRA- 

TURE 

BUBBTANCB 

QUANTITY 

USED 

MOLECULAR 
WEIGHT 
(OBBD ) 

1 MOLECULAR 
WEIGHT 
(CALCD.) 

Nitrobenzene. 

degrees C. 

211 

Dibromobenzene 

mg. 

4 

224 

236 

Nitrobenzene. 

211 

Dibromobenzene 

4 

246 

236 

Nitrobenzene. 

211 

Anthracene 

5 

182 

178 

Water. 

I 100 

Acetoacetic ester 

5 

128 

130 

Xylene. 

I 143 

Carvone 

5 

146 

150 

a-Pinene. 

156 

Geranyl acetate 

7 

206 

106 

a-Pinene . . 

156 

Geranyl acetate 

6 

201 

196 


on the manometer, E, when the taps were closed. The phial was projected 
into the vaporization tube, its fall being broken by a small quantity of 
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fusible metal at the bottom of the tube (fusible metal is superior to ghiss 
wool, which is liable to evolve occluded gases under reduced pressure). 
Vaporization occurs in two minutes at the most, the gauge, E, being main¬ 
tained at a constant level during the vaporization by lowering the right 
hand arm of the Hempel buret. When the vaporization was complete the 
taps G and K were opened, the gauge, E, restored to its original level by 
further slight evacuation, and the pressure recorded with the McLeod 
gauge. The calculation follows that of the ordinary Victor Meyer deter¬ 
mination. 

The method is superior to the constant volume method under reduced 
pressure since (1) it avoids the necessity for capillary tubing outside the 
heating jacket, and (2) it does not require a knowledge of the volume of the 
apparatus and the temperature of the jacket. One precaution must be 
ment ioned. On admitting air at the conclusion of an experiment a film of 
moisture invariably condenses on the sides of the Hempel buret. This is 
revaporized during another experiment and causes a considerable error. 
It is necessary at the end of a determination to let the vacuum down with 
the mercury column fully raised and then to lower the column after re¬ 
evacuation and to warm the sides of the buret. The buret arms may be 
enclosed in water jackets at constant temperature. 

Table 1 exemplifies some of the results obtained. The apparatus gives 
results correct to 3 to 5 per cent with ordinary precautions, an error which 
might easily be reduced to 1 to 2 per cent if so desired. 
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In a recent article by Patrick and Allan (1), entitled ‘‘Diffusion of Elcc- 
Irolytes in Silica Gel,” the authors in their discussion make the following 
statement: “According to the Nemst theory of diffusion, which leads to 
the elementary explanation of the liquid potential, a mobile ion should in¬ 
crease the rate of diffusion of a more slowly moving oppositely charged ion. 
Furthermore in the case of mixed electrolytes the more mobile ion will be 
retarded by the other ions, which in turn will experience an increase in mo¬ 
bility. This simple theory has been found to be in agreement with much 
experimental fact when dealing with ordinary diffusion phenomena. How¬ 
ever, in the case of diffusion from a solution through a rigid gel structure, 
the above explanation no longer holds. Our washing of impregnated gels 
sliow^ed a marked retardation of the diffusion of the salt in the presence of 
acid, while our diffusion experiments through silica gel discs not only 
definitely proved the same point, but we were also able to show that the 
diffusion of the acid was speeded up in the presence of salt. These facts 
are in conflict with the Nemst theory; incidentally, Nernst never applied 
his ideas to systems such as used in this study.” 

The purpose of the present communication is to show that “these facts” 
are not only in qualitative, but also, in spite of the high concentrations of 
the electrolytes, in excellent quantitative agreement with Nerast’s theory 
of diffusion of electrolytes. 

In Patrick and Allan’s diffusion experiments, one face of a cylinder of 
silica gel was in contact with a stirred aqueous solution of the electrolyte 
or electroljrtes; the opposite face was bathed in a stream of pure water. 
After a steady state of diffusion had been reached, the authors measured 
the quantity of electrolyte which diffused through the gel in twenty-four 
hours. Assuming the concentration of electrolyte to fall off linearly in the 
silica gel, the authors were able to calculate the diffusion coefficient, know¬ 
ing of course the cross-section and length of the cylinder of gel. 

Consider a solution in which the concentrations (in moles per cm.®) 
of sodium chloride and hydrogen chloride are Ci and C 2 , respectively. We 
assume the solutions to be so dilute that the osmotic pressures Pi, P 2 , and 
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P» of sodium, hydrogen, and chloride ions are given by the equations Pi 
SB CiRT, Pi = CJtT, Pi=CRT = {Cl + Ci)RT. Let Ui, ut, and u* be 
respectively the velocities of the ions in centimeters per second when unit 
force (apart from the frictional force) acts on one mole of each kind of ion. 
On account of the differences in the numerical values of Ui, v/t, and Ut, the 
ions will be acted on by electric forces. We represent the potential of 

dF 

these forces by F expressed in such imits that — is the electric force 

OA 

in the positive X-direction on one gram-equivalent of positive ions. It 
readily follows that the number of moles {S) diffusing per second through 
the constant cross-section q will be given for the three kinds of ions by the 
equations: 


Si= - 

82 = — 

Sz * - 



for Na"^ ions 

for ions 

for Cl“ ions 


dV 

By means of the condition, Si + S2 = S3, we can eliminate tt- from tliese 

clA 

♦equations. On account of the linear fall in Ci and C2 through the gel, the 


dCa 


dCi 


ratio 77* = r is constant throughout the cylinder and = r Sub- 
Cl qA uA 

stituting for Pi and Pt the expressions CiRT and C^RT, respectively, we 

find 


S, 


2uiu, dC, 

Q I AY 

u\ T” ClA 



82 


Q 


2u2Ut 
Ui -f Ui 




r + 



( 1 ) 

( 2 ) 


Representing by Dio the diffusion cqefficient of sodium chloride in the ab¬ 
sence of hydrogen chloride, and by Di the diffusion coefficient when the 
ratio of hydrogen chloride to sodium chloride is r, we find from equation 1 



Ih = Du 


(3) 
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Similarly if Ao and Ih are the diffusion coefficients of hydrogen chloride 
in the absence and in the presence of sodium chloride, respectively, we find 
from equation 2 


Di = 1^20 


r -|- 



(4) 


Since Ui (for Na*^) is less than 112 (for H"^), it follows from equations 3 and 
4 that 


Di < i^io (5) 

Ih > /A*o (6) 


The expressions 5 and 6 are in qualitative agreement with the experi¬ 
mental results obtained by Patrick and Allan. Quantitatively we have 


1^ 

Ihi\ 


1 -f r 



lh_ _ 

r-\- 


r-f 1 



(7) 

( 8 ) 


We can test equations 7 and 8 by replacing wi, 2 ^ 2 , and iiz by the equivalent 
ionic conductances f\, ^ 2 , Some error will be introduced by taking 
for the equivalent ionic conductances their values at infinite dilution. 
From the values at 18°C. we find, using the appropriate temperature 
coefficients, the following equivalent ionic conductances at 32.5'^r.; Li^ 
= 45.7, Na+ = 58.5, K+ = 84.5, H+ = 387.0, and Cl- = 85.8. We give 


in tables 1 and 2 the values of 


-Oio 


D 2 

and obtained experimentally by 
r>2o 


Patrick and Allan and those calculated by equations 7 and 8. 


ABSOLUTE VALUES OF THE DIFFUSION COEFFICIENTS 

The absolute value of the diffusion coefficient in water of a single elec¬ 
trolyte (e.g., sodium chloride) is given according to Nernst by the equation 


2uiUi 
Ui + Ui 


RT 


0.04485 
86400 ^ 


273 4-/ Vxlh 
273 -f 18 Vi + Vi 


cm ,2 per second 


f^calcd. 
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For the diffusion through silica gel, Patrick and Allan obtained the diffusion 
coefficient from the equation 


where S\ is the number of moles (e.g., of sodium chloride) diffusing per 
second and q is the cross-section of the gel. We give in table 3 the values 

TABLE 1 


Observed and calculated values of the relative diffusion coefficient 
Salt, 0.90 AT; HCl, 1.15 AT; r « 1.28; t = 32.5°C. 


1 

8A1.T 

Th 

Dm 

Ih. 

Obeerved 

Calculated 

Observed 

Calculated 

LiCl... . 1 

0.41 

0 41 

1.43 

1.46 

NaCl . . . 

0 41 

0.44 

1 50 

1 44 

KOI. . 

0.44 

0 50 

1 45 

1.39 


TABLE 2 

Observed and calculated values of the relative diffusion coefficiejit 
Salt, 1.80 N; HCl, 1.15 N; r « 0.64; t * 32.5®C. 


SALT 

L 

D 

Observed 

h_ 

>80 

Calculated 

TaCI .... . 

1 79 

1.78 

NaCl ... 

1.91 

1.73 

KCl . 

1.80 

1.64 


TABLE 3 


Observed and calculated values of the diffusion coefficient 


! 

SALT 

OKiaiNAL CON¬ 
CENTRATION 

OobBlI 

•Oralol 

11 

LiCl. . . . 

0.90 

1.92 X 10-« 

1.62 X 10-® 

8.4 

NaCl ... . 

0 90 

3.43 X 10-« 

1.90 X 10-6 

5.5 

KCl. . . 

0.90 

4.69 X 10-« 

2.32 X 10-6 

5.0 

HCl. . 

1.15 

8.52 X 10~« 

3.83 X 10-6 

4.5 


of A,bsd. (obtained by Patrick and Allan) and the values of Dcaicd. (calcu¬ 
lated on the Nernst theory for diffusion in water). 

A possible explanation of the values given in the last column of table 3 
can be furnished by supposing that the water in the gel through which the 
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ions diffuse occupies a fairly definite fraction of the apparent volume of the 
> 5 el. In other words, as a diffusion medium the cylinder of gel is equii alent 
to a cylinder of water of the same length but of much smaller cross-section,— 
about one-fifth to judge from the experiments with sodium chloride, po¬ 
tassium chloride, and hydrogen chloride, and about one-eighth when 
lithium chloride is used. The differences among the values of the last 
column of table 3 are (.00 large to be attributed to experimental errors 
only: our picture of the state of a salt solution present in the gel Is probably 
too much simplified. 

In conclusion, I think it can be said that the diffusion of electrolytes in 
silica gel seems to take place in essentially the same way as in water and 
that in both cases the Nernst theory of diffusion of electrolytes is quanti¬ 
tatively applicable. 
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Ill recent years there has been a marked revival of interest in the problem 
of the volume changes that occur when a solution undergoes a change in 
concentration. An important factor in this was the discovery by Masson 
(11), and independently by Geffcken (4), of a simple relationship between 
the apparent molal volume of the solute and the concentration of the solu¬ 
tion. As an outgrowth of previous studies (16, 17) of this empirical rule of 
Masson, the question of the effect of pressure on the apparent volumes 
appeared to be of considerable interest and significance. This question is 
the subject of the present paper. Because the existing compressibility 
data were considered to l^e too fragmentary for a satisfactory treatment of 
this problem, systematic measurements of the compressibility coefficients 
of solutions of the alkali halides were undertaken. The results of the first 
series of these experiments have already been reported (20) and will be 
used exclusively in this study. 

The apparent molal volume (0) ol a solute is defined as 

( 1 ) 

where V is the volume of solution containing 1 gram-mole of solute, Vi 
is the volume of 1 gram-mole of pure water at the temperature of the solu¬ 
tion, and Hi is the number of moles of water present in the solution. The 
compressibility of the apparent molal volume, which will be designated as 
E and which may be termed the apparent molal compressibility of the 
solute, is defined by the expression: 

B-- F(S-n,r,ft (2) 


where |3 ~ compressibility coefficient of the solution and 

fii is that of water. 

Masson^s empirical rule for strong electrolytes may be expressed as 
follows; 


** kc^ -f- 

951 


(3) 
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Here k and <l>^ are constants characteristic of each electrolyte and tempera¬ 
ture, and c is the concentration expressed in moles per liter. Since this 
equation^ is the basis of the present inductive study, a brief review of its 
status will not be out of place. The applicability of this relationship was 
tested originally by Masson for a number of salts of diverse valence types. 
Subsequent more systematic tests (5, 15, 16) have covered the salts of the 
alkali halides and the alkaline earth halides. In general, these tests have 
all tended to confirm the validity of the empirical rule with the. following 
qualifications. Equation 3 does not hold in extremely concentrated solu¬ 
tions of certain salts, such as the lithium halides, where chemical hydration 
is supposed to be a disturbing factor. Further, the above-named tests 
have been limited in scope to solutions more concentrated than 1 molar. 
In solutions less concentrated than this the 4> values are too uncertain, be¬ 
cause of the tremendous magnification of the experimental error involved in 
their calculation, to permit of a conclusive test. Within the past year, 
however, Geffcken (6, 7) and his coworkers have improved the technique 
for making the extremely precise density measurements which are essential 
for the calculation of accurate values of <i> in very dilute solutions. Al¬ 
though not all of their measurements have been published, the results 
that are available may be summarized briefly as follows. With solutions 
of sodium bromide and ammonium nitrate at 25®C., equation 3 appears to 
be valid over the concentration ranges, 0.02 M to 5.5 Af and 0.05 M to 
7.5 M, respectively. In the case of sodium chloride solutions a break in 
the <!> -- plot occurs at about 0.4 Af. Solutions of sodium carbonate, 
although apparently normal at high concentrations, are quite irregular in 
concentrations less than 0.1 M. The abnormality consists not only in a 
deviation from Masson^s rule, but in the most extreme dilutions the appar¬ 
ent molal volume begins to increase with decreasing concentration. These 
various tests may be summarized by stating that there is no reason to 
question the applicability of equation 3 to concentrated solutions of strong 
electrolytes, but that an uncertainty still exists regarding its general valid¬ 
ity in dilute solutions. In this connection it may be mentioned also that 
Redlich and Rosenfeld (13) have given a derivation of equation 3 based on 
the Debye-Hiickel theory and thermodynamics according to which the 
constant k has the same value for all electrolytes of the same valence type. 
In order to reconcile the actual data with their theoretical .equations, they 
conclude that the latter hold only in very dilute solutions and that in con¬ 
centrated solution the variation of ^ with c* is not linear. Since some non¬ 
electrolytes also agree with Masson^s rule, the significance of conclusions 
based upon the Debye-Hiickel theory is open to question (9) because such 

' A review of this equation and of the similar expressions for the apparent heat 
capacity and apparent compressibility has been published recently by Gucker (9). 
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substances would not have the ion atmosphere which is a basic postulate 
of the theory. 

From Ma8Son\s equation a relationship between the apparent molal 
compressibility B and concentration can be derived directly. If we differ¬ 
entiate equation 3 with respect to pressure, we get 


+ «^+g-J7 


(4a) 


Since c = 1000/1*, it follows that 




1 1 4 

_ 1-= I 

^VdP ^ 


(4b) 


wliere is tlie compressibility coefficient of the solution. Now', if we let 

d<l> 

f = and if, in accordance witli equation 2, w'e designate — — and 

or 


dP 


by B and B^j respectively, equation 4a can be written as: 


/i+/= - + 


(5) 


This equation will form the basis of much of our subsequent discussion. 
It can be tested most conveniently in the form written, as a linear relation¬ 
ship between (5 -f /) and w^hich quantities can be calculated from ex¬ 
perimental data. A plot of these variables will be presented later and from 

dk 

it the terms — ^ and can be derived directly. 

dr 

Since our measurements designed to test equation 5 w’^ere initiated, rela¬ 
tionships involving B or closely related factors have been proposed by tw'o 
investigators. Adams (1), from his compressibility measurements of 
several sodium chloride solutions over a wide pressure range, calculated 
the Active or partial compressibility of the solution which, for an infinitely 
dilute solution, is the same as the apparent compressibility. In a later 
paper Adams (2) stated that the specific apparent compressibility of the 
same solute could be represented by a linear function of the square root of 
the mole or mass ratio. Such a function implies that Masson’s relation 
holds also ‘If the mole ratio or mass ratio is substituted for the volume con¬ 
centration.” A study of the properties of the apparent molal compressi¬ 
bility of solutes in solution has been published recently by Gucker (10), 
who recalculated for this purpose most of the available data. His conclu¬ 
sion was that 5 is a “linear function of c* over a wide range of concentration, 
temperature, and pressure.” In a subsequent article (9) he showed that 
this relationship could be derived from the Debye-Hiickel theory of solu- 
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TABLE 1 


Values oj the various solution factors at 3S°C. 








c 

Caoo 


^aoo 

-B 

1 

/ 


Lithium chloride solutions 


0.9895 

0.9971 

18.60 

19.06 

27.09 

0.21 

2.3900 

2.4065 

19.30 

19.75 

22.69 

0.29 

4.1767 

4.2024 

20.08 

20.45 

18.62 

0.34 

4.9401 

4.9690 

20.22 

20.57 

17.34 


6.1272 

6.1609 

20.50 

20.79 

14.91 


7 0479 

7.0849 

20.62 

20.89 

13.90 


8.0654 

9.9576 

10.0028 

20.74 

20.86 

21.07 

10.55 


12.5274 

12.5780 

21.00 

21.17 

8.83 



Lithium bromide solutions 


1.0486 

1 1.0568 

25.61 

1 26.01 

20 00 

! 0.14 

1.6322 

1.6444 

25.80 

26 15 

17.58 

0.16 

2.2444 

2.2605 

26.01 

26 35 

17 20 

0 18 

3.5318 

3.5552 

26.36 

26.64 

14.13 

0.22 

4 6927 

4.7219 

26 54 

26.78 

12.05 

0 23 

5.6371 

5 6705 

26.67 

26 88 

10.74 

0.24 

7.1335 

7 1732 

26 62 

26 79 

8 62 

0 25 

7.6009 

7 6423 

26 64 

26 80 

8 07 


8.7621 

8.8074 

26 58 

26.73 

7 27 


10.1416 

10.1908 

26 42 

26 55 

6 38 


11.9692 

12.0230 

26 29 

26 39 

5 25 



Sodium chloride solutions 


0.4971 

0.5011 

18.71 

19.39 

34.22 

0.21 

1.0872 

1 0954 

19.33 

19 95 

31.10 

0.29 

1.6571 

1.6690 

19 67 

20.26 

29.44 

0.34 

3 2457 

3.2659 

20 73 

21.22 

24 65 

0.41 

5.0080 

5.0353 

21 57 

21 98 

20.34 

0.44 


Sodium bromide solutions 


1.0256 

1.0335 

26 19 

26.69 

25 10 

0.27 

2 3703 

2.3865 

26.88 

27.28 

21.50 

0.28 

4.0994 

4.1240 

27.73 

28.09 

17 80 

0.33 

7.3957 

7.4305 

28,72 

28.98 

12.84 

0.34 


Sodium iodide solutions 


1 0287 

1.0368 

37.47 

37.79 

15.93 

0.17 

1.8141 

1.8274 

37.97 

38.25 

14.14 

0.21 

3 8322 

3 8565 

38.56 

38.78 

11.04 

0.26 

7.3258 

7.3615 

39.27 

39.42 

7.50 

0.28 
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TABLE 1—(Concluded) 


1 




1 * 



! / 


Potassium chloride solutions 


1 0397 

1 0476 

29.40 

29 92 

25 90 

0.36 

2 5671 

2 5758 

30 65 

31 05 

20 11 

0.50 

4 1769 

4 2018 

31.62 

31 94 

15 90 

0 52 

Potassium bromide solutions 

0.4591 

0 4628 

35.87 

36 43 

27 70 

0.21 

0 9416 

0 9489 

36.35 

36.74 

19 43 

0.29 

2 2806 

2 2964 I 

37 32 

37.63 

15.62 

0 41 

3 4987 

3 5210 

38.02 

38 28 

12.92 

0 46 

4 5951 

4 6224 

38 47 

38 68 

10.67 

0.49 

Potassium iodide solutions 

0 2728 

0 2750 

47 47 

47 76 

14.29 i 

1 0 13 

0.5732 

0 5779 1 

47.34 

47.56 i 

10 92 

[ 0 19 

1 1131 

1.1217 

47.93 

48.13 

10 15 

1 0 25 

2 7763 i 

2.7954 

48 65 

48 79 

6 96 

0.36 

5.9006 

5 9335 

49 80 

49 86 

3 00 

0 42 


tion in conjunction with certain thermodynamic relationships. The only 
difference between Gucker’s equation and our equation 5 is the factor /. 
The magnitude of this factor and its variation with concentration are such 
that it would be futile to attempt to prove one equation to be more nearly 
correct than the other without more precise compressibility data than those 
obtainable at present. We shall therefore make no attempt to compare 
the two expressions in this paper. Nevertheless, since both equations are 
empirical, there would seem to be an advantage in choosing to work with 
the one (equation 5) which is mathematically consistent with the fairly 
well established empirical rule of Masson. Furthermore, the tenn (B 
+ /) may be regarded as a simpler concept than the calculated quantity 
Ey wdiich involves concentration as a dependent variable. Application of 
pressure to a solution produces an increase in concentration w hich, in turn, 
w ould result normally in an increase in <l>. This small increase in <t> is one 
of the pressure effects included in the quantity E. Since, however, it is 
equal to 

ap AP 

w^hen ky are constant, the term (E + /) represents the change in 0 
with pressure when the concentration is considered an independent vari¬ 
able. 

Before describing the calculations of tlie various quantities which we 
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shall require in our test of equation 5, there is a question of procedure that 
should first be pointed out. Since these quantities are all functions of 
pressure it is obviously desirable that they refer to the solution system 
under the same pressure. This condition cannot be fulfilled exactly by the 
use of our data because the compressibility coefficient measured is for a 
system under a pressure of 200 metric atmospheres, whereas the density 
data are for solutions under only atmospheric pressure. The error intro¬ 
duced by this discrepancy can be reduced to a negligible magnitude if all 
the quantities are calculated to apply to a system under the higher pressure, 
a fact which will be evident from the following description of the calcula¬ 
tions of the quantities in question. 

All the factors which we shall need in this study are assembled in table 1 
and were calculated from the data for solutions at 35°C., given in the article 
already referred to. Certain symbols which will be employed may be 
defined at the outset: 

% == percentage by weight of solute in solution. 

M = gram-molecular weight of solute, 
d, di = densities of solution and pure water. 

jS, /3i = average compressibility coefficients of solution and water at 
200 megabars (or metric atmospheres) pressure. For the 
sake of brevity we shall refer hereafter to the pressure 
units simply as ^^atmospheres.^^ 

c = concentration in gram-moles of solute per liter of solution. 


The precision of the calculated values of c is better than 0.02 
parts per thousand. Values of c are given in the first 
column of table 1. 

C 200 = concentration of the solution under a pressure of 200 mega¬ 
bars. This quantity was also calculated by means of the 
above formula, using the density of the solution at 200 
atmospheres. This density was computed by taking 

dtm =* (/(I -j- 200/9) 

This correction is, to be sure, only a first approximation, be¬ 
cause the compressibility coefficient used does not give the 
change in volume over the pressure range 0 to 200 but gives 
the rate of change w^hen the system is under a pressure of 
200 metric atmospheres. A further correction to take this 
fact into account would be of the second order and would be 
negligible. Values of C 200 are given in the second column 
of table 1. 
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0 = the apparent molal volume at atmospheric pressure expressed 
in cubic centimeters. 

_ M _ ( 100 ~ %).M 10 00 

%d, 

Since ^ is a difference between two terms, its precision is very 
much less than that of the experimentally determined quan¬ 
tities and decreases rapidly with decreasing concentration. 
While in concentrated solutions the uncertainty is about 
0.02 cc., in a 1 molal solution it may be 0.1 cc. or even 
slightly greater. Values of <t> are given in the third 
column of table 1 . 

0200 = the apparent molal volume at 200 atmospheres pressure, ex¬ 
pressed in cubic centimeters. The calculation of these 
(luantitics is the same as that just described with the differ¬ 
ence that the densities were corrected to the higher pres¬ 
sure by the formula given in the paragraph under C 200 . In 
practice this density correction is most c()n^’eniently ac¬ 
complished by subtracting 200 X B (see next paragraph) 
from the corresponding 0 values. The error introduced by 
this approximation into the calculated values of 02 oo is less 
than the uncertainties of the 0 values. Values of 02 oo are 
given in the fourth column of table 1 . 

B = apparent molal compressibility at 200 atmospheres pressure ex¬ 
pressed in cc. atm. ' X 10^. 

%d, 

Att ent ion is called to 1 he fact that no correct ion for t he change 
in density with pressure has been made, as was necessary 
in the calculation of the 02 oo values. The reason for this 
is that the compressibility actually measured is not the 
ideal coefficient but the average coefficient o\'er the pres¬ 
sure range 100 to 300 metric atmospheres and is calculated 
from the following measured quantities: 

^ Fo200 

Here AV refers to 200 atmospheres, but the V'ois the volume 
at 1 atmosphere pressure. While the value of this last term 
at 200 atmospheres pressure could be computed approxi¬ 
mately, the correction applied would be cancelled by the 
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correction that would then have to be applied to and 
di in calculating 5. In short, by not correcting either Vq 
or the densities we get E at 200 megabars pressure without 
any qualification. Since we shall not be able to use values 
of E at atmospheric pressure, we shall omit a designative 
subscript. With regard to the precision of these computed 
E values only the general statement can be made that they 
are the least precise quantities which we shall employ. As 
in tlie case of the apparent molal volumes, the uncertainty 
in E increases with decreasing concentration. Using so¬ 
dium chloride solutions as an example, the uncertainty in 
tlie E value of the most concentrated solution is probably 
only two units in the second decimkl, whereas in the 1 
molal solution the uncertainty may amount to at least one 
unit in the first decimal. Values of E are given in the fifth 
column of table 1. 

f = correction factor already defined (equation 5) as and 
is expressed in the same units as E. Both the and the 
k values used in these calculations were for systems under 
a pressure of 200 atmospheres. The k values used are 
given in table 2. Values of / are given in the sixth column 
of table 1. 

In view of the fact that the values of E are known only for systems under 
200 atmospheres pressure and that therefore our examination of equation 5 
is limited to such systems, we are obliged to consider first the question of 
the validity of Masson^s equation for systems under pressure. As a pre¬ 
liminary basis for the consideration of this question 0 and (^200 have been 
plotted (figure 1) against c* and c|qq^ respectively. The values of the 
Masson constants as found from the drawn lines in the graph are given in 
table 2, 

Concerning the <t>, — c* plots for systems under atmospheric pressure, 
only a few observations are needed. The deviations of the plotted points 
from the drawn straight lines are less than the estimated uncertainties of 
the plotted quantities. The Masson constants for some of the solutions 
under consideration have also been determined by Geffcken (5) and, for 
the sake of comparison, are given in parentheses in table 2. There is 
excellent agreement between the two sets of constants except in the case of 
the potassium bromide solutions. The deviation from the linear relation¬ 
ship which is very evident in the concentrated solutions of the two lithium 
salts has been noted previously at other temperatures. The concentration 
at which the linear relationship breaks down is a matter of some interest. 
Masson^s conclusion that the limit with lithium chloride solutions is a solu¬ 
tion with the composition LiCl + IOH 2 O is confirmed by our data (c* = 
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2.04), The limit for the lithium bromide solutions cannot be established 
so clearly. The limiting solution of this salt contains 24 to 30 moles of 
water per mole of salt. In the more concentrated solutions of these lithium 
salts <l> appears to be a linear function of the number of moles of water 
present. This question we intend to treat in a separate note. 



Fig. 1. Apparent Molal Volumes Plotted Against the Square Root of the 
Concentration when the Solutions Are under Atmospheric Pressure 
(Open Circles) and under a Pressure of Two Hundred Metric Atmospheres 
(Solid Dots) 

We shall look upon the plots for solutions under pressure as a 

means of testing Masson’s empirical equation for solutions under conditions 
entirely different from those for which the equation has previously been 
shown to hold. So far as can be judged from an inspection of the graph, 
the linear relationship holds as well for solution.s under pressure as for solu- 





960 


ARTHUR F. SCOTT AND RALPH W. WILSON 


tions at atmospheric pressure. Further evidence supporting this tentative 
conclusion will be presented in the discussion of the next figure. We shall 
have occasion to use the constants (table 2) of the drawn lines later. The 
value of ^200 has already been employed in computing the factor/ (table 1). 
Attention should perhaps be called to the fact that increase in pressure re¬ 
sults in an increase in 0® and a decrease in k. The only check on the present 
figures is with the <f> values of sodium chloride solutions. The difference 
between ^oo and here is essentially the same as that (0.85 cc.) found by 
Adams (1) for the corresponding change in the partial molal volumes of 


TABLE 2 

Values of const ants obtained from figure 1 


HAM 

! 


k 

; 

390 

LiCl . . 

17 10 

17.80 

1 45 

1.25 

LiBr 

24 75 

25.35 

0.75 

0.65 

NaCl . 

17.25 

(17.25) 

18.15 

1 90 
(1 92) 

1.70 

NaBr | 

24.45 

(24.45) 

25 31 

1.55 

(1.55) 

1 34 

Nal. 

36.45 

36.85 

1.08 

0.97 

KCl. . 1 

27 22 
(27 22) 

27.90 

2.13 

(2.2) 

2.00 

KBr 1 

34 55 
(34 27) 

35.15 

1.85 
(1 90) 

1.65 

i 

46.25 
(46 25) 

46 50 

1 45 
(1.42) 

1.40 


this salt, which in infinite dilution become identical with the apparent 
molal volumes. 

In concluding our discussion of figure 1 it may be noted that the drawn 
lines are extended only to the" concentration of the saturated solutions. 
For solutions at atmospheric pressure the necessary data were obtained 
from the measurements of Scott and Durham (18). The limits of the 
lines for solutions under pressure were determined by plotting the esti¬ 
mated value of ^ 00 , which was computed by the method already described 
from the ^ value of the saturated solution at atmospheric pressure as read 
from the graph. In this procedure no allowance is made for the change in 
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solubility of tiie salt with pressure, whicli would be negligible for the small 
change in pressure involved. 

In figure 2, values of (J5 + /) X 10^ are shown plotted against values 
of c|oo. From the fact that the plotted points fall so closely on the drawn 



Fig. 2. Plot Showing the Linear Relationship between the Apparent 
Compressibility Factor (S -|- /) and the Square Root of the 
Concentration 

straight lines it may be concluded reasonably that the relationship between 
(5 + /) and c* is linear within the limits of error of the quantities involved. 
Since this conclusion is in agreement with equation 5, which was derived 
from Masson^s equation, we have here additional evidence of the appli- 
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cability of this empirical rule to solution systems under pressure. As a 
matter of fact, since this method of testing the basic equation is a great 
deal more sensitive to error than the — c* plot, its outcome is especially 
valuable because it answers, so far as is possible at this time, the question 
of the validity of Masson's equation for systems under pressure. 

The drawn lines have been extrapolated to values of c = 0. The cor¬ 
responding values of 5° are given in table 3. These 5® values presumably 
represent simply the apparent compressibilities of individual ions, and 
consequently they might be expected to be the sum of the values charac¬ 
teristic of the component ions. That they are practically additive can be 


TABLE ,3 

Data hearing on the constants of equation 5 


i 

BALT 

-^0 X 10* 

§X10< 

-d(ln km) 
dP ^ 

CALCULATED 

NaCl 

41 20 

9 50 

5.58 

5.71 

NaBr 

32 20 

7 30 

5 45 

5 37 

NaT 

20.60 

4 95 

5 11 

4 53 

KCl 

35 80 

10 00 

5 00 

5 12 

KBr 

26 90 

7.75 

4 70 

4 69 

K1 . . 

16.00 

5 65 

4 03 

3 94 

LiCl . 

34 90 

8 05 

6 43 

1 (6 07) 

LiBr.. . 

26 00 

5 99 

9 22 

' (5 69) 


TABLE 4 

The differences between various combinations 


M 

^MCl ^MBr 

BMBr “ -B'mi 

X 

^NaX ^Lixj 

i>kx- -BkaX 


(8 9) 


Cl 

6 3 

5.4 


9 0 

11.6 

Br. 

(6 2) 

5.3 


8 9 

10.9 

I . . . 


4 6 


seen from the summary in table 4 of the differences between various com¬ 
binations. The differences involving 5® of potassium iodide deviate 
slightly from the other corresponding differences; this is probably due to 
the greater uncertainty of the data of these solutions. 

With the exception of the two lithium salts the upper limit of the drawn 
lines is the concentration corresponding to the saturated state as found in 
figure 1. The upper limit of the lines representing the solutions of lithium 
salts is the assumed limit of the applicability of Masson's equation. In 
the case of the lithium bromide solutions, the dotted line represents the 
variation of E with c* over the concentration region where/might be taken 
as zero since k (figure 1) is here approximately zero. 
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The slopes of the drawn lines are given in column 3 of table 3 and ac- 

dk 

cording to equation 5 are equal to — — at 200 atmospheres pressure. The 

dr 

values of this constant are very nearly the same for sodium and potassium 
salts with a common anion, a fact which suggests that the effect of pressure 
on k is determined largely by the nature of the anion. The ratio (— 

^/fc)joo is equal to — ^ ~ ~ ~ is also given in table 2. 

3k 

A rough check of tlie values of and-can be found in an exami- 

dP 

nation of the Masson constants given in table 2. If 5" is taken to he the 
average decrease in <t> over the pressure range, 1 to 200 atmospheres, then 
2005® should give approximately the difference 0® — <^>® 2 oo. Similarly, the 
approximate difference k — A: 2 oo can be calculated from the values of 

The average difference between 0® — 0®2oo and 2005® is only 0.07 


3P 


dk 


k 2 oo and 200 ^ amounts to 
3P 


cc., and the average difference between k 
a little less than 0.04 unit. 

Before we take up the interpretation of the various properties of solu¬ 
tions which we have been able to derive from our data, it is desirable to 
consider first the derivation of an expression giving the compressibility 
coefficient of solutions, /3, as a function of concentration. According to 
equations 1 and 3 we can write 

ff, ^ V — 7iiV\ ~ kc^ -f <t>^ 


The differentiation of this equation with respect to pressure yields an 
expression which reduces to 


dtp 


= — Vfi -|- Wi T 


/dk\ k \ , - 


Now, substituting (V — 0) for 7iiVu —~ for V, and kc^ + 0® for 0, we get: 

c 


/lOOO k A 


dP 


" 1000 

(' 


ike^ + 






which finally takes the form 


■ (iSi + .1 f - Z)c5] 


( 6 ) 


2000 
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where the constant A is 


and D is 




Attention should be called to the fact that this expression for i3 as a func¬ 
tion of concentration depends only on Masson^s equation. Since it in¬ 
cludes all the constants which we have obtained from the plots shown in 
figures 1 and 2, a good check on the consistency of our operations would be 
afforded by a comparison of the calculated and observed values of jS. The 
necessary calculations have been carried out and the average absolute 
differences between calculated and observed /3 values are listed below: 

Salt.. . NaCl NaBr Nal KCl KBr KI 

Number of solutions. .5 4 4 3 4 5 

Average difference 0 07 0.03 0.05 0.07 0 06 0.06, 

The magnitude of these differences is only slightly greater than the esti¬ 
mated uncertainties of the compressibility measurements. It should be 
noted, however, that in practically all cases the calculated values were 
smaller than the observed ones. This difficulty arises from the fact that 
is not the ideal coefficient and that the calculation of C 200 is an approxima¬ 
tion. To illustrate the sensitiveness of equation 6 to the last-named factor, 

dk 

it may be mentioned that an average increase of 0.05 unit in — would 

Or 

completely remove the apparent defect in the calculated values. 

From the combination of his E — and Masson^s equation, Gucker (10) 
derived an expression which is the same as equation 6 wuth the denomina¬ 
tor term missing. His derivation may be questioned on the ground that 
his apparent compressibility function is not mathematically consistent with 
Masson’s equation. 

The consideration of the significance of the apparent volume and the 
apparent compressibility is most conveniently approached from the stand¬ 
point of the relationship that exists between them. This relationship is 
gotten directly by eliminating the c* term from equations 3 and 5 and is 

{ - 7 ^ j 4>c + const. 


The subscript c is used to indicate that the twT) variables refer to the same 



Fig. 3. Plot Showing the Linear Relationship between the Apparent Com¬ 
pressibility Factor (5 4- /) and the Apparent Volume of the 
Solute as the Solution Concentration Changes 
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concentration. Values of the coefficient - have already been given in 


dP 


table 3. The “constant'^ is equal to (5® 


din A; 
dP 


0®). In figure 3 this 


linear relationship is depicted for the eight solutions for which we have 
the necessary data (table 1). In the direction of decreasing B and ^ the 
lines have been extended only to the point where the values of the two vari¬ 
ables correspond to those derived from figures 1 and 2 for infinitely dilute 
solution, c = 0. The other extreme of the actual solution state, the 
saturated solution, is indicated on each line by an open circle. 

In taking up the examination of this graph we shall consider first an in¬ 
terpretation of the plotted terms. The apparent volume is usually re¬ 
garded as equal to the volume of the solute minus the contraction («) 
undergone by the solvent: 


<i> - <f>* — K 


(7) 


The mechanism of the contraction is not clearly established. By some 
investigators it is represented as a compression of the solvent (electrostric- 
tion theory), and by others as a change in the grouping of the water mole¬ 
cules (polymerization theory and structural theory). Since the volume 
of the solute is supposed to be practically constant, the change in 0 with 
concentration would have to be attributed to a change in k. From the 
viewpoint of even this simplified picture of 0, the E concept is relatively 


complex. 


The magnitude of the calculated quantity 



d<t> 

^Jmay 


be looked upon as the net result of three different effects produced by pres¬ 


sure: (1) a decrease in the contraction 



which would act to increase 


^ and which probably overshadows the other effects; (2) a decrease in the 


domain of the solute 



which would tend to decrease <t>; and (3) an 


increase in the concentration which normally produces an increase in 0. 
The increase in 0 which results from this increase in concentration is, as 
has already been pointed out, equal to the factor /. Hence the plotted 
term {E + /) represents only the resultant of the two effects described 
above under U) and (2). 

With regard to these two opposing effects some further qualitative com¬ 
ments may be made. The magnitude of the contraction k is conceivably 
determined by t he properties of the individual ions, by the amount of the 
solvent affected, and by the state of the solvent. If pressure altered only 
the last factor (e.g., decrease in polymerization), it is conceivable that the 


resulting change 



would be proportional to the initial value of the 
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contraction. The magnitude of the variation in the domain of the solute 
^ would depend primarily on the nature of the environment (oppo¬ 

sitely charged ions or solvent molecules) and would therefore vary with 
concentration. It may be remarked here also that positively and nega¬ 
tively charged ions might differ considerably in their action on the water. 
Such a difference would be reflected in the magnitude of the quantities 


Bk 


and 


d<l>^ 


On the basis of the foregoing interpretation of the plotted terms it will 
be of interest to consider certain features of the graph. We may look upon 
the infinitely dilute solution as the simplest state because of the absence of 
the complicating interionic effects, but even here a definite analysis of the 
^^apparent’^ concepts faces obvious difficulties. Thus, although the con¬ 
traction presumably has a maximum value, its magnitude is unknowm. 
Similarly, the significance of tlie various values is obscure because the 
value of neither component factor is known. Attention should perhaps be 
called to the fact that both the and 5® values of the solutions of the two 
lithium salts are abnormally high, if the solutions of the sodium and po¬ 
tassium salts can be regarded as normal. Tliis irregularity is undoubtedly 
associated with the assumed existence of chemically hydrated lithium ions. 
In this case if the limited amount of water of hydration has undergone a 
large contraction, it must be supposed that the hydrated ion has less effect 
on the solvent than the simple unhydrated ion would have. 

The existence of a linear relation between B +f and </> is somewhat puz¬ 
zling because it means that the changes in k and the net change in 




resulting from a change in concentration are propor¬ 


tional over the entire concentration range of solution. This statement of 


ddr 

the relationship would be quite understandable if the term were 


inde- 


d K 

pendent of concentration because of the possible direct dependence of ” on 

the magnitude of k. To take account of the presence of the ^ terra it 

would be necessary to assume that the variation in this term also is directly 
proportional to k, A possible mechanism can be pictured as follows. It may 
be supposed that only the solvent molecules in direct contact with an ion are 
involved in the contraction of the solvent. It may be imagined further 
that with increasing concentration of the solution, these molecules are 
partially replaced by oppositely charged ions, resulting in a decrease in 


K and a variation in the magnitude of 


dP 


If these two effects were pro- 
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ddy 

portional to the number of solvent molecules displaced, then the factor 
Bk 

might, like —> be proportional to k. In short, this argument would lead 
dP 

to the conclusion that the slopes of the lines drawn in figure 3 are the 

aP 

sum of two proportionality factors, one representing the relationship be- 
Bk 

tween k and —which would be the same for all solutions, and the other, 
BP 

Bd)*^ 

the relationship between k and which would depend on the difference 

between the ion-ion and the ion-solvent forces. The fact that the slopes 
of the lines are very nearly the same would seem to be in accord with this 
simplified argument. An attempt to find a quantitative expression for 


TABLE 5 


Data hearing on the C-state 


SALT 


(h* 


NaCl . 

4.26 

25 7 

50.4 

NaBr. 

5 07 

31 5 

46 6 

Nal. . ,. 

7.08 

41.5 

44 2 

KCl. 

5.63 

35.5 

70.1 

KBr.. 

6.70 

41 5 

68.2 

KI . . . 

8 54 

51 6 

76.7 


in accord with the foregoing interpretation, resulted in the following; 

BP 

- = 7.48 X 10-* - (8) 

or 

Values of the slopes calculated by means of this equation, using the 
data given in table 5, are given in the last column of table 3. They are in 
good agreement with the values derived from the experimental data. Al¬ 
though the expression is of the ^ype expected, it is nevertheless only em¬ 
pirical. It is a curious fact that the figure 7.48 X 10is exactly the molal 
compressibility of pure water. 

Up to this point in our discussion we have attempted to sketch an inter¬ 
pretation of the apparent molal compressibility concept along rather con¬ 
ventional lines. In this case, as with other relationships involving the 
^^apparent” properties of solutes, a more definite treatment is out of the 
question until at least one of the unknown component factors can be es- 
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tablished with some degree of certainty. It may be of interest therefore 
to describe briefly a possible procedure for estimating the volume of the 
solute 0* on the basis of the relationships we have been considering. 

The problem resolves itself into an estimation of 0 == </>* in the hypo¬ 
thetical limiting solution state where the number of moles of water present 
is zero, because in this state k would be presumably zero. The procedure 
which we shall employ rests on two postulates which may be stated here: 
(1) the variation of and (E +/) with concentration beyond the saturated 
state^ is the same as obtained in actual solution and can be represented by 
equations 3 and 5, respectively; and (2) the volume of the solute is inde¬ 
pendent of concentration. 

Masson sought to calculate the desired limiting value 0’*' directly. If 
the condition n = 0 is imposed (equation 1), the resulting maximum value 
of the apparent molal volume 0m can be calculated readily witli the aid of 
the Masson constants. The acceptance of the 0m state as the desired hypo¬ 
thetical limiting state has been questioned (17) on the ground that the con¬ 
dition employed (n = 0) does not take into account the forces (interionic 
and ionic-solvent) which arc effective in the solution state. 

The condition which we propose to use for the estimation of the hypo¬ 
thetical critical state is the compressibility of the crystalline solute. The 
basis for this condition is to be found in the fact that a part of the ions in 
concentrated solutions must be in contact. It is reasonable to suppose, 
therefore, that tliese ions in contact are subject to the same mutual forces 
as in the crystalline state and that they tend to form aggregates of a crys¬ 
talline character. Since the fraction of ions in contact increases with 
concentration, it may be imagined that the desired limiting state corre¬ 
sponds to the concentration where all the ions form part of lattice frag¬ 
ments. Such a supposition is not in conflict with the present theories of 
concentrated solutions. Its plausibility is also suggested by some of the 
properties of the Masson relationship. Thus, the constant k appears (16) 
to be a function of the crystal ionic radii. Further, it has been shown (17) 
that the 0m values of the alkali halides are linearly related to the correspond¬ 
ing volumes of the crystalline salts. In this connection, too, it is perhaps 
significant that the compressibility of the crystalline salt can be used in 
equation 8. 

The concentration at which the solute has the same compressibility as in 
the crystalline form is readily calculated. Since {B -f- /) is the molal com¬ 
pressibility of the solute and in the limiting state w^ould be the molal 

* Longworth (J. Am. Chem. Soc. 54, 2748 (1932)) gives another empirical relation¬ 
ship between <f> and the number of moles of water in sodium chloride solutions, which, 
he points out, gives directly a value of 0* = (=22.85). 
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volume of the solute, it is only necessary to solve equations 3 and 5 for 
the concentration which satisfies the condition: 


These critical concentrations of the solutions of the sodium and potassium 
salts have been determined in this way, using the data already given in 
this paper. The jSsait values used were from the measurements of Bridg¬ 
man (3) and were recalculated to express the volume change per metric 
atmosphere instead of kilogram per square centimeter. The volume of the 
solute <t>c* and the volume of the solution Vc corresponding to this 
concentration have also been calculated and are presented in the following 
table. To avoid confusion we shall designate these properties with the 
subscript c and shall refer to the solution at this particular concentration 
as the C-state. It may be remarked here that from the nature of the calcu¬ 
lations the <l>* values have only a slight uncertainty, whereas the Vc 
values are in error possibly by several per cent. 

Points representing these values of (jB -f /)c and <l>c* are plotted in figure 
3. The relation between these two quantities appears to be represented 
quite satisfactorily by the straight line C. It is a rather curious fact that 
this line shows {B -f f)c to become zero when <f>e* equals 18 cc., the volume 
of 1 mole of water. The importance of the C-state to our problem is that 
it furnishes us with an estimate of the minimum value of the solute volume 
Regardless of the actual volume of the solute, its compressibility 
could hardly be less than that of the crystalline solid, in which state the 
ions are packed most closely and the repulsive forces between them are 
greatest. The maximum value of the solute volume would, as we have 
already indicated, be and, for the sake of comparison, these \'alues are 
also plotted in figure 3. Two lines, ilf, are drawn through points repre¬ 
senting salts with a common cation. 

In the case of the iodides there is very little difference between the C- 
and Af-states, a fact which enables the solute volume to be established 
within narrow limits. With regard to the chlorides and bromides the 
situation is not so simple. In the case of the bromides, however, there is 
one cogent argument against the acceptance of the M-state as the limiting 
solution state. The <f>m values ^of these salts are slightly less than the 
volumes of the crystalline salts, and yet the compressibility of the former 
is four or five times greater than the latter. Another fact in favor of the 
acceptance of the 0c* values as close approximations of the volume of the 
solute in solution is the close agreement with values found in an entirely 
different way. It has been shown (19) that the apparent molal volume of 
a salt in saturated solutions at different temperatures varies linearly with 
the square of the number of moles of water present in the solution. This 
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relationship yields a value of the solute volume <t>* for the solution state 
where the number of moles of water present is explicitly zero. The ratios 
between <t>* and <!>* are as foIlow^s: 

Salt . NaCl NalJr Nal KCl KBr KI 

d>.*Uc* . — 1 00 1 03 0.97 1.00 1.06 

Some difference between the two sets of volumes would be expected be¬ 
cause the </>«* values correspond to solutions at different and unknown 
high temperatures. The effect of temperature would not be expected to 
be very great, and tlierefore the fact tliat the ratios given above are not 
far from unity is further evidence in support of our interpretation of the 
00 * values. 

An objection to our determination of the T-state might be found in the 
manner in which the compressibility coefficient of the solution varies witli 
concentration in this hypothetical region of the solution state. According 


TABLE 6 

Data for the comparison of the C-stale and /3nnn 


HALT 

CONCENTRA¬ 
TION OF 
C'-8TATE 

CONCENTRA¬ 
TION OK 

^min 

jS AT 
C’-«TATB 

d AT 

1 

VALUES of/ 
AT C’-STATE 

NaCl. 

19.6 

14.0 

21.0 

18.9 

0 82 

NaBr 

21.5 

18 5 

15.9 

15.4 

0 50 

Nal . 

22.6 

25 0 

11.7 

11 0 ! 

0.22 

KCl 

14.3 

13.0 

22.3 

22.0 i 

0.84 

KBr 

14 7 

16.0 

19.2 

19.1 

0 52 

KI 

13.0 1 

23 0 

18 8 

15.0 

0.47 


to equation 6 the coefficient of each solution passes through a minimum. 
Since this fact may be of importance to our argument, the necessary data 
are tabulated in table 6, A comparison of the concentrations correspond¬ 
ing to the (7-state and the minimum in the compressibility coefficient shows 
that for three of the salts the C-state is in a region where is increasing 
with concentration. If this condition is physically unreal, then the ex¬ 
trapolation of Masson's and the derived relationships to the C-state would 
be of questionable legitimacy. On the other hand, the choice of Pmin. for 
the limit of the solution state yields negative values of B + / which are 
also absurd physically. It is difficult to decide how much significance is 
to be assigned to a minimum in the compressibility coefficient of a binary 
mixture, because a change in concentration produces a change in the 
amounts of both solute and solvent in a unit of volume. Perhaps a less 
obscure factor would be the compressibility of a volume of a solution con- 
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taining 1 mole of solute (iSF), because the variation which it undergoes 
with a change in concentration could be ascribed primarily to the loss of 
solvent. For the solutions under consideration, this property, the molec¬ 
ular solution compressibility, passes through a minimum at concentra¬ 
tions greater than those of the C-state. As a matter of fact, in the case of 
the sodium salts the concentrations of these minima and those of the C- 
state are almost the same. With regard to the factor /, which is a function 
of both the compressibility and the concentration, the following brief ac¬ 
count may be given. As can be seen from the data in table 1, / with in¬ 
creasing concentration increases rapidly at first and then tends to approach 
a constant value. In the hypothetical region of the solution / begins to 
increase again quite sharply, the point of inflection occuring very nearly at 
the same concentration as the minimum in /?. Values of / at the C-state 
are included in table 6, and, with the exception of the figures for the chlo¬ 
rides, they are not very much larger than the values of / in tlie saturated 
solution. For the sake of completeness this table includes values of the 
minimum value of and also the /3 value at the C-state, as calculated by 
equation 6. 

Because of the doubt which the compressibility minima cast on the sig¬ 
nificance of the (pc* values, especially in the case of the chlorides, additional 
evidence in support of the calculated solute volume of sodium chloride is 
quite welcome. From the standpoint of our interpretation of the apparent 
volume as expressed by equation 7, the solute volume becomes equal to 
the apparent volume when the contraction k becomes zero. Our procedure 
for the calculation of ^c* was based on the assumption that when no solvent 
is present in the solution, k must equal zero. There is another way in 
which K can be made negligibly small or zero. In accordance with the 
polymerization or structural theories of water we may postulate that the 
contraction results only from a change of the complex molecular state to a 
simple molecular state. Increase in pressure is supposed to reduce tlie 
number of complex molecules and thereby to act to diminish the magnitude 
of the possible contraction. It is this process which we have supposed to be 
the cause of the increase in the apparent volume with pressure. By 
increasing the pressure on a solution system sufficiently, the fraction of the 
complex molecules present should approach zero, and the apparent volume 
should accordingly approach a Constant limiting value which we would 
identify as the solute volume. Data with which to test this argument are 
to be found in the extensive series of measurements made by Adams with 
sodium chloride solutions at 25®C. The apparent molal volume at infinite 
dilution varies with pressure as follows: 

Pressure in atmos¬ 
pheres . 1 2000 5000 7000 8000 9000 10,000 

prince., . . 17.0 21.9 24.4 25.2 25.3 25.4 25.5 
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These volumes show the expected variation with pressure. From the 
graph (figure 8) given by Adams (1) the limiting value would appear to be 
slightly less than 25.7 cc., which is the value of <l>* calculated for sodium 
chloride. The agreement between the two entirely different estimations 
of the solute volume can be looked upon as support of our interpretation of 
the <f>* values. In this connection it is noteworthy that the volume of the 
crystalline salt at high pressures is not very different from the solute vol¬ 
ume. According to Adams^ graph the volume of the salt becomes 25.8 
cc. under a pressure of 1.2 X 10^ atmospheres instead of 27.0 cc. at atmos¬ 
pheric pressure. At this high pressure there remains practically no free 
space in the crystal lattice, and the volume of the salt must be very nearly 
that of the domains of the constituent ions. 

In view of the possibility that the calculated (l>* values might represent 
the volume of the solute in solution, it will be of interest to consider briefly 
some of the conclusions to which they lead. In the first place it should be 
noted that the <l>* values are additive; thus, the differences between the 
three anions are: 


M 

MBr ~ MCI 

MI - MHr 


cc 

cc 

Na . 

6.8 

10 0 

K.. . 

6 0 

10 1 

Calculated 

5 6 

1 

9 9 


This particular set of differences is given because it affords a clue to the 
meaning of the term “volume of solute/^ If we assume that the anions 
have the same radii as in the crystal lattice, then the differences found 
are practically the differences in volumes of cubo-octahedra circumscribed 
about the ionic spheres. These calculated differences are given in the last 
row of the above tabulation. This outcome is in accord with the supposi¬ 
tion (17) that the volume of the solute in solution is the domain of exclu¬ 
sion, the space within which adjacent ions or water molecules do not pene¬ 
trate. If for the purpose of calculation we assume that the anion volumes 
are the volumes of these cubo-octahedra, then the volumes of the cations 
in the different salts are as follows: 

Vhlarvit Bromide Iodide Cube Cubo-octahedron 

Nh . 3.6 3.8 3 9 4.2 3 2 

K . .. . 13 4 13 8 14 0 11 4 8 8 

Two different calculated volumes of the crystal ions are also given to show 
that the order of magnitude of the cation volumes in solution is what might 
be expected if they are the domains of exclusion of the crystal ions. 
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The domain of exclusion of an ion probably depends somewhat on 
whether the ion is surrounded by oppositely charged ions (C-state) or 
water molecules (infinite dilution). If we assume, however, that the 
change is negligibly small, then according to equation 7, the difference 
ff,* — fffi is equal to the maximum contraction which the water undergoes 
as a result of the ionic forces. Values of this contraction are given below^ : 

Salt. . ..NaCl NaBr Nal KCl KBr K1 

(0c*- 00) in CO 7 5 6.2 4.6 7.6 6.3 5.1 

A scrutiny of these figures reveals at once that k depends only on the anion 
involved. This could mean that sodium and potassium ions produce no 
contraction or that they produce the same contraction. No decision be¬ 
tween these alternatives can be made at this time. That there is a de¬ 
cided difference between the influence of the cation and anion and that the 
influence of the latter is predominant has been conjectured by several 
investigators on other grounds. 

Using these figures for the contraction of the solvent, it is possible to 
carry out a number of interesting calculations. For instance, fairly good 
estimates can be made of the number of winter molecules affected and 
also of the compressibility of the solute domain in infinite dilution. Tliese 
suggested calculations have been made and yield (luite plausible results. 
There is no point in considering them, how^ever, until the interpretation of 
the basic <!>* values is better established. 

In concluding this study a brief reference will be made to earlier work 
dealing with the compressibility of solutions. Rontgen and Schneider 
(14) proposed a simple formula for the variation of with percentage con¬ 
centration of salt in solution. For a time they believed that at the upper 
limit of the solution state (per cent salt = 100), became equal to jSsait- 
This view is of interest because our calculation of the C-state makes use of 
the same assumption in a somewhat different form. 

In 1897 Gilbault (8) published the results of an extensive series of com¬ 
pressibility measurements of salt solutions at 20®C. over the pressure range 
0 to 300 atmospheres. He concluded that the variation of the compressi¬ 
bility could be represented by an expression which may be written as 
follows: 


(in Mo — Ip ti)d 
U'di 


k 


where /io = the compression of 1 mole of water 


18 

di 


Pi 


M = the ‘‘molecular compressibility^' of the solution. If we let 
V ~ number of ions per molecule of salt, N = moles of 
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water per mole of salt, and c = concentration in moles per 
liter, then 

1000 


»- Fi--. 

d, di = densities of solution and pure water, respectively. 

= a constant characteristic of each salt. 

The significance of this equation lies in the utilization of m, which gives the 
volume change of an amount of solution that contains always the same 
total number of water molecules and ions. 

Gilbault calculated the values of A* for eighteen salt solutions and found 
them to be constant within 0.3 per cent over a wide concentration range. 
Permann and Urry (12) recently tested the equation with their compressi- 


TABLK 7 

Vnr\nhon of calrulafcd values of k wtth concentration 



i ON( EN* 
TRATION 

.5 608 
.S 240 

1 057 

1 087 

0 497 

k 

(c vu r- 

I ^ted) 

HM.T 

CONCEN¬ 

TRATION 

k 

\ (calcu¬ 
lated) 

1 

1 

NaCl 1 

ii 

1 518 

1 492 

1 446 

1 1 401 

1 329 

NaBr 

7 396 

4 099 
2.307 

1 206 

1.667 

1 461 

1 268 

1 237 


bility data for solutions of sucrose, urea, potassium chloride, and calcium 
chloride over the temperature range 30"80®C. and found that the agree¬ 
ment between the calculated and observed values of “is surprisingly good 
considering the range of concentration covered. It suggests that dissocia¬ 
tion is complete in electrolytic solution, thus confirming the theory of 
Debye and Hiickel.'' On the other hand, a test of Gilbauh/s equation 
with our data reveals the equation to be quite unsatisfactory. For ex¬ 
ample, as can be seen in table 7, the calculated values of the characteristic 
constant vary markedly with concentration. Curiously enough, practi¬ 
cally constant values of A; = 1.562 are obtained for the chloride solutions if 
the compressibility of water is taken equal to 42.4 X 10 instead of 
41.8 X 10*^. But in order to get fairly constant k values for the bromide 
solutions a still higher value for jdi (43.6 X 10”®) must be assumed. This 
result would indicate that the original equation is insufficient to represent 
the variation of ^ with composition and density of the solution and that 
the equation requires another factor, constant for each solute, added to the 




976 


ARTHUR F. SCOTT AND RALPH W. WILSON 


term. The only other criticism to which Gilbault’s equation has been 
subjected was made by Tamman (21), who pointed out that the experi¬ 
mental precision claimed by Gilbault would mean that the temperature of 
his thermostat bath was held constant to within 0.0001®C. Tamman 
estimates that the actual uncertainty in Gilbault^s data amounts to 1 to 
3 per cent and in some cases may be even greater. 

The reason for considering Gilbault's equation in such detail is the rela¬ 
tionship between the “constant’’ k and our factor B®. Taking mo equal to 

aW 

ViPi and M equal to (1 — a) Vifii — we can write Gilbault’sexpression as 



Since at infinite dilution a approaches 0, we have 

In other words, for a series of salts of the same valence type should be 
linearly related to the Gilbault constant k The values of calculated 
from the k values given by Gilbault cannot be compared with our values 
because of the difference in temperature involved. However, the differ¬ 
ence between the two sets of values is not only too large to be attributed 
solely to the effect of temperature but depends in magnitude on the cation 
of the salt. If we use the information obtained from our data for sodium 
chloride solutions {k = 1.562 when Pi = 42.4 X 10“®), B®, calculated by 
the above equation, is 39.8 X 10This figure is not exactly the same as 
that (41.2 X 10“^) given in table 1 but the difference may arise from the 
fact that the last figure applies to systems under 200 atmospheres, whereas 
the other has not been calculated so rigorously. In any case it may be 
concluded that Gilbault’s equation in the original form is too simple 
and that the introduction of another factor as was suggested above may 
perhaps remedy the difficulty. 


SUMMARY 


Evidence is presented to show that Masson’s equation ^ = kc^ + <lfi is 
applicable to solution systems under pressures of 200 metric atmospheres. 

The relationship between the apparent molal compressibility and the 
concentration is derived from Masson’s equation. This relationship is 
used to determine the apparent molal compressibilities of solute at 

infinite dilution which are shown to be additive, and also the values of 


dk 

Up 


for different solutions. 
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By combining the apparent compressibility relationship with Masson's 
equation an expression is obtained which gives the compressibility coeffi¬ 
cient of the solution (^) as a function of concentration. 

The significance of the variation of the apparent compressibility with 
the apparent volume is considered from the standpoint of the contraction 
of the solvent resulting from the effect of the solute. . On the basis of these 
considerations the volume of the solute in solution is calculated on the as¬ 
sumption that the limit of the solution state is reached when the compressi¬ 
bility coefficient of the solute in solution equals that of the crystalline salt. 
Although these hypothetical calculated volumes are subject to some quali¬ 
fication, they are shown to be of the expected order of magnitude and to be 
additive. The use of these solute volumes leads to the conclusion that the 
cations (Na+, K+) produce the same or no contraction of solvent, and the 
anions cause a contraction which decreases in the sequence Cl~, Br~, I~. 

The single constant of Gilbault’s equation, which relates the compressi¬ 
bility coefficient of a solution to the density and percentage composition, 

is shown to be a simple function of"^ and the valence type of the electro- 

lyte. However, a test of Gilbault^s equation indicates that it is not valid 
in the original form and that the introduction of a second constant is per¬ 
haps necessary. 
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'Die viscosity of aqueous electrolyte solutions is occupying considerable 
attention at the present time. The empirical equation put forward by 
Jones and Dole (9) relating the relative fluidity, <pr = <^c/Vo, to the square 
root of the concentration, c (in moles per liter), 

<Pr =* 1 — A\/c R’C -1“ ..• 


has been theoretically derived from considerations of the Debye-Hiickel 
theory (3, 4, 5,14), and the Falkenhagcn constant for a dozen electro¬ 
lytes has been evaluated experimentally through numerous recent measure¬ 
ments (7, 8,10,11,15) and the interpretation of some earlier viscosity data 
(1, 6, 13). 

In the course of some investigations in progress in this laboratory, we 
found occasion to measure the viscosities of solutions of lithium cliloride 
in acetone with sufficient accuracy to warrant interpretation of our results 
in the light of the interionic attraction theory as a test of the Falkenhagen 
equation when applied to non-aqueous solution. 

EXPERIMENTAL 

Apparatus 

The viscometer has been previously described (7). The probable error 
of a determination of relative viscosity as the average of a pair of observ a- 
tions (from four determinations of the viscosity of acetone involving twelve 
observations) is, by the method of least squares, 0.02 per cent. 

Materials 

The lithium chloride used was '^Baker’s Analyzed;'’ it was recrystallized 
from conductivity water, dried, crystallized from purified acetone, and 
dried. The acetone used was “Coleman and Bell's c. p.;" it was distilled 
from alkaline permanganate, dried over anhydrous calcium chloride, and 
slowly redistilled. Its boiling point was 55.05®C. at 735.4 mm. (un- 
corrected). 
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Solutions 

Solutions were made up by weight, the dilute solutions being made by 
weighing in additional acetone to a weighed portion of a more concentrated 
solution. The solutions were kept in closely stoppered Pyrex flasks in a 
dark closet; the viscosity of the most concentrated solution measured at the 
end of the experiments agreed with the viscosity measured at the beginning 
within the limit of experimental error. Concentrations were calculated to 
moles per kilogram of solvent, m. 

Densities 

The densities of acetone at 18 and 25®C. were determined as 0.7923 and 
0.7844. The densities of three solutions were determined at 25°C. as 
follows: 


p 

0.7905 
0.7932 
0 7967 

These values established the relation: 


m 

0.1726 

0.2591 

0.3454 


P 25 = 0.7844 -f 0.036m 


In view of the relatively small temperature interval of 7®C., constancy of 
the partial molal volume of lithium chloride was assumed, whence: 


Pi8 = 0.7923 + 0.036m 


From these densities, the concentrations were calculated to moles per 
liter of solution, c. 


Data 

The experimental results are summarized in table 1. 

INTERPRETATION OP RESULTS 

When the values of (r; — l)/c were plotted as ordinates against the corre¬ 
sponding values of c as abscissas, a pair of concave sagged curves were 
obtained which exhibited minima at about 0.16 mole per liter. While 
~ l)/c is strictly the slope of the chord connecting a point on the vis¬ 
cosity-concentration curve with the origin, it approximates the slope of the 
curve at the point; thus the initial downward slope of these curves corre¬ 
sponds to negative curvature in the curves, and the minimum to a 
point of inflection in the latter. These plots of the “Griineisen function^* 
emphasize that the negative curvature of the tj-c curve is more pro¬ 
nounced at the higher temperature, in contrast with the behavior of elec¬ 
trolytes in aqueous solution (1). 
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When the values of {tpr — l)/\/c were plotted as ordinates against the 
corresponding values of Vc as abscissas, the points located a pair of approx¬ 
imately straight lines which intersected the axis of (v?r — 1)/ Vc between 
—0.02 and —0.03. The “best” straight lines tlnough the points were 
established by the method of least squares as: 

{iPr - l)/\/c = - 0.0213 - 0.423 V£at IS^C, 

{iPr - l)/\/c = ~ 0 0349 - 0.382 Vc at 25°C. 

The deviations of the fluidities calculated by these equations from the 
observed fluidities were considerably greater than the probable error of 

TABLE 1 


ViHcosily and fluidity of lithium chloride in acetone 


NO OP 
RONB 

c 


rij% == ri 

(i? - l)/c 


Vc 

(^,“l)/Vc 

rhes 





At 18°C. 




3 ! 

0 2739 

0 8046 

1 14535 

0 531 

0 87309 

0 5234 

-0.2425 

268.3 

3 

0 1368 

0 7984 

1.0711 

0.520 

0.93362 

0.3699 

-0 1795 

286.9 

4 

0 07771 

0,7958 

1.0435 

0.560 

0.95830 

0.2788 

-0.1496 

294.5 

3 

0 03429 

0,7939 

1.0211 

0.615 

0.97934 

0.1852 

-0.1116 

301.0 

3 

0 00863 

0.7927 

1.0055 

0.637 

0.99453 

0.0929 

-0.0589 

305.6 

4 

0.00431 

0 7925 

1.0027 

0.626 

0.99731 

0 0657 

-0.0410 

306.5 

10 

0 

0 7923 

1.0000 


1.00000 



307.31 


At 25°C. 


5 

0 2712 

0 7967 

1.1402 

0 517 

0.87704 

0 5208 

-0.2361 

288.15 

3 

0 13545 

0.7905 

1.0685 

0.506 

0.93589 

0.3682 

-0 1742 

307.5 

4 

0 07694 

0.7879 

1.0421 

0 547 1 

0.95959 

0.2774 

-0 1457 

315.3 

3 

0.03395 

0.7860 

1.0193 

0 596 

0.98106 

0.18425 

-0.1028 

322.3 

4 

0 00854 

0.7848 

1.0052 

0.609 

0.99483 

0.0924 

-0.0559 

326.85 

12 

0 

0 7844 

1.0000 


1.00000 



328 55 


the measurements—about 0.15 per cent on the average—and showed a 
definite trend indicative of curvature. Assuming the validity of the equa¬ 
tion of Jones and Dole, 

<Pr — \ — i4Vc — Be 

the value of the Falkenhagen constant is 0.028, on the av erage. 

Plotting (<pr — l)/\/c against Vc, and (rj — l)lVc against \ c on large 
sheets of coordinate paper, and fitting spline curves through the points, we 
obtained 0.024 as the graphical value of the constant at both temperatures. 
E. L. Vernon has privately communicated a calculated value, 0.0237 at 
25®C. (cf. reference 5). 
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In order to bring out the inflection of the ri-c curves, a function was 
sought which would emphasize the curvature without introducing the 
objectionable feature of the Griineisen function, i.e., that the points located 
by small values of c become exceedingly sensitive to experimental error and 
tend to scatter. Such a function was found when the divergences of the 
observed fluidities (in rhes) from ideality were tabulated against the 
corresponding concentrations (table 2). The fluidity which the solution 
would have if it were ideal was calculated by Bingham^s equation (2): 


^ = atpi -h 

where <pi is the fluidity of acetone and a its volume fraction in the solution; 

TABLE 2 


The values for the differential function, 


c 

♦ 

(ideal) 

(observed) 

difference 

DIFFERENCE — lOOc 

At 18°C. 

0.2739 

305 6 

268 3 

37.3 

9.91 

0.1368 ’ 

306 45 

286 9 

19.55 

5.87 

0.07771 

m 8 

294.5 

12.3 

4.53 

0.03429 

307.1 

301 0 

6.1 

2 67 

0 00863 

307.25 

305 6 

1 65 

0 79 

0 00431 

307 3 

:306 5 

0.8 

0 37 

0 

307 3 

307 3 

0 0 

0 00 

At 25°C. 

0.2712 

326 5 

288.15 

:^.35 

11.23 

0 13545 

327.5 

207.5 

20.0 

6.455 

0.07694 

328.0 

315 3 

12.7 

5.01 

0.03395 

328.3 

322.3 

6.0 

2.60 

0 00854 

328 5 

326.85 

1.65 

0.80 

0 

328 .55 

328 55 

0 0 

0.00 


the fluidity of lithium chloride (solid), tm, is zero. Fluidities are plotted as 
a function of concentration in figure 1; the straight lines show the theoreti¬ 
cal additive fluidity relationship. The slopes of the theoretical fluidity 
curves are computed from the solution containing 0.3454 mole of lithiiun 
chloride per kilogram of acetone: 0.2739 and 0.2712 mole per liter of solu¬ 
tion at 18 and 25“C., respectively. The salt has a (dry) volume of 7.09 
cc., the acetone a volume of 1262.15 cc. at 18®C. and 1274.86 cc. at 25°C. 
The volume fractions of acetone are therefore 0.9944 and 0.9937, and the 
fluidities (0.9944 X 307.3 =) 305.6 and (0.9937 X 328.55 =) 326.5 rhes at 
the two temperatures, respectively. 




VISCOSITY AND FLUIDITY OF LITHIUM CHLORIDK 


983 


When values of A^> = — 100c were plotted as ordinates against 

corresponding values of c as abscissas, an exaggeration of the curvature of 
fluidity-concentration curves was effected, which clearly marked the point 
of inflection at 0.16 mole per liter (see figure 2). 

The marked positive curvature of the ^c curves may be interpreted 
as evidencing some sort of combination between solvent and solute, which 



we may call solvation. Another evidence for solvation was adduced by a 
consideration of the partial molal volume. Using the densities measured 
at 25®C. and the equations of density derived therefrom, the apparent 
molal volume was computed for lithiimi chloride in solutions containing 
1000 g. of acetone and n? moles of salt, over the range of concentration 
ng = 0 to 712 = 0.5 by means of the defining relation (12): 

^ (V - TiiVi) 
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Plots of J against n% and plots of f against log th gave values of the par¬ 
tial molal volume of lithium chloride, ranging from —5.0 cc. at infinite 
dilution to practically constant values of —4.0 cc, at 18®C. and —4.3 cc. 
at 25®C., over the range of concentration covered by viscosity measure¬ 
ments. 



The departure of the fluidity cufves from ideality (figure 1), apparently 
measures the resultant of three factors: (1) the stiffening effect due to 
interionic attraction, (2) the increase in fluidity due to dissociation (1) 
of molecular complexes which may be supposed to exist in acetone as a 
pure phase, and (3) the decrease in fluidity due to solvation. By making 
certain assumptions, however, ‘‘apparent solvation numbers'^ may be 
calculated; consideration of these numbers appears worthy of notice. 
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The stiffening effect may be calculated from the Falkenhagen relation, 

Vo 


which transforms into 




— — A\/ ^ 


C ipe 


where v’o and are the fluidities of solvent and solution (iji rhes), respec¬ 
tively. The value of (pc is assumed to be the fluidity of the ideal solution 
at the concentration c, since the Falkenhagen relation has been shown to 
hold in very dilute solution, and effects of dissociation and solvation are 
neglected. In the solution containing 0.3454 mole of lithium chloride per 
kilogram of solvent, there is 0.2712 mole per liter of solution at 25°C.; the 
observed fluidity is 288.15 rhes. This is a decrease of 38.35 rhes from the 
ideal fluidity, 326.5 rhes. Of this decrease, {Ay/c (Pc =) 4.71 rhes is due 
to interionic attraction. To yield a fluidity of (288.15 + 4.71 =) 292.86 
rhes in ideal solution, since 


4> = Of^i 

it follows that the apparent volume fraction, a, is (292.86/328.55 =) 0.8914, 
while the ideal volume fraction is 0.9937—a decrease of 0.1023 or 10.3 per 
cent. The decrease in a is assumed to mean that 10.3 per cent of the ace¬ 
tone combines with lithium chloride to form a solvate. Since in 1000 g. 
of acetone there are 17.23 moles, 1.775 moles of acetone unite with 
0.3454 mole of lithium chloride, an apparent solvation number of 5.14. 
Solvation numbers calculated similarly for the four most concentrated 
solutions gave as the av'crage value 5.57 ± 0.17 at 18° C. and 5.21 zb 0.12 
at 25°C., without trend. The approximate constancy of the degree of 
solvation is in accord with the approximate constancy of the partial molal 
volume. 

While these numbers represent tin* resultant of two opposed efft*cts, 
solvation tending to decrease the fluidity and dissociation of (CHaCOCHa)^: 
complexes tending to increase the fluidity, they approximately measure the 
solvation effect; for the degree of association, a, for acetone is small in 
comparison with water, and the temperature coefficient of viscosity for 
acetone being small, it may bo assumed with a high degree of probability 
that the increments of fluidity at 18 and 25°C. due to change in the ^ alue 
of (T effected by the solute are nearly equal,—for nearly equal numbers of 
(CHaCOCHa)* complexes come within the sphere of influence of the solute 
particles at both temperatures. Thus the apparent soh*ation numbers are 
nearly proportional to the true degree of soh ation. 
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SXTMMARV AND CONCLUSION 

Measurements have been made on the viscosity of acetone solutions of 
Kthium chloride at IS^C. over the range 0.004 to 0.274 mole per liter, and 
at 25®C. over the range 0.008 to 0.271 mole per liter. 

The stiffening effect on the solution due to the electric forces of the ions 
in tending to maintain a space lattice structure has been observed. The 
value of the constant A obtained compares favorably with the theoretical 
value as calculated by Falkcnhagen and Vernon. 

Fluidity-concentration curves are shown to be highly inflected. It is 
suggested that the complexity of the fluidity-concentration relationship 
expresses the resultant of three factors: interionic attraction—most effec¬ 
tive at extreme dilution—and a solvation effect superimposed upon the 
effect which a solute itself exerts in decreasing the fluidity of the pure sol¬ 
vent. 

Evidence for solvation is adduced, and measures of the degree of solva¬ 
tion are obtained. 
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Conduction of Eleclrictty Through Gasen. By Siii J. J. Thomson and G. P. Thomson. 
Third edition, Volume II. 608 pp. Cambridge: Cambridge University Press, 
1933. New York: The MacMillan Company, 1933. Price: $6.50. 

The volume treating ionization by collision and gaseous discharge completes the 
third edition of this well-known work originated by Sir J. J. Thomson. 

In spite of, or rather because of, the vast amount of material dealt with, the re¬ 
viewer gets the impression that this, the third edition, cannot occupy the command¬ 
ing position which the first edition did thirty years ago in the then much newer and 
narrower field of electrical discharge in gases. This is not meant as a criticism of 
the admirable compilation. The field presents so many possibilities and com¬ 
plexities that it has expanded enormously in various directions, experimental and 
theoretical. It is no longer possible to give equally adequate treatment to all the 
phases of the subject in the compass of two volumes. The task is not rendered easier 
by the fact that physics has been making major advances along a broad front with 
such rapidity that the conquered terrain has not 3 ^et been properly cleared up and 
unified in a way that makes a complete survey possible. 

The volume is written in a clear readable style. The figures and tables are well 
presented. The first two chapters are devoted to cathode rays, the second to their 
wave properties, the third to electron collisions, the fourth and sixth respectively to 
ionization by positive ions and by x-rays, the fifth to reflected and secondary elec¬ 
trons from solids, the seventh to ionization by chemical reaction, the material of 
which is little changed from the earlier edition. Chapter VIII, of more than one 
hundred and fifty pages, deals with the various phenomena of gaseous discharge 
at low pressure. Chapters IX and X deal wdth the spark and the electric arc. 

S. C. Lind. 

The Physico-chemical Properties of Plant Saps in Relation to Phyiogcography. Data 
on Native Vegetation in its Natural Environment. By J. Arthdr H.\rris, late 
Head of the Department of Botany, University of Minnesota. Formerly Resident 
Botanist, Station for Experimental Evolution, the Carnegie Institution of Wash¬ 
ington. 13.5 X 23.5 cm.; vi 4- 339 pp. Minneapolis: The University of Minne¬ 
sota Press, 1934. Price: $4.50. 

From about 1912 until his death in 1930 one of Dr. Harris’ major projects was the 
investigation of the relationship which existed lietween the physicochemical proper¬ 
ties of the leaf tissue fluids of plants and the ecological environment characteristic 
of the plants. He devised methods and apparatus suitable for the carrying out of 
physicochemical technics in field laboratories, and established his laboratories in the 
field where plants could be studied in their native habitats. Extensive studies were 
carried out on the mesophytic plants of Long Island, N. Y., the coastal plains and 
sand dune areas of North and South Carolina and the Island of Jamaica, the Dismal 
Swamp in Virginia, the Everglades and coastal swamps of Florida and Georgia, the 
rain forests of Jamaica and Haw'aii, and the deserts, mountain slopes, arroyos, salt 
flats, lava fields, dunes, etc., of Arizona, Utah, California, Colorado, Washington, 
and Hawaii. Altogether sixteen seasons were spent in the field studies. Fragments 
of the data were published by Dr. Harris from time to time but the great masses of 
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data were kept for later monographic treatment. Accordingly at the time of his 
death many thousands of original records remained unpublished. 

A committee of his colleagues, consisting of Dr. C. 0. Rosendahl, Dr. G. O. Burr, 
and the reviewer, were charged by President Coffman of the University of Minnesota 
with the task of examining the various papers of Dr. Harris and bringing to the point 
of publication such data as could be salvaged. The present volume is the first result 
of this undertaking. 

After mature deliberation it was decided by the committee to publish only the 
‘*raw data” and not to attempt an analysis of the interrelationships of the various 
constants or to formulate an interpretation of the data in relation to the problems of 
phytogeography. This conclusion was reached partly because of* the lack of close 
familiarity of the members of the committee with the plant associations which Dr. 
Harris had studied, and more especially because of the difficulty which the committee 
would face in attempting a discussion of such an enormous mass of varied data. It 
was felt that science might better be served by presenting the data in such form that 
they would be readily utilizable by other workers. 

The volume opens with a reprint of a paper by Dr. Harris on “Physical Chemistry 
in the Service of Phytogeography” in which he discusses the types of problems toward 
the solution of which the data were collected. This is followed by a detailed “project 
outline” w^hich he had prepared while soliciting funds for the intensive prosecution 
of the project, and which is accompanied by a bibliography of the forty-four papers 
which he had published in this field. This bibliography is followed by a contributed 
paper by Dr. H. L. Shantz on “The Importance of Phyto-chemical Studies in the 
Field of Plant Geography.” This section of twenty-four pages introduces “The 
Experimental Data,” which is essentially a single table occupying one hundred and 
seventy-six closely printed pages. The data are arranged alphabetically by states 
and within each state by the botanical names of the plants which were studied. Thus 
no botanical index to the volume is necessary. Physicochemical constants on more 
than 12,000 series of plant collections are tabulated in this section. The items re¬ 
corded in the various columns are: (1) botanical name of the plant studied; (2) 
chemical number (a code number showing year of collection and other essential data); 

(3) the “station number” (a code number referring to a later “station description;” 

(4) the depression of the freezing point of the sap in degrees Centigrade; (5) the 
osmotic pressure of the sap in atmospheres calculated from A; (6) the specific electri¬ 
cal conductivity of the plant sap expressed in mhos; (7) the chloride content of the 
sap expressed as grams of chloride ion per liter; (8) the sulfate content of the sap 
similarly expressed; and (9) the pH of the sap. 

Following this tabulation there are seventy-seven pages of “station descriptions,” 
in which the geographical and botanical characteristics of the locality where the 
collections were made are noted. These descriptions are sufficiently exact so that 
another w^orker visiting the region should have no great difficulty in locating approxi¬ 
mately the spot where collections were taken. These descriptions, many hundreds 
in total, are accompanied by a notation of the “chemical numbers” of samples taken 
for analysis. 

The volume closes wdth a “chemical number” index through which those interested 
are enabled to find the various chemical data listed for all plants which may be grow¬ 
ing together in any selected “station” or habitat. 

The entire volume may be regarded as one enormous table of physicochemical 
data on plant saps. Unquestionably it contains more original data on this subject 
than may be found in all the rest of the literature. The data are presented without 
any discussion of their interrelationship. The volume should become a part of all 
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reference libraries and all physiological libraries. Most ecologists and many physiol¬ 
ogists will find it a mine of information. 

Ross Aiken Gortner. 

The Chemistry of Antigens and Antibodies. By J. R. Marrack. Medical Research 
Council Special Report No. 194. 16 x 25 cm. London: H. M. Stationery Office, 
1934. Price: 2s. 6 d. net. 

During the last decade there has been an ever-growing volume of literature dealing 
with the basic problems of immunity in terms of the fundamental sciences. Dr. J. 
R. Marrack has brought together in the small space of one hundred and thirty-four 
pages a fairly complete collection of the most important physicochemical researches 
which have directly contributed to modern views concerning the nature of antigens, 
antibodies, and the antigen-antibody reaction. 

The first chapter is devoted to certain physicochemical considerations and consists 
of a short and well-written survey of current views on the shapes and sizes of mole¬ 
cules, intermolecular fon^es, the structure of proteins, and the stability of susiien- 
sions. The recent evidence for and against the protein nature of antibodies is 
carefully reviewed in chapter II, and later in the hook the specificity of artificial 
protein antigens, which contain ‘determinative’’ chemical groupings, is lucidly 
discussed in terms of structural organic chemistry. 

To the chemist entering the field of immunology this monograph can be heartily 
recommended, for it gives a clear account of the physical and chemical studies which 
have served to elucidate certain immunological reactions. To the more experienced 
immunologist who has already realized the value of chemical concepts in the study of 
immunity. Dr. Marrack’s book will be especially acceptable since it contains, besides 
a thorough survey of the recent literature, many stimulating suggestions which will 
doubtless form the basis of future investigations. 

W. T. J. Morgan. 

A Textbook of Inorganic Chemistry. By Fritz Ephraim. Second English edition 
by P. C. L. Thorne. 24 x 16 cm.; xii 873 pp. London: Gurney and Jackson, 
1933. Price 28/-. 

In the first English edition of this work, of eight hundred and five pages, the 
translator made some additions to take account of English and American needs. 
The present edition includes much more material from the new German edition and 
some additions by the translator. The latter do not always go far enough. The 
section on Werner’s theory is very valuable and satisfactory, but the reference to the 
new theory of the coordinate link is far too brief. The discussion of the hydrogen- 
palladium system leaves the subject with Hoitsema, and the newer work of Gillespie 
and Hall, Hanawalt, and others, is not mentioned, so that the section is quite out of 
date. A similar criticism could be made of the section on silicic acids, where only 
van Bemmelen’s work appears. The phase rule diagram of silica does not include 
two ^-tridymites; only the old methods of preparing boron hydrides are given; and 
in many other places the text could usefully have been brought up to date. The 
translation is satisfactory, although the names of Neumann and Hauck, correctly 
given in the German, appear as Wennann and Hanck on p. 325, Mayer instead of 
Mayes on p. 528, etc. The section on the thionic acids is too sketchy. The “very 
interesting addition compounds (nitro-metals)” of Sabatier and Senderens mentioned 
on p. 611, like the compounds NOs and H 2 O 7 on p. 637, have long since passed out of 
existence. 

The book is one which advanced students will find very useful, but it is to be re- 
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gretted that the revision by the translator has not been more drastic and 8 ati 8 factor 3 \ 
The result is, in consequence, that some parts do not give a really modern presenta¬ 
tion of the subject. 

J. R. Partington. 

Chemische Technologic der Neuzeit. By Otto Dammer and collaborators. Second 

enlarged edition in five volumes. Volume II. Part ii. 27 x 19 cm.; xvi + 888 pp. 

Stuttgart: Ferdinand Enke, 1933. Price: unbound, 93 M; bound, 98 M. 

The present volume of this very comprehensive work deals entirely with metals: 
iron and steel, gold, platinum metals, aluminum, magnesium, calcium, alkali metals, 
beryllium, mischmetall, nickel and cobalt, silver, copper, tin, antimony, zinc, 
cadmium, thallium, arsenic, mercury, bismuth, lead, chromium, molybdenum, 
tungsten, vanadium, niobium, tantalum, titanium, uranium, manganese, rhenium, 
gallium, indium, and germanium. It will be seen that the rarer metals are included, 
but the treatment is sometimes rather brief; for example, only four and a half pages 
are devoted to vanadium, and only five, one a table of analyses of ores, to tungsten. 
The references to literature in these sections are sometimes rather scanty. The in¬ 
formation on the magnesium and beryllium alloys is disappointingly brief. The 
commoner metals are more fully dealt with, one hundred and ninety-two pages being 
devoted to iron and steel, seventy-two to copper, and eighty-eight to lead. The 
various contributors have made an attempt to deal adequately with the material in 
the space available and have taken good account of modern literature, including 
English and American, and patents. In so far as a single volume can give a satis¬ 
factory treatment of such a wide range of subjects, the present work gives a com¬ 
prehensive and able survey of the field. It will need supplementing by special mono¬ 
graphs when full information on details is required. The book is well printed and 
illustrated and contains many tables of numerical information, including the proper¬ 
ties of the metals. 

J. R. Partington. 

Practical Methods of Biochemistry. By Frederick C. Koch. Cloth; 15 x 23 cm.; 

viii -f 280 pp.; 17 fig. Baltimore: William Wood and Company, 1934. Price: 

$2.25. 

This is a laboratory manual in physiological chemistry, with especial reference to 
medical school aspects. The author has for many years been in charge of the work in 
physiological chemistry at the University of Chicago, and the present volume affordKS 
ample evidence that the experiments have been tried over and over again in class 
laboratories. 

The book is divided into three parts; I, The Chemistry of Cell Constituents, 
including chapters on carbohydrates, lipins, proteins, nucleoproteins and nucleic 
acids, and hydrogen-ion concentration; 11, The Chemistry of the Digestive Tract, 
with chapters on salivary digestion, gastric digestion, intestinal digestion and bile; 
and III, The Blood and Urine, with chapters on blood and hemoglobin, the quantita¬ 
tive analysis of blood, the quantitative analysis of urine, and the chemical examina¬ 
tion of urine in pathological conditions. The book contains an elaborate appendix 
of fifty-three pages in which explicit directions are given for the preparation of the 
various laboratory reagents. An adequate subject index closes the volume. 

In all, directions for two hundred and twenty-eight laboratory experiments are 
given. Most of these are for qualitative tests for various biochemical compounds. 
Numerous quantitative procedures are, however, included. Since the book is designed 
for a first course in medical biochemistry, but little use is made of physicochemical 



NKW BOOKS 


991 


equipment or techni(‘s. This omission is the only thing that the reviewer feels calls 
for criticism. Since living processes are so intimately bound up with problems of 
osmotic pressure, permeability, electrical conductivity, and colloid behavior in 
general, it would seem only just that medical students should be introduced to a few 
simple experiments which would serve to quicken their understanding of such 
phenomena. 

The reviewer knows of no better laboratory manual covering the field for which 
this text is intended. 

Ross Aikex Gortneu 

Many readers of This Journal will be interested in the following pamphlets pub¬ 
lished by Hermann et Cie., Paris. Each pamphlet contains a paper (including dis¬ 
cussion) read at the 1933 Reunion internationale de chimie physique. 

I. I/Effet Volta. Ry Emmanuel Dubois. 6 fr. 

II. The Electrical Properties of 8emi-conductors and Insulators. Ry M. A. 
H. Wilson. 4fr. 

III. On Phase Roundary Potentials. Ry Eric Keightley Rideal. 4 fr. 

IV. Pile Metalliche. Ry O. Scarpa. 6 fr. 

V. Das elektrolytische Kristallwachstum. Ry M. Volmer. 4 fr. 

VI. Les Electrons dans les M^taux. Probl^mes Statiques Magn^'tisme. 
R}" F Rloch. 5 fr. 

VII Conductibilit^ Elcctrique des Isolants et des Semi-conducteurs. Ry A. F. 
Joff^‘. 10 fr. 

VTII, Les Electrons dans les M^taux du Point de Vue Ondulatoire. Ry L4on 
Rrillouin. 9 fr. 

IX. Conductihilit^ Electrique et Thermique des M6taux. Ry L^on Rrillouin. 
18 fr. 

X. Adsorption, Electro-reduction and Overpotential at the Dropping Mer¬ 
cury Cathode. Ry J. Heyrovsky. 12 fr. 

XI Ph{uiomenes Photo^lectrochimiques. Action de la Lumicre sur le 
Potential M6tal-Solution. Ry Rene Audubert. 8 fr. 

XII. Les Colloides et la Couche de Passage. Ry A. Gillet and N. Andrault de 
Langeron. 10 fr. 

XIII. Sur le Potentiel M6tal-Solution dans les Dissolvants Autres que PEau. 

By Paul Dutoit. 4 fr. 

XIV. L’Effet Electro-thermique Homog^ne. By Carl Benedicks. 8 fr. 

XV. Die Theorie der thermoelektrischen Effekte. Legierungen, Unvollstaen- 
dige Ketten, Benedickseffekt. By Lothar Nordheim. 6 fr. 

XVI. La Notion de Corpuscules et d’Atomes. By Paul Langevin. 12 fr. 

F. H. M.\rDouGALL. 

The Maiiufacture of Soda. By Te-Pang Hou. American Chemical Society Mono¬ 
graph No. 65. 365 pp. New York: The Chemical Catalog Co., Inc. Price: 

$ 8 , 00 . 

Dr. Hou has undoubtedly produced the first authoritative treatise on the manu¬ 
facture of soda to appear in this country. The first three chapters, which are devoted 
to the historical development of the alkali industry, are of great interest especially to 
students of chemical engineering economics. They illustrate the peculiar inter¬ 
weaving of interests in the chemical field and the economic forces affecting the rise 
and dow'iifall of a great industry. Since this is an A. C. S. monograph, it does seem 
unfortunate to the reviewer that more is not given of the history of the development 
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of the Solvay process in this country and the connection with it of such great chemical 
pioneers as Hazard, Pennock, Trump, and Handy. 

Chapter IV, on the purification of brine, is concise and well written and, perhaps, 
more important than the author believes, especially in this country where the quality 
of the brines used differs so widely. Chapter V, on the burning of limestone, is 
especially timely, since this important phase of the plant operation is often neglected 
or its importance not appreciated. The next nine chapters are devoted to a careful 
detailed discussion of the operations of the ammonia-soda process. The physico¬ 
chemical factors controlling the operations are given full and complete discussion. 
Necessarily, the description of equipment is neither quite so complete nor so modern 
because of the traditional policy of secrecy in which this industry has grown. Un¬ 
doubtedly, it represents Dr. Hou’s observations of plant practice and equipment, 
which can hardly be expected to cover all the newest ^^wrinkles” in the latter field. 
The reviewer is not inclined to agree with the author^s statements regarding draw 
temperatures on p. 102 so far as general plant practice in this country is concerned. 

The last twelve chapters are devoted to special alkali products, power generation, 
control, losses, analyses and tests, and, finally, to an all too brief chapter on plant 
lay-out and design. The chapter on electrolytic caustic is brief but w^ell done, while 
those concerning control, losses, and analytical procedure are most excellent. The 
book is exceedingly well-written, clear, and forceful. Not many errors, either 
typographical or otherwise, w'ere apparent to the reviewer. On p. 176 'Table 74” 
in the text should read ‘Table 79.” The workmanship and materials of the book are 
of the usual excellent quality of this series. 

This book will be of interest to students of chemical economics, industrial chemis¬ 
try, and particularly the application of physical chemistry to industrial processes. 
To the practical chemist or engineer in the alkali industry it offers the most complete 
and careful account of this field which has been produced in the English language, 
and a careful perusal is almost sure to stimulate even the “old-timers” with a few 
new and useful ideas. 

Ralph E. Montonna. 

Elektrolytische Leitfdhigkeit unter extremen Bedingungen. XXXVIII. Hauptver- 
sammlung der deutschen Bunsen Gesellschaft. 28 x 20 cm.: iv + 183 pp. Berlin: 
Verlag Chemie, 1933. Price: 8marks. 

This volume consists mainly of papers delivered at a discussion held by the Bun¬ 
sen Gesellschaft on “Electrol 3 rtic Conduction under Extreme Conditions.” The 
topics include the effect of high frequency and voltage upon electrical conductivity, 
electrical conductivity in non-aqueous solvents, and phenomena associated with the 
conduction of electricity by solids. Prominent among the contributors are Debye, 
Ulich, v. Hevesy, Tubandt, Lange, and Falkenhagen. 

It is an interesting and important consequence of the theoretical advances in the 
theory of electrolytes initiated by Debye that new and profitable fields of inquiry 
have been opened up; this discussion indicates the advances that have already been 
made. As is usual with such discussfons the occasion was one for stocktaking rather 
than for startlingly fresh announcements. 

The latter half of the volume is taken up with miscellaneous papers on spectro¬ 
scopy and molecular structure, electrosynthesis, and general physical chemistry. 

W. F. K. Wynne-Jonbs. 



THE DISSOCIATION CONSTANTS OF ACETOACETIC, GLY¬ 
COLIC, AND ACETIC ACIDS IN SOLUTIONS OF 
SODIUM CHLORIDE 

KAI JULIUS PEDERSEN 

Chemical Laboratory of the Royal Veterinary and Agricultural Collegej 
Copenhagen^ Denmark 

Received February 1934 

In the study of the rate of bromination of acetoacetic acid in glycolate 
and acetate buffer solutions (7) it was necessary to know the ratio between 
the dissociation constants of acetoacetic acid and, respectively, glycolic 
and acetic acids. With the object of determining this ratio, solutions of 
the three acids mixed with their respective sodium salts, with or without 
sodium chloride, were measured with the quinhydrone electrode against a 
standard solution of 0.04891 M acetic acid -|- 0.05024 M sodium acetate. 
The solutions were prepared in the same way as for the kinetic experiments. 
As bridge solution 3.5 M potassium chloride was used at 25 and 18®C., 
while 3.0 M potassium chloride was used at 0°C. The buffer and bridge 
solution formed a sharp interface in a perpendicular, cylindrical glass tube. 
Unmack and Guggenheim (9) have found that this is a simple W’ay of 
obtaining constant, reproducible potentials. In our calculations we have 
neglected the liquid-liquid potential. This error is probably of no im¬ 
portance when the buffer solutions mentioned above are measured against 
each other 

Before the measurements the platinum electrodes were measured 
against each other in the same dilute hydrochloric acid. Only (dectrodes 
showing a potential difference of less than a few hundredths of a millivolt 
were used. The reliability of the electrodes during the measurement was 
tested in the following way. When the e.m.f. was constant (^i), the 
electrodes of the tw^o half-cells were interchanged, and the e.m.f. was 
again measured (E 2 ). The potential difference between the solutions is 
E = ^(Ei + E 2 ). lEi - Ei\ was always less than 0.20 millivolt. 

This method could not be used for the acetoacetate buffers. Here the 
potential was not constant, but decreased at a rate which was proportional 
to the concentration of sodium acetoacetate and independent of the con¬ 
centration of acetoacetic acid. The measurements for the solution where 
the quickest fall was found arc given in the diagram, t is the time in 
minutes from the addition of quinhydrone to the solution. The decrease 
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may be explained by a reaction between the aoetoacetate ion and the 
quinone. Owing to the linear relationship it is easy to extrapolate to 
t =2 0 . When the electrodes were interchanged an extra fall of the poten¬ 
tial was noticed, as seen from the diagram. For that reason the value of 
E found by extrapolation of the measurements before the interchange was 
used. The fall was much slower at 0 than at 18®C. 

The acetoacetate buffers contained a small amount of alcohol produced 
by the hydrolysis of the ester. Some acetate buffers to which was added 
a little alcohol were measured at 18®C. A decrease of 1.0 X (C 2 H 5 OH) X 



Fig. 1. The Decrease of Potential in a Solution of Acetoacbtic Acid, Sodium 
Acetoacetate, and Quinhydronb 

The interchange of electrodes is indicated by the crossing line. 

10 ~® volt was found. This correction was therefore added to the potentials 
of the acetoacetate buffers both" at 18°C. and at 0 ®C. 

The potential, £?, of a quinhydrone electrode in a solution with the 
hydrogen ion activity aH+, measured against a constant standard elec¬ 
trode, is, when the liquid-liquid potential is neglected, given by the expres- 
tion 


log 


E 


+ <r«- 


P 


C 


( 1 ) 
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where 


p == Br/Floge 


( 2 ) 


s is the total salt concentration, and as the '^salt error’' of the quinhy- 
drone electrode. 

Between the incomplete dissociation constant iiCac of a weak acid HB, 
the dissociation constant K and the same at infinite dilution we have 
the following relationship, 


A' = a 


(B-) 


(HB) 


= a:® 


aiB 

/b- 






(3) 


where /hbi /b-, and /h^ arc activity coefficients of HB, B”, and H+, 
respectively. 

From the equations 1 and 3 we get 

(4) 


In a solution of univalent ions we have, according to Debye-HuckePs law, 

— log = — log X® — a Vfi H- fia (5) 

a is the same for all the acids HB. which is dependent on the nature 
of the acid, approaches a constant value when s —> 0. Consequently the 
ratio between K^c for the acid HB and another weak acid HB' at the same 
salt concentration is determined by 

log ^ « log — - (6) 

ac' 

If we assume that /h+ depends only on the total salt concentration, s, 
and not on the individual nature of B" and B'^, we get by means of 
equation 3 

, a: , AT® , , 

log ^ = iog ~ - /5')s (7) 


If we use the abbreviation 

we get from equations 4 and 5 

#> » (7 + log - (/» + <r)s 
Hence by means of equation 7 


( 9 ) 
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We calculate KjK* from the experiments by means of equation 10. For 
each of the solutions we find v? from expression 8. For p we use the values, 
found from equation 2, 0.05418, 0.05774, and 0.05915 at 0, 18, and 25®C., 
respectively. For a we use the values 0.486, 0.499, and 0.504 at 0, 18, 
and 25®C., respectively. 

The solutions contained usually 0.05 M HB and 0.05 M NaB, to which 
had been added varying amounts of sodium chloride. Only a few of the 
solutions contained other concentrations of the acid and its sodium salt. 
The real concentrations of the undissociated acid HB and its ion B~ were 
calculated from the stoichiometric concentrations and a rough value of 
the hydrogen-ion concentration. The results of the measurements at 
18®C. are given in table 2. The values of ip calculated from the experi¬ 
ments may be expressed by the formulas in table 1. The next to the 
last column in table 2 gives 5, the difference between ip found by the meas¬ 
urement and ip calculated from the formulas. It is seen that the linear 
relationship holds surprisingly well even at high salt concentration. At 0 
and 25®C. an equally good agreement was found. 


TABLE 1 

Value of tp calculated from the experiments 
(0.05 < s < 0.65) 


DUPPBR 

VALUBB OP tp 

T = 0“C. 

T » 18*0 

T •= 25*C 

Acetate. 

tp - -0.080 -0 336 X s 

^ « -0 086 -0 266 X « 

^ - -0 089 -0.240 X 9 

Olyoolate. 

^ 0 823 -0 118 X « 

^ « 0 833 -0 202 X < 


Acetoacetate. 

<p^ 1 100 -0 246 X « 

tp » 1 080 -0 271 X « 



By means of equation 10 we now find the following expressions for the 
ratio L between the dissociation constants: 


Acetoacetic acid / Glycolic acid 0°C. log L 

Acetoacetic acid / Glycolic acid 18°C. log L 

Acetoacetic acid / Acetic acid 0°C. log L 

Acetoacetic acid / Acetic acid 18®C. log L 


0.277 - 0.058 X s 
0.247 - 0 069 X si 
1.180 + 0.090 X »f 
1.166 - 0.005 X s 


( 11 ) 


We have now solved our main problem. In addition we shall find the 
dissociation constants of the three acids, although with less accuracy than 
L. If we assume that the linear expressions for ^ also hold when s < 0.06, 
we get directly from equation 9 the constants C + log jK® and jS + o’. In 
order to determine C from equation 1 the solution 0.01009 M hydrochloric 
acid + 0.0898 M sodium chloride was measured against the standard 
buffer at 0, 18, and 25°C. According to Bjerrum and Unmack (1) the 
liquid-liquid potential between this solution and 3.5 M potassium chloride 
is so small that we may neglect it. For the activity coefficient of the 
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TABLE 2 


Measurements with the quinhydrone electrode in buffer solutions at IS^C. 

E for the acetoacetate buffers has been corrected for the effect of the alcohol 


BUKrBR 

(HB) 

(BTOICM.) 

(NaB) 

(8TOICH ) 

(NaCl) 

X 10* 

, (B ) 

8 


5 X 10* 

—LOG A 



0.04891 

0.05024 

0 000 

0 00 

0.0122 

0 050 

-0.100 

-1 

4 598 



0.1489 

0.05024 

0 000 

28 16 

-0 4709 

0 050 

-0.096 

+3 

4.594 



0.04891 

0.05024 

0 050 

1.86 

0.0122 

0.100 

-0.11.3 

0 

4.557 

Acetate < 


0 09782 

0 1005 

0.000 

1.20 

0.0118 

0.100 

-0.125 

-12 

4.668 



0 04891 

0.05024 

0.149 

4.06 

0 0122 

0.199 

-0.140 

-1 

4.513 



0 04891 

0.05024 

0.250 

5 46 

0.0122 

0.300 

-0.166 

0 

4.488 



0.04891 

0 05024 

0.500 

7.49 

0 0122 

0 550 

-0.228 

+4 

4.462 



0.04808 

0 05000 

0 000 

52.80 

0.0206 

0.050 

0.822 

-1 

3.676 



0.1046 

0.05000 

0 000 

72.45 

-0 3183 

0.050 

0 824 

+1 

3.674 



0 04808 

0 05000 

0 050 

54.86 

0.0209 

0.100 

0.813 

0 

3.630 

Glycolate 


0.04808 

0 05000 

0.050 

j 54.88 

0.0209 

0.100 

0 814 

+1 

3.630 



0 04808 

0 05000 

0 149 

1 57.38 

0.0216 

0.199 

0.793 

0 

3 580 


1 

1 

0.04808 

0.05000 

0 250 

58.90 

0.0216 

1 0.300 

0.768 

-4 

3.553 


i 

0 04808 

0 05000 

0.500 

61 53 

0 0218 

0.550 

0.718 

-4 

3.516 



0.02041 

0 02056 

0 024 

1 67.12 

0.0182 

0 045 

1.076 

1 

+8 

3 430 



0.0514 

0 0505 

0.060 

70.27 

-0 0008 

0.111 

1.050 

0 

3.384 



0 0511 

0 0499 

0 060 

70.47 

-0 0034 

0 110 

1 051 

+1 

3.384 



0 0511 

0.0503 

0 060 

69.81 

0 0000 

0.110 

1 044 

-6 

3 392 

Aceto- ^ 


0 0769 

0.0251 

0 085 

97 36 

-0 4591 

0.111 

1.061 

+11 

3.374 

acetate 


0 0269 

0.0749 

0.036 

43.72 

0 4469 

0.110 

1.039 

-11 

3 396 



0.0511 

0.0498 

0.160 

72.48 

-0.0043 

0.210 

1.022 

-1 

3 344 



0.0514 

0.0505 

0.260 

73.48 

0.0008| 

0.311 

0 996 

0 

3.321 



0.0510 

0 0499 

0.460 

75.38 

-0.0009 

0.510 

0.949 

+7 

3 297 


TABLE 3 


TEMPERA- 

ACETIC ACID 

OLYCOLIC ACID 

ACETO ACETIC ACID 

TTIRE 

-loK A» 


A'° X 10* 

-log A'® 

/9 

A® X 10« 

-log A® 


A® X KM 

•c. 

0 

4.770 

0.287 

1 70 

.3.867 

0 139 

1.36 

3.590 

0.197 

2 57 

18 

4 748 

0.217 

1.79 

3.829§ 

0 153 

1.48 

3.5821[ 

0.222 

2.62 

25 

4.751t 

0 191 

1.77 

(3.812)* 


(1.54)t 





* The data in parenthesis have been found by extrapolation from 0 and 18®C. 


Other determinations: 

t Macinnes and Shedlovsky (6), conductivity, 4.756. 

Harned and Ehlers (3), concentration cells without liquid junction, 4.756. 
t Boeseken and Kalshoven (2), conductivity, 1.54 X 10 
§ Larsson and Adell (4), quinhydrone electrode, 3.835. 

IT Widmark (10), hydrogen electrode at about lO^C., 3.55. 

Ljunggren (5), kinetic measurements at 25°C., 3.66. 
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hydrogen ion in sodium chloride solutions (0.001 <s< 1.5) Bjerrum and 
Unmack (1) give the following empirical formulas 

0°C. -log /h^ = 0 192 Vs - 0 207 X s - 0 007] 

18°C. -log/H+ « 0.166 Vs - 0 185 X » - 0.003 [ (12) 

25°C. -log/H^ = 0.161 Vs - 0 178 X s - 0.003] 

From these formulas we calculate — log /h+ for the solutions of hydro¬ 
chloric acid and sodium chloride. For a we use the value 0.049 (Sorensen, 
Sorensen, and Linderstrom-Lang (8)). We find 

At O^C At IS'^C. At t5^C 

X 10* 142.36 150.43 154.25,154.18 

C .4.690 4.662 4.662 

It is now easy to calculate and ^ from the constants C + log it® and 
/3 4* ( 7 . The results are given in table 3. In order to find K we use the 
formulas 3, 4, and 12. — log K is given in the last column of table 2. 

SUMMARY 

The ratio between the dissociation constants of acetoacetic acid and, 
respectively, glycolic and acetic acids was determined by means of the 
quinhydrone electrode at 0 and 18®C. in solutions of sodium chloride up 
to 0.5 Af. 

The dissociation constants at infinite dilution were computed. 
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I. INTRODUCTION 

In earlier papers (3, 5) th(^ velocity of bromination of acetoacetic ethyl 
ester was examined. By this reaction we first get a-monobromoaceto- 
acetic ethyl ester, which reacts with more bromine and gives Q!,a-di- 
bromoacctoacetic ethyl ester. The velocity of bromination is independent 
of the concentration of bromine. It is a result of the consecutive enoli- 
zations of the acetoacetic and monobromoacctoacetic esters, which reac¬ 
tions arc catalyzed by bases in general. 

In this paper we examine the velocity of bromination of acetoacetic 
acid in the following solvents: (1) 0.022 to 0.75 M hydrochloric acid, (2) 
solutions of acetoacetic acid and sodium acetoacetate, (3) solutions of 
glycolic acid and sodium glycolate, and (4) solutions of acetic acid and 
sodium acetate. In the solutions of hydrochloric acid we first get a- 
monobromoacctoacetic acid, which reacts with more bromine and gives 
«,a-dibromoacetoacetic acid. In the three other solvents, where the 
hydrogen-ion concentration is smaller, the substance is brominatcd only 
to a-monobromoacetoacetic acid. 

It has been found (6) by electrometric measurements that the disso¬ 
ciation constant of acetoacetic acid at keto-enol equilibrium is 2.62 X 
10“^ at 18®C. and 2.57 X at 0°C. From the kinetic measurements 
in hydrocliloric acid, it follows that the dissociation constant of a-mono¬ 
bromoacetoacetic acid at 0°C. is about 0.021, that is, eighty times as 
great as that of acetoacetic acid. By comparison with the dissociation 
constants of propionic, a-bromopropionic, and a,a-dibromopropionic 
acids at 25®C., which are 1.34 X 10~®, 1.08 X 10~^ and 3 X 10“^, re¬ 
spectively (8)—ratio 1:81:2200—^it is estimated that the dissociation 
constant of a,a-dibromoacetoacetic acid is of the order 0.6. Acetoacetic 
and monobromoacctoacetic acid can also split off another proton, viz., 
in the keto forms at the alpha carbon atom and in the enol forms at the 
enol group. However, this proton is much more firmly bound than that 
in the carboxyl group. When we speak of the acetoacetate and mono- 
bromoaoetoacetate ion or of the dissociation of acetoacetic and mono- 
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bromoacetoacetic acid, we think only of the dissociation at the carboxyl 
group. 

The degree of enolization of acetoacetic acid in dilute hydrochloric 
acid at 0®C. is, when equilibrium is attained, 0.7 per cent. 

In this paper we shall see that the rate of bromination in the solvents 
mentioned above may be explained on the following assumptions. 

(1) The rate of bromination of the enol forms is very great compared 
with the rate of enolization of the keto forms. The keto forms are not 
brominated. 

(2) Undissociated acetoacetic and monobromoacetoacetic acid are 
enolized with measurable velocity. The reactions are catalyzed by bases 
in general. 

(3) The rates of enolization of the acetoacetate and monobromoaceto- 
acetate ions are negligible compared with those of the undissociated acids. 

In the solutions of hydrochloric acid, acetoacetic acid is practically 
completely undissociated. The monobromoacetoacetic acid formed by 
the reaction is, in the more dilute hydrochloric acid, partly dissociated. 
The course of the reaction in solutions of hydrochloric acid may be ex¬ 
plained by the following scheme, which is analogous to scheme la-ld (refer¬ 
ence 3) for the bromination of acetoacetic ester. 

CH,C 0 CH 2 C 00 H CHaCOHiCHCOOH (la) 

CHaCOH.CHOOOH + Br^ (CHaCOCHBrCOOH CHaCOCHBrCOr + H+) 

-f + Br- (lb) 

CHaCOCHBrCOOH ^ CH 3 COH: CBrCOOH (Ic) 

CH 3 COH:CBrCOOH + Bra(CH 8 COCBr 2 COOH CHsCOCBraCOr -f H+) 

+ H+ + Br- (Id) 

The velocity of bromination is determined by the enolizations of aceto¬ 
acetic acid (la) and monobromoacetoacetic acid (Ic). 

In all the other solvents the acetoacetic acid is incompletely dissociated, 
while the monobromoacetoacetic acid is practically completely dissociated. 
Therefore the rate of bromination is here determined only by the enoli¬ 
zation of the undissociated part of the acetoacetic acid and the basic 
catalysis of this reaction. 

II. EXPERIMENTAL PROCEDURE 

Owing to the instability of acetoacetic acid, only fresh solutions of 
sodium acetoacetate were used. They were prepared by hydrolysis of 
acetoacetic ethyl ester during the night before the experiments. The 
acetoacetic ester was purified through the copper compound (3). To a 
known amount of the ester in a graduated flask was added a small excess 
of sodium hydroxide. It was diluted to the mark and placed in a thermo¬ 
stat at 18°C. During the night the ester is completely hydrolyzed. 
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Goldschmidt and Oslan (1) have found that the velocity of hydrolysis 
is independent of the excess of sodium hydroxide. At 25°G. they found 
the unimolecular velocity constant fci* = 0.008 (min. By an asterisk 
we denote that the velocity constant has been calculated by means of 
decadic logarithms. Thus A;* = 0.4343 k. In order to find Ai* at 18°C., 
wc assume that the temperature coefficient is the same as for the methyl 
ester. For the latter Ljunggren (2) found 2.63 for a temperature increase' 
of 10°C. Hence, we calculate for the ethyl ester fci* = 0.004 at 18°C. 
Cons('quently, after twelve hours at 18°C. only 0.1 per cent of the ester 
is not hydrolyzed. 

The solutions contained the small amount of ethyl alcohol formed by 
the hydrolysis. By adding suitable amounts of alcohol it was shown that 
this has no detectable influence on the bromination. 

In a solution of acetoacetic acid a slow' ketonic decomposition takes 
place: CHgCOCHsCOOH CH 3 COCH 3 + GO 2 . This reaction has 
been examined mainly by Widmark (9) and Ljunggren (2). Both the 
undissociated acid and the ion are decomposed. However the velocity 
is much greater in acid than in alkaline solution. From experiments of 
Ljunggren at 37 and 25®C. we calculate the following unimolecular con¬ 
stants for the ketonic decomposition at 18°C.: of the undissociated aceto¬ 
acetic acid, A; 2 * — 1.61 X 10“'* (min.”0; of the acetoacetate ion, ^ 3 * = 
3.6 X 10“6 (min.“0* 

We denote by Co the initial concentration of acetoacetic ester, and by c 
the sum of the concentrations of the ester and the sodivun acetoacetate 
at the time i minutes after the addition of sodium hydroxide. When the 
hydrolysis is complete, c is the concentration of sodium acetoacetate. 
The hydrolysis and ketonic decomposition are consecutive unimolecular 
reactions with the velocity constants at 18®C. ki* = 0.004 and fcs* = 
3.6 X 10“®, respectively. According to Rakowski (7) we may express 
the course of such reactions by the equation 


C = Co 



C-kit _ 


ki 

ki — ki 



When the hydrolysis is finished e = 0 and consequently 


c = 


Co 



e—kit 


If we introduce the values for fci* and Ajs* expressed in hours we find 
that the loss of acetoacetic acid in t hours is (0.05 f ~ 0.1) per cent. The 
concentration, c, of acetoacetate was calculated for each experiment by 
means of this expression. The solutions were never more than twenty- 
four hours old when used for the experiments. Consequently less than 
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1.1 per cent was decomposed. A series of experiments was always carried 
out within the time of eight hours. During this time the decrease of c 
is only 0.4 per cent. 

The bromination was carried out in the following way. Suitable 
volumes of water and the slightly alkaline hydrolysis product were meas¬ 
ured out and poured into a beaker. To this was added enough potassium 
bromide solution to make the reacting solution 0.05 M with respect to 
this substance. This was done in order to repress the hydrolysis of the 
bromine (reference 5, p. 605). The beaker was placed in a water thermostat 
at 17.94®C. or in a mixture of ice and water. The solution was stirred 
vigorously with a mechanical stirrer. When temperature equilibrium 
was nearly attained, either a solution of hydrochloric acid (in the experi¬ 
ments in hydrochloric acid and in solutions of acetoacetic acid and sodium 
acetoacetate) or a mixture of glycolic acid and sodium glycolate or of 
acetic acid and sodium acetate was added from a pipet. After a few 
minutes, when the solution had attained the temperature for the experi¬ 
ment, the reaction was started by sudden addition of bromine water, 
usually 25 cc. of 0.1 to 0.2 W, which was already at the temperature of the 
experiment. In the experiments at 0®C. the temperature rose a little 
when bromine water was added. 0.03®C. is therefore used as an average 
value. The bromination was interrupted by sudden addition of an excess 
of allyl alcohol, mixed with sufficient hydrochloric acid to make the con¬ 
centration of this acid at least 0.1 TV after the experiment. As quickly 
as possible after the allyl alcohol (2 to 3 seconds), about 1 g. of solid 
potassium iodide was added. Iodine equivalent with the bromine used 
by the reaction is slowly liberated. It is titrated with 0.05 N sodium 
thiosulfate. The solutions from the experiments at 0°C. were slowly 
heated to 18°C. during the titration. 

The alkaline sodium acetoacetate solution was acidified as short a time 
as possible before the start of the bromination, because the ketonic de¬ 
composition is much quicker in acid than in alkaline solution. The time 
from the addition of acid to the end of the bromination was never more 
than ten minutes. During this time the decomposition is less than 0.4 
per cent at 18°(1 and less than 0.1 per cent at 0°C., even when the acidity 
is so great that all the acetoacetic acid is undissociated. The error thus 
introduced is negligible. The ^all amount of acetone formed in the 
alkaline and acid solution does not interfere with the experiment. Acetone 
reacts with bromine, although more slowly than acetoacetic acid, but the 
reaction product does not liberate iodine from potassium iodide. During 
the titration some of the iodine liberated by the bromination products 
of acetoacetic acid may react with the acetone in the acid solution, but 
direct experiments with acetone and iodine in hydrochloric acid have shown 
that this error is of no importance. 
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The analytical determination of the bromine used by the reaction caused 
some difficulties. The method is based on the reactions 

CHaCOCHBrCOOH + 21" -|- H+ - CHsCOCH.COOH + Br" + h 


and 


CHgCOCBr^COOII + 41* + 2 H+ CH 3 COCH 2 COOH -f 2 Br~ -f 2 I 2 

It was found necessary to have a rather great concentration of hydro¬ 
chloric acid during the analysis. If the acidity was too small the iodine 
was liberated too slowly, and the reaction stopped before an equivalent 
amount of iodine was set free. In the acetate and glycolate mixtures 
only a fraction of the iodine was liberated in thirty minutes if no hydro¬ 
chloric acid was added. From this in connection with the increase in 
velocity, when the hydrogen-ion concentration is increased, we may con¬ 
clude that the mono- and di-bromoacetoacetate ions react much more 
slowly with iodide ions than the undissociated acids. When the solution 
contained at least 0.1 AT hydrochloric acid the titration could be successfully 
finished in ten to fifteen minutes. 

Another and much more serious difficulty arose. The results of the 
titration varied with the time between the additions of allyl alcohol and 
potassium iodide. In order to study the error, this time was varied in 
otherwise identical experiments. When the bromination took place in 
hydrochloric acid of different concentration, a decrease of 1 per cent per 
3 seconds was found at 18°C. and of 0.1 to 0.3 per cent at 0®C. When 
the bromination was earned out in acetate mixtures at 18°C., to which 
was added together with the allyl alcohol enough hydrochloric acid to 
make it 0.3 Nj the decrease in bromine was only 0.1 to 0.2 per cent per 
3 seconds. From this we conclude that it is hopeless to do experiments in 
hydrochloric acid at 18°C1, while we may consider the error negligible in 
hydrochloric acid at 0®C. and in acetate and glycolate buffers at 18 and 
0®C., provided that the potassium iodide is added not later than 3 seconds 
after the allyl alcohol. The decrease in titratable bromine is probably 
caused by a transformation (possibly a ketonic decomposition) of mono- 
and di-bromoacetoacetic acid into substances which do not react with 
potassium iodide. The rather slow decrease of titratable bromine in 
acetate mixtures, where the reaction product is monobromoacetoacetic 
acid, seems to show that this acid is transformed much more slowly than 
dibromoacetoacetic acid. Probably the transformation takes place also 
during the bromination as well as after potassium iodide is added. Al¬ 
though the time of bromination is always very short, and the reaction 
with potassium iodide rather quick, it is not quite excluded that the error 
can have some importance. However, the results given later in the paper 
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seem to show that the reaction products are not transformed to any 
essential degree during the part of the reaction which is used for the 
calculations. 


III. BROMINATION OF ACETOACETIC ACID IN HYDROCHLORIC ACID 

Experiments were carried out at 0.03°C. in 0.022 to 0.76 N hydrochloric 
acid. We shall see that the results agree with the explanation given in 
the introduction (scheme la-ld). According to this the rate of bromina- 
tion is determined by the consecutive enolizations of the undissociated 
acetoacetic and monobromoacetoacetic acid •(unimolecular constants ko 
and hof respectively). The acetoacetic acid (dissociation constant 2.57 X 
lO"'*) may be considered completely undissociated in all the solutions of 
hydrochloric acid. At a given concentration of hydrochloric acid a 
fraction y of the monobromoacetoacetic acid is undissociated. If we use 
the abbreviation y^ho/ka ^ r, and denote bye the degree of enolization of 
the acetoacetic acid at keto-enol equilibrium, we got for the course of the 
bromination the following expression, which is analogous to the one found 
for acetoacetic ester (reference 3, formula 13), 


c — 


X 

4 


c 


= A 



(3) 


where c is the initial concentration of acetoacetic acid, x the bromine 
used by the reaction t minutes after its start in equivalents per liter, and 


'‘-<'->('+21;:^)) 


It was first shown that the velocity is independent of the concentration 
of bromine. Hence, the reactions by which bromine is taken up are very 
rapid compared with those which determine the velocity. It was also 

shown that when t is constant, is independent of the initial 

concentration of acetoacetic acid. Consequently, the reactions which 
determine the velocity follow the unimolecular law-. 

The agreement with formula 3 was shown in a similar way as with aceto¬ 
acetic ester (3). First e is determined. In another paper (3) it was shown 
that formula 3 of the present paper, when t is small, may be written 


€ is small, and r is in the experiments on acetoacetic acid not much different 
from 1. Hence we have with good approximation, when t is small, 



(4) 
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In figure 1 



c is plotted against t for all the experiments in solu¬ 


tions of hydrochloric acid, for which t <0.2 min. We shall sec later that 
the mean value of.fco* for all the solutions of hydrochloric acid is 0.235, 
ko 

which corresponds to ~ = 0,271. All the points in figure 1 fall close to 


the straight line with the slope —0.271. If we extrapolate to f = 0, we 
find € = 0.0073. 

r is here not much different from 1. It is therefore very difficult to 
find the values of A:o* and r which at a given hydrochloric acid concen¬ 
tration give the best agreement between formula 3 and the experiments. 
We must use the very time-wasting method described previously (reference 



Fig. 1. Bromination of Acetoacrtic Acid in Hydrochloric Acid 


3, pp. 754-5). For each pair of values of x and t found by experiment 
and for a series of values of r we calculate by the method of trial and error 
the values of ko* which satisfy formula 3. In this way we find the valut's 
of r for which the variation of fco* is smallest. As seen from fonnula 4, 
ko* is independent of r when t is small. However, we can not determine 
ko* with sufficient accuracy from these experiments. For th<' determina¬ 
tion of ko* and r we only use experiments in which 0.94 ^ ^ j 

(values of fco* printed in italics in table 1). Toward the end of the re¬ 
action, when 4 ^ c<0.5,weget a considerable decrease in the value 


of fco*. We always disregard such experiments. The same decrease was 
found in experiments on acetoacetic ester (3, 5). It may be explained by 
a consecutive reaction. 
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Table 1 contains the experimental results and the calculation of fco* 
and T for a series of experiments in hydrochloric acid. In the eighth 

X 

column are given the values of ~ calculated from formula 3 when we use 

X 

the constants given at the top of the table. 5, the difference between ~ 

found by experiment and calculated from formula 3, is given in the last 

column. The average deviation = i/ — r where n is the number of 

y n—1 

experiments, is 2.9 X 10“*. 


TABLE 1 


Bromination of acetoacetic acid in (0.0S$0 M hydrochloric acid 4- 0.050 M potassium 

bromide) at 0.03°C. 
e - 0.0073; fco* = 0.230; r = 0.61 



C' X 103 

1 X 103 

X 

13 

c 

ko* 

(r » 0 50) 

ko* 

(r = 0 61) 

ko* 

(r « 0 70) 

Ixw 

(CALCD ) 

5 X 10« 

minutes 









0.047 

3 201 

0 051 

0.9840 

0.230 

0.230 

0.230 

0.051 

0 

0.083 

3.209 

0.080 

0.9750 


0.227 


0.081 

-1 

0.122 

3.200 

0.111 

0.9652 

0.227 

0.226 

0.225 

0.113 

-2 

0.170 

3.207 

0.152 

0.9526 


0.229 


0 153 

-1 

0,250 

2.798 

0.189 

0.9324 

0.231 

0.229 

0.227 

0.190 

-1 

0.670 

2 795 

0.470 

0.8318 

0.234 

0.230 

0.226 

0 470 

0 

1.003 

2.801 

0.681 

0.7568 

0.238 

0.232 

0.227 

0.676 

+5 

1.503 

2.794 

0 948 

0 6605 

0.238 

0.229 

0.223 

0.953 

-5 

2 000 

2 799 

1.201 

0.5710 


0.230 

0.223 

1.198 

+3 

2.337 

2.793 

1.329 

0 5241 

0.239 

0 227 

0.218 

1.344 

(-15) 

3.000 

2.796 

1 563 

0.4410 

0.234 

0 222 


1.602 

(-39) 


dm .2.9 X 10-» 


Table 2 gives a summaiy of eleven series of experiments in hydrochloric 
acid of different concentrations. The initial hydrogen-ion concentration 
(H+)o is given in the first column. The third column contains the total 
salt concentration, s. The constants, ko* and r, found from the experi¬ 
mental results arc given in the fourth and fifth columns. The last column 
gives the average deviation 5m, and the last but one the number of experi¬ 
ments, n, used for its calculation. The mean value of 5m for all the series 
is 3.3 X 10~®. The volume during the reaction being 200 cc., this corre¬ 
sponds to 0.05 cc. of 0.05 N thiosulfate. In all the solutions the reaction 
may be expressed by formula 3 with an accuracy corresponding to the 
experimental error. The total unsystematic part of the experimental 
error thus corresponds to an average error of 0.05 cc. on the titration. 
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The values of ko* found for the different solutions of hydrochloric acid 
are sufficiently constant when we consider the rather small accuracy in 
the computation of fco* and r. The mean value of fco* is 0.235. r in¬ 
creases with increasing concentration of hydrochloric acid and attains a 
constant value 1.15 in the most concentrated solutions. If, as suggested 
by the explanation given above, only the undissociated part 7 ' of the 
monobrornoacetoacetic acid is brominated, we find 7 ' for each of the solu¬ 
tions by dividing r by the constant value of r at great acid concentration. 
7 ' calculated in this way is given in the sixth column of table 2 . 

According to scheme 1 hydrogen ions are formed by the reaction. In 
the second column of table 2 is given (H+)m, a mean value of the hydrogen- 

1-7' 

ion concentration. If the explanation holds —— (H+)« is the dissociation 


TABLE 2 

Brominalion of acetoacehc acid in hydrochloric acid at 0.0S°C. 

KBr, 0.050 M. NaCl, 0.004 M (except in the series marked t, which contains NaCl, 

0 304 Af) 


(ir)o 


8 

ko* 

»■ 

Y 

K 

n 

6m X 10« 

0.0220 

0.0238 

0 074 

0.230 

0 61 

0.53 

0 021 

9 

2.9 

0 0260 

0 0280 

0 078 

0.234 

0.69 

0.60 

0.019 

9 

3.0 

0 0337 

0.0357 

0.086 

0.238 

0.71 

0.62 

0.022 

8 

4 3 

to.0337 

0 0356 

0.386 

0.226 

0.66 

0 57 

(0.027) 

9 

4 1 

0.0459 

0.0480 

0 098 

0,239 

0.80 

0 70 

0.021 

8 

3 5 

0.0966 

0 0986 

0.149 

0.240 

0.92 

0.80 

0.025 

8 

2.3 

0.120 

0.122 

0.172 

0.240 

1 00 

0 87 

0.018 

11 

2.9 

0 247 

0 249 

0.300 

0,240 

1.06 

0.92 

0.022 

7 

4 0 

0.37 

0.37 

0,42 

0.238 

1.10 

0.96 

0 02 

11 

2 9 

0.50 

0 50 

0.55 

0 234 

1 15 

1.00 


7 

3 2 

0.75 

0 75 

0 80 

0,228 

1.15 

1.00 

1 


7 

3 0 


Mean values: ko* = 0.235, ho* = 0.27, K = 0.021, = 3.3 X 10’'*. 


constant, K, of monobrornoacetoacetic acid. K is given in the seventh 
column of table 2 . Although the values of r are only rough, and the salt 
concentration, s, varies from 0.074 to 0.80, K is nearly constant. The 
average value is 0 . 021 , eighty times as great as the dissociation constant 
of acetoacetic acid. This value is reasonable as seen from the following 
comparison. The ratio between the dissociation constants of mono- 
bromoacetic and acetic acids at 25®C. is 1.38 X 10~V1.77 X 10~® = 77:1, 
and that between the constants for a-monobromopropionic and propionic 
acids is 1.08 X 10~V1‘34 X 10“^ = 81:1. 

r = 1.15, when 7 ' == 1 . Hence the velocity constant for the enoli- 
zation of undissociated monobrornoacetoacetic acid at 0®C. is ho* = 1.15 X 
0.235 = 0.27. 
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IV. BROMINATION OF SOLUTIONS OP ACETOACETIC ACID AND SODIUM 

ACETOACETATE 

In this chapter the rate of bromination was studied at 0 and 18®C. in 
solutions containing both acetoacetic acid and sodium acetoacetatc. Ac¬ 
cording to the explanation given before, the rate is determined by the 
enolizations of the undissociated forms of acetoacetic and monobromo- 
acetoacetic acids, which reactions are catalyzed by bases. In the pre¬ 
ceding chapter it was found that the velocity constants for the enolizations 
of the two acids, when no catalyst is added, are of the same order of 
magnitude. This probably also holds for the catalyzed reactions. In the 
acetoacetic acid~sodium acetoacetate mixtures the hydrogen-ion concen¬ 
tration is so small that the monobromoacetoacetic acid is practically com¬ 
pletely dissociated. Consequently, this is not further brominated during 
the experiment. The velocity is determined only by the enolization of un¬ 
dissociated acetoacetic acid, which proceeds by two simultaneous reactions, 
the “uncatalyzed^^ water reaction with the velocity constant fco and the 
reaction catalyzed by the acetoacetate ion (catalytic constant Ar-). 
Hence, we may express the velocity by the differential equation 

~ = ko (HR) + A;r- (R-) (HR) (6) 

at 

According to scheme lb hydrogen ions are produced by the bromination. 
The gross reaction is 

CH 3 COCH 2 COOH + Br, + 2 CH,C 0 CH 2 C 02 - -> CHsCOCHBrCO^- + Br” 

+ 2CH,C0CH2C00H 

or 

2CH,C0CH2C02“ -h Br2 CHsCOCHBrCOa- -f CH3COCH2COOH + Br“ (7) 

It is the object of the following examination to show that the velocity of 
bromination agrees with equation 6 and scheme 7. In addition, we shall 
determine the constants ko and Ar-. Thus, fco is here found independently 
of the determination in the last chapter. 

The initial stoichiometric concentrations of acetoacetic acid and sodium 
acetoacetate are denoted by c — 6 and &, respectively. At the start of the 
bromination we have (HR) = c - 6 - (H+) and (R"“) = b -f (H+). 
According to scheme 7 we have at the time t 


(HR) = c - 6 + 1 - (H+) 

( 8 ) 

(R-) = 6 - X + (H+) 

(9) 


(H*^) increases considerably during the reaction. 
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In each experiment within a series we have determined a pair of values 
of X and t We first calculate (H+) corresponding to each value of x in 
the series by means of expressions 8 and 9 and 

(H+) = (10) 


For the dissociation constant Khr of acetoacetic acid we use the values 
which have been determined electrometrically at 0 and 18°C. in solutions 
of sodium chloride (6). 

We now know for each experiment in the series values of a:, (HR), (R~), 
and t The object is to determine such values of fco and /cr- that equation 
6 is satisfied for all the experiments. By numerical integration of the 
curves which we obtain by plotting (HR) and the product (HR)(R'") 
against we find values of the integrals 

f\HR)dt and Jr- ^ | (HR)(R“) di (12) 

Jh Jti 


We denote by ^^2/^ increases of and Jr- when 

going from the to the experiment in a series. Hence, equation 6 
may be written 


or 



ko^Io + kR- A/r- 


kR- + fcc 


A/o 

Mr- 


(14) 


(15) 


The change of when going from one pair of experiments to another 

within a series, is so small that we caimot get a good determination of 
fco and fcR- from a single series without knowing one of them. However 
we can get this by combining all the series at a certain temperature. In 
the different series we have mainly varied the concentration c. In the 
experiments with the smallest c, the catalytic reaction plays a subordinate 
part. Here fcR-A/R- is small compared with fcoA/o. In the experiments 
with the greatest c, the catalytic reaction is of especially great importance. 
Here fcR-~A/R->fcoA/o. When we compute one pair of values of fco and 
fcR- from all the experiments at constant temperature, we must naturally 
assume that the constants are the same in all the solvents used. The 
salt concentration only varies from 0.056 to 0.087 Jkf. It is consequently 
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excluded that the change in primary salt effect can be important. Equa¬ 
tions 15 are solved graphically by plotting j ^^R~ against 
for all the experiments (figure 2). Although the velocity, especially at 


50 m 150 200 250 



m zoo doo m soo 


Fig. 2. Bromination of Solutions op Acbtoacetic Acid and Sodium 

Acetoacbtatb 

Coordinates at the top and to the left are for the experiments at 0®C.; those at 
the bottom and to the right are for the experiments at 18°C. 


18®C., is SO great that it is difficult to follow the reaction, the points fall 
close along straight lines, which determine the constants fco and.A; 

We find 


t 

K 



*R-‘ 

degrees C. 

0.03 

0.544 

38.8 

0.236 

16.9 

17.94 

2.30 

172 

0.999 

74.7 


In table 3 is given the composition of the solutions in ten series of ex¬ 
periments, five at each temperature. Table 4 gives the experimental data 
for series 1. In order to test how well the experiments agree with equation 
14 when the values of ko and Ajr- are introduced, we calculate from this 
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TABLE 3 

Bromination of solutions of acetoacetic acid and sodium acetoacetate 


All the solutions contained KBr, 0.050 M 


TBMPBRA- 

TXTRB 

SBRXB8 

6 X 10« 

c X 10« 

( NaCl ) 

8 

Ahr X w 

ko 

*R- 

degrees C. 


1 

29,06 

33.63 

0.008 

0.087 

4.0 





2 

17,81 

19.84 

0 004 

0.072 

3.9 



0.03 < 


3 

8.57 

10.48 

0.003 

0.062 

3.8 

0.544 

38.8 



4 

7.508 

8.515 

0.002 

0.059 

3.8 





5 

4.882 

5.373 

0.001 

0.056 

3.7 





6 

26 43 

29.45 

0.006 

0.082 

4.0 





7 

13.65 

14.89 

0 003 

0.067 

3.9 



17.94 ] 


8 

7 283 

8.300 

0.002 

0.059 

3.8 

2.30 

172 



9 

4 629 

5.298 

0.001 

0.056 

3.8 





10 

3 778 

4.554 

0.002 

0.056 

3.8 




TABLE 4 

Bromination of solutions of acetoacetic acid and sodium acetoacetate at O.OS*^C, 

Series 1 


d 

Z 


5 

w 

6 

X 

H le ^ 

Q 

d 

s 

X 

s 

X 

X 

a 

o 

X 

S 

a 

& 

X 

a 

& 

X 

k 

S 

a 

& 

X 

o 

X 

k 

1 

minutes 

0.062 

0.61 

0.63 

-0,02 

0.07 

5.14 

27.91 

143 5 

0.000 

0.00 

2 

0.100 

0.96 

0,95 

+0.01 

0.08 

5.50 

27.22 

149.7 

0.202 

5.57 

3 

0.168 

1.58 

1.58 

0,00 

0.09 

6.10 

25.99 

158 5 

0 597 

16.05 

4 

0.255 

2.45 

2.44 

+0.01 

0.11 

6.92 

24 27 

167.9 

1.163 

30,27 

5 

0.333 

3.28 

3.27 

+0.01 

0.14 

7.72 

22.64 

174.8 

1.734 

43.65 

6 

0.425 

4.31 

4.31 

0.00 

j 0.17 

8.71 

20.61 

179.5 

2.490 

59.98 

7 

0.503 

5 29 

5.25 

+0.04 

0.21 

9.68 

18.69 

180 9 

3.207 

74.06 

8 

0.583 

6.18 

6.25 

-0.07 

0.25 

10.49 

16.95 

177.8 

4.014 

88.44 

9 

0.667 

7.35 

7.32 

+0.03 

0.32 

11.57 

14.68 

169.8 

4.940 

103.05 


NO. 

A(f)xi0. 

Ah X 10» 

A/r- X 10« 

tiO 

Ah 

AI^ 

5-1 

2.67 

1.734 

43.65 

61.2 

39.7 

6~2 

3.35 

2.288 

54.41 

61.6 

42.1 

. 7-3 

3.71 

2.610 

58.01 

64.0 

45.0 

8-4 

3.73 

2.851 

58.17 

64.1 

49.0 

9-5 

4.07 

3.206 

59.40 

68.5 

54.0 
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equation when going from the first to each of the other experiments 

X 

in the series. In order to calculate ~ we might assume that experiment 

X 

No. 1 has no error, but it is more reasonable to calculate ^ from the assump- 


TABLE 5 

Bromination of solutions of acetoacetic acid and sodium acetoacetate 


Scries 2 to 10 


BBRIDS 

t 

(bxptl ) 

« X 103 

RBRIBE 

' t 

lxu» 

(bxptl ) 

a X 10 * 

BERIBf 

} t 

fxio. 

(bxptl ) 

a X 10 * 


min- 




mtn- 




mtn- 




utm 




utes 




UtfS 




0,047 

0.234 

+ 0.006 


0.058 

0.039 

- 0.002 


0.057 

0 295 

- 0.037 


0.105 

0 404 

4 - 0.014 


0 307 

0 139 

0.000 


0.087 

0.469 

0 000 


0 205 

0.681 

- 0.010 


0.500 

0 227 

+0 001 


0.120 

0 664 

+0 029 


0 .307 

1.005 

- 0.021 

5 1 

0.697 

0 324 

- 0.002 


0.155 

0 837 

+0 011 

2 

0 403 

1.366 

- 0.004 


0.997 

0 502 

0.000 

* ^ 

0.190 

1 029 

-0 007 


0 503 

1.747 

-0 013 


1 258 

0.682 

+ 0.003 


0.223 

1 245 

-0 001 


0.608 

2 173 

-0 007 


1.500 

0 863 

-0 003 


0.270 

1 572 

0.000 


0 703 

2.613 

4-0 006 






0.307 

1 841 

-0 008 


0.803 

3.113 

+0 026 






0.360 

2 283 

+0 oil 


0.053 

0.138 

- 0.007 


0.043 

1.16 

-0 06 


0 053 

0 157 

-0 on 


0 205 

0 426 

+0 006 


0.073 

2 11 

+ 0.03 


0.142 

0 403 

+ 0.001 


0.310 

0.615 

- 0.010 


0.092 

2.65 

- 0.04 


0.205 

0 593 

-0 005 


0 407 

0.811 

- 0.013 

6 ^ 

0.137 

4 28 

- 0.03 


0.257 

0.787 

+0 005 

3 ^ 

0 503 

1.041 

4 - 0.008 


0 168 

5.61 

+ 0.06 

9 < 

0.297 

0 937 

+0 002 


0 608 

1.273 

- 0.001 


0 208 

7.28 

+ 0.01 


0.357 

1.181 

-0 006 


0 705 

1.495 

- 0.012 


0.240 

8.72 

+ 0.05 


0.407 

1.412 

-0 001 


0 807 

1.777 

4 - 0.013 






0 453 

1 649 

+0 014 


0 900 

2.019 

+ 0.013 






0 497 

1.952 

(+0 095 ) 


0.060 

0.081 

- 0.015 


0.047 

0.403 

- 0.001 


0.107 

0.313 

- 0.011 


0 202 

0 226 

0.000 


0 057 

0.479 

+ 0.001 


0.150 

0.446 

-0 004 


0 320 

0.341 

- 0.004 


0.108 

0.908 

+ 0.006 


0.185 

0.566 

+ 0.004 


0 500 

0.537 

- 0.006 

7 < 

0.150 

1.336 

+ 0.022 

in 4 

0.223 

0.670 

- 0.021 

4 ^ 

0 753 

0.869 

+ 0.007 

4 ' 

0.227 

2.180 

- 0.033 

lU ' 

0.257 

0.811 

- 0.003 


1 000 

1.229 

+ 0.007 


0.253 

2.537 

- 0.023 


0.290 

0.954 

+ 0.014 


1.250 

1.638 

+ 0.004 


0 287 

3.052 

+ 0.006 


0.320 

1.063 

+ 0.004 


1 505 

2 094 

- 0.006 


0.320 

3.577 

+ 0.025 


0.353 

1.213 

+ 0.018 


1.747 

2 595 

+ 0.014 










tion that the algebraic sum of the errors is as near 0 as possible. The values 
in the fourth column of table 4 have been found in this way. The fifth 
column gives 8 , the difference between the experimental and calculated 

X 

value of 2 . It is seen that the agreement is good. 
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In table 5 is given a short survey of the nine other scries of experiments. 

In the last chapter we found ka* = 0.235, which is a mean value of 
eleven series of experiments on the bromination of acetoacetic acid in 
solutions of hydrochloric acid at 0°C. This is in good agreement with the 
value fco* = 0.23G found in this chapter. It may be mimtioned that the 
calculation of the experiments in hydrochloric acid was completed before 
the calculation of the experiments in this chapter. 


V. BROMINATION OF ACETOACETIC ACID IN GLYCOLATE AND ACETATE 
BUFFER SOLUTIONS 


The hydrogen-ion concentration of the solutions used in this chapter 
is so small that only a rather small part of the acetoacetic acid is undisso¬ 
ciated, and the inonobromoacetoacetic acid formed by the bromination is 
completely dissociated. In agreement with the explanation given in the 
introduction, the velocity of bromination is determined only by the enoli- 
zation of the undissociated acetoacetic acid, which reaction is catalyzed 
by bases. The reaction product, monobromoacet()ac(‘tic acid, is not. 
further brominated. If the solution contains the weak acid HB and its 
sodium salt NaB, the velocity is detennined by the differential equation 



MHH ) + A : r -( R -)( HR ) + fcB -( R ")( HR ) 


( 16 ) 


when' A’b is the catalytic constant for the base B“. 

By the bromination of one molecule of acetoacetic acid to the mono- 
bromoacetoacetate ion, two hydrogen ions are s(d. freci 

CII3COCH2COOH -f Bro CIIsCOCHBrCOr + Hr -f 2H + ( 17 ) 

We shall see that the experiments in glycolate and acetat(i buffer solu¬ 
tions at 0 and 18°C. agree with equation 16 and scheme 17. In addition, 
we shall determine th(i catalytic constants of glycolate and acetate ions. 

The buffer solutions were prepared from glycolic or acetic acid and 
sodium hydroxide as previously described (5). The volume during th(' 
bromination was always 200 cc. We use the following notations for the 
stoichiometric concentrations, c is the total concentration of undisso¬ 
ciated and dissociated acetoacetic acid at the beginning of the experiment, 
c = (HR) + (R"~), when < = 0. gr is the total concentration of the acid 
HB and its salt NaB. g = (HB) -f (B~). b is the total concentration 
(referred to the volume during the bromination) of the sodium hydroxide 
used for the preparation of the amount of buffer solution and alkaline 
sodium acetoacetate solution taken for the experiment, b = (R“) + 
(B”“) — (H+), when t = 0. 
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At the time t we have 


(HR) + (R-) - c - - (18) 

and (HB) + (B-) - g (19) 

(R-) + (B-) - (H+) -h-x (20) 

We denote by 70 , 7 , and 700 the fractions of the aoetoacetic acid which 
are undissociated at the times 0, t, and », respectively. ^We use the 
abbreviation 

■yKi ^ i (to + Y«) (21) 

From equations 18 to 20 and 


we get 


(R-) = (1 




(HB) = g-b- (H+) + c(l - t) + 2 (1 + t") 


(B-) = 6 + (H+)-c(1-7)--(1+7) (25) 

If we denote by L the ratio between the dissociation constants of aceto- 
acctic acid and the acid HB 

L^Kuw/Kk^ (26) 

we have 


Z,(B-) + (HB) 

By introducing equations 24 and 25 we obtain 


g — b — (H'*') + c(l — 7 ) + — (1 + 7 ) 


(, + (L - 1) [5 + (H+) - c(l - 7) - 2 0 + >)) 

g-b- (H-^) + 2c- (1 + y<.)e 
'g + (L-l)(.b + (H+) - 2c) + (L - 1) (1 + 70)0 


g-b-(H+) + 2c 
'(( + (L-l)(5 + (H+)-2c) 
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The hydrogen-ion concentration increases so little during the bromina- 
tion that it is sufficiently accurate to use an average value calculated from 
the expression 


( 30 ) 

1 — 7m 

In order to calculate 70 , 7 oo, 7 tn, and (H+) from the expressions 28, 29, 
21 , and 30, we proceed in the following way. We first calculate approxi¬ 
mate valu(‘s of 7 o and 700 by setting (H*^) = 0 and 70 = 0 on the right 
side of equations 28 and 29. In another paper ( 6 ) L has been determined 
electrometrically in solutions of varying salt concentration, s. By means 
of eejuation 21 we now find a preliminary value of 7 t„, which we introduce 
into equation 30. In this way we get a sufficiently good value of (H^). 
7 oo is now calculated from equation 29. By introducing the preliminary 
value of 7 o on the right side of equation 28 we find a better value of 70 , 
and continue in the same w'ay until a repetition gives the same value. 
From the final values of 70 and 700 we calculate the mean value 7 „,. 

If we use the abbreviations 


/() ^ 


k{) 

kti- 


and fii 


k]i- 


(31) 


the differential equation 16 may be written in the following way 



fcB-(HR) [/o + /ii-(R-) + (B-)] 


(32) 


If we introduce equations 22, 23, and 25, we get 




+ h + (H+) - (1 -/R-) (1 - 7 )c - (1 + 7 + (1 - 7)/r 



For the first 7 in this equation we introduce expression 27. In the equa¬ 
tion thus obtained we use for 7 the approximate value 7 ^. We use the 
abbreviations 


g-b- (H+) + 2c 

~ c 

(34) 

1 + 7m 


fe + (HO+/o~(l~/R-)(l-7m)c 

(35) 

(1 + ym) + (1 — ym)fR- 

0 + (L-l)(b + (H+)-(l- 7 jc) 

(36) 

(L - 1 ) (1 + 7 m) 


( 33 ) 
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The differential equation 33 may now be written 



1 + 7m + (1 — 7iii)/R" 
**B--r—;- 


(-1) 


(37) 


We integrate equation 37 and introduce - = + (1 — 7o)«t), when 

f = 0 , where c and ti are the degrees of enolization at keto-enol equilibrium 
of undissooiated acetoacetic acid and the acetoacetate ion respectively. 
c( 7 o« + (1 — •>'o)«.) is negligible compared with E and F. We thus get 

S + fcn = /(x) (38) 

where we have used the following abbreviations 


/(x) s log —-1- Ai - As (39) 


,,ri 2 

Ai ss M log 

E 

(40) 

> 

ill 

1 

j H 

(41) 

* — Voo + fcB-(B )i_m] 

(42) 

g(b + (Hn-2e+fo) 

“ g + (L - l)(b + (H+) - 2c) 

(43) 


(44) 

(1 + yJL 

" (1 + 7m)(9 +/o) + (1 - 7».) /r- (g-b- (H+) + 2c) 

. (45) 

S s — log (1 — 7 o« — (1 — 7 o) «,) 

(46) 


In order to show that the experiments agree with formula 38, we pro¬ 
ceed in the following way. The composition of the solution within a series 
of experiments is given by g, b, c, and the total salt concentration s. We 
first calculate L from formulas 11 (reference 6 ). We then calculate 70 , 
y„, and (H+) from expressions 28, 29, 21, and 30 as explained before. 

/k 

and A 2 in formula 39 are rather small compared with log-. We may 
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therefore find an approximate value of fc* from the slope of the straight 
line which wc get by plotting log-against L When we use the values 

X 

^ 2 

of ko* and Ar-* found in the last chapter and the rough value of k* found 
here, we calculate by means of expressions 42 and 31 approximate values 
of /o and /r . From these values we calculate by means of expressions 
34 to 36, 39 to 41, and 43 to 45 approximate values of f(x), which we plot 
against t. In this way we find a better value of k*. We repeat the com¬ 
putation, and continue until a repetition gives the same value of fc*. We 
now find k^ * from equation 42. S is the intercept on the ordinate axis 
of the straight line we get by plotting/(3;) against t. 


TABLE 6 

Bromination of acetoacetic acid in a mixture of glycolic acid and sodium glycolate 

at O.OS^C. 


g « 0.09285 
(CaHsOH) « 0.0031 
7«. = 0.1353 
/r =* 0 89 
N « 0.115 


5= 0 07802 
8 = 0.128 
To = 0 1110 

E = 0.01557 
k* = 0.2211 


c = 0.003084 
L = 1.862 
Tm = 0.1232 
F ^ 0 04737 
A*b * “ 19.4 


(KBr) =0.050 
(H^^) = 0.00006 
/o = 0 0124 
M = 0 787 
= 0 0021 


i 

^ X10» 

^ c 

LOO- 

X 

‘-2 

mxniUea 

0.067 

0.107 

0.0153 

0.337 

0 436 

0 0662 

0 670 

0.817 

0.1338 

1.003 

1 146 

0.2016 

1.335 

1.419 

0.2681 

1 668 

1 668 

0.3380 

1.998 

1 866 

0 4047 


1 

At 

fix) 

(bxptl ) 

0.0024 

0 0001 

0.0176 

0 0095 

0 0005 

0.0752 

0 0175 

0 0009 

0.1504 

0 0243 

0 0012 

0.2247 

0 0298 

0.0015 

0.2964 

0 0348 

0 0018 

0.3710 

0.0387 

0 0020 

0 4414 


(CALCD ) 

5 X 10« 

dt X 10* 

0 0169 

+7 

+3 

0.0766 

-14 

-6 

0.1502 

+2 

+1 

0.2239 

+8 

4-4 

0.2973 

-9 

-4 

0 3709 

+1 

0 

0.4439 

(-25) 

(-11) 


The results of two series of experiments are given in tables 6 and 7. 
Table 8 gives a survey of six series in glycolate buffers and fourteen series 
in acetate buffers. The sixth column in tables 6 and 7 contains/(a:) found 
from the experiments. The seventh column gives /(j)caicd = kH + Sy 
calculated for all the values of t and the values of k^ and S found in the 
series. The experiments agree well with formula 38. This is seen from 
the next to the last column, where 5 = J{x) — /(a:)caicd. is given. 6 is 
usually small. Only when much more than half of the acetoacetic acid is 
brominated may we get a considerable deviation. A disappearance of 
titratable bromine also takes place here, although at a much later stage 
than in hydrochloric acid. This is seen from table 7. Here the experi¬ 
ments still agree with the formula when 73 per cent of the reaction has 
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taken place {t = 0.353). While the titratable bromine at the time t = 
2 corresponds to 99 per cent of the acetoacetic acid, it has at the time 
< = 5 fallen to 80 per cent. 

The velocity is often so great that it is difficult to follow the reaction. 
Thus the time of half-completion varies from 6 to 22 seconds in the ex¬ 
periments at 18®C. Probably a considerable part of the unsystematic 
error is due to errors in the determination of the time when the reaction is 
started and stopped. When we introduce into formula 38 the values of 
k* and S found in a series of experiments, we may calculate t for each of 
the experimental values of /(x). The difference between the experi¬ 
mental and calculated values of t may also be found from the expression 


TABLE 7 


Bromination of acetoacetic acid in a mixture of acetic acid and sodium acetate at 17.94°C, 


g » 0.2018 
(C 2 H 5 OII) = 0 0031 
= 0 06759 
/r- - 0.322 
A = 0 0495 


b - 0.1042 
s « 0.154 
To = 0 06353 
2? = 0 0943 
A;* * 1 602 


c = 0.003083 
L - 14.62 
T„ “ 0.06556 
F ^ 0 0780 
kB * “ 232 


(KBr) =0.050 
(H+) = 0.0000 
/o = 0.0043 
M = 0 835 
S = 0.0059 


t 

*X10' 

c 

LOG* •" 

‘’-2 

Ai 

A2 

/(a-) 

(expti. ) 

/(*) 

(OAU'O ) 

« X io» 

6t X 10* 

minutes 









0 053 

0 571 

0,0889 

0.0022 

0,0002 

0.0909 

0 0908 

+1 

0 

0.097 

0.943 

0.1587 

0.0036 

0.0003 

0.1620 

0 1613 

+7 

0 

0.120 

1.118 

0,1955 

0.0043 

0.0003 

0.1995 

0.1981 

+14 

+1 

0.162 

1.384 

0.2587 

0.0053 

0 0004 

0.2636 

0.2654 

-18 

~1 

0.203 

1.629 

0.3257 

0.0063 

0.0005 

0.3315 

0.3311 

+4 

0 

0 353 

2 238 

0.5625 

0,0085 

0.0006 

0.5704 

0.5714 

-10 

~1 

1.003 

3 030 

1 790 

0.0114 

0.0009 

1.800 

1 613 



2.000 

3 054 

2.074 

0.0115 

0.0009 

2 085 

3.210 



5.000 

2.47 









is given in the last column of tables 6 and 7. The average 
deviation for all the experiments has been calculated from the formula 
A 2Jg 2 

= /U -—where n is the number of experiments. In the calculation 

we have omitted experiments where more than 60 per cent of the reaction 
has taken place, because in the last part of the reaction great deviations 
of another origin are found. In this way we find from ninety experiments 
8tfn = 0.0026 minute or 0.15 second. From table 8 we see that is, 
to a good approximation, constant at constant temperature for each of the 
catalysts. 

In each series we have determined the constant S (expression 46). 
Owing to the great velocity the value is very rough. If we calculate €<, 
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the degree of enolization of the acctoacetate ion, from S found in the experi¬ 
ments at 0®C. and e = 0.0073, we get the values given in the last column 
of table 8. The mean value of thirteen determinations is €i = 0.0045 
with an average error of 0.0005. In spite of the rather small unsystematic 
error, we take reservation for the reliability of this value. 

TABLE 8 


Brormnalion of ncetoacetic acid in glycolate and acetate buffer solutions 
All solutions contain KBr, 0.050 M 


BUFFER 

TEM¬ 
PER A- 
TUKB 

1 

r X 10' 

8 

(nn)/-x 

(B' )/..3c 

y<i 

■>00 



tvXlO* 

1 

degrees 



1 











3 08 

0 128 

0 02094 

0 0710 

0.1110 

0 1353 

0.2211 

19.4 

45 





2.87 

0.129 

0.02344 

0 0729 

0 1250 

0 1472 

0.2429 

19.4 

42 

Uly- 


0 03< 


2.87 

0.204 

0.0446 i 

0 1484 

0.1292 

0 1403 

0 4279 

19 0 

48 

colatc ' 




2 87 

0.204 

0.0832 

0 1484 

0.2218 

0 2334 

0 722 

19 3 

38 

1 


] 


2.87 

0.204 

0.1220 

0.1484 

0 2969 

lO 3085 

0 956 

19 3 

52 



17.94 

2 87 

0.129 

0.02344 

0.0729 

0.1326 

0.1564 

1 084 

81.4 






3 34 

0.154 

0.0517 

0 0973 

0.02981 

0.03293 

0 1844 

55.1 

50 

1 




3 33 

0.104 

0.0520 

0 0475 

0.05802 

0 06626 

0.1881 

54.8 

44 





3.33 

0.154 

0.1013 

0.0973 

0 05856 

0.06257 

0.3478 

54.7 

54 





6.66 

0.158 

0.1041 

0.0945 

iO.05760 

0 06584 

0.3631 

55.9 

42 



0.03j 


3.33 

0.254 

0.2003 

0.1976 

0.05776 

0.05972 

0.6552 

54.3 

39 





3 34 

0.154 

0.2006 

0 0973 

0.1109 

0 1167 

0.6478 

54.6 

42 





3.33 

0.104 

0.2016 

0.0473 

0.1995 

0.2161 

0.6151 

55.1 

40 

Acetate ^ 




6.65 

0 108 

0.2044 

0.0445 

0.1945 

0.2287 

0.6270 

56.3t 






3.33 

0.254t 

0.2016 

0.0474 

0.2022 

0.2106 

0.6011 

55 3 

48 





3.08 

0 104 

0.0514 

0.0475 

0.06086 

0.06891 

0.814 

228 




i 


3 08 

0 104 

0.0528 

0.0477 

0.06232 

0 07044 

0.878 

240 




17.94- 


3.09 

0 154 

0 1005 

0.0980 

0.06160 

0.06556 

1.538 

229 






3 08 

0 154 

0.1038 

0.0980 

0 06353 

0.06759 

1.602 

232 






3.08 

0.254 

0 1978 

0.1978 

0 06206 

0 06401 

3.01 

233 



Mean values of Glycolate catalysis, 19.3 at 0.03°C, 81.4 at 17.94®C. Ace¬ 

tate catalysis, 55.0 at 0.03®C., 232 at 17.94®C. 

t Omitted, when taking the mean value, because the series is considered less 
accurate. 

t Containing NaCl, 0.150 M. 

VI. GENERAL BASIC CATALYSIS OF THE ENOLIZATION OF ACETOACETIC ACID 

All the experimental evidence on the bromination of acetoacetic acid 
to a-monobromoacetoacetic acid confirms the assumption that the velocity 
of this reaction is determined by the enolization of the undissociated part 
of the acetoacetic acid, which reaction is catalyzed by bases in general. 
No acid catalysis was found. The theory of general basic catalysis and 
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prototropic isomerization was discussed in another paper (4), where 
references to the literature may be found. According to the theory the 
velocity of enolization is determined by the velocity with which the proton 
in the alpha position to the carboxyl group is transferred to the basic 
catalyst. We found by experiment that the enolization of the ions of 
acetoacetic and monobromoacetoacetic acids is very slow in comparison 
with that of the undissociated acids. This is in agreement with the theory 
because the proton, owing to the free negative charge, is bound much more 
firmly in the ions than in the neutral acids. When the basic catalyst has 
a negative charge the electrostatic repulsion will further counteract the 
reaction of the ion. 


TABLE 9 


Basic catalysis of the enolUalion of acetoacetic acid at 0 and 1S°C. 
$ = 0.50 


TJCMV1QRA- 

TURK 

CATALYST 

1 

p 

<7 


0 PQ 

P.I e< 

0 

s 

l-B-* 

>. 

0 

S 

1 

G* 

p 

00 

s 

0 

cy 

degrees C 










* 

CHsCOj- 

1 

2 

1.70 X 10-‘ 

4.469 

55.0 

1.439 

0.160 j 

12.7 

C flQ < 

CHaOHCOj- 

1 

2 

1.36 X 10-* 

3.566! 

19.3 

0.985 

0.159 

12.7 

U.Uo ^ 

CHsCOCHaCOj- 

1 

2 

2.57 X 

3.289 

16.9 

0.927 

0.192 

13 1 


HjO 

1 

1 

55.5 

-1.74 

0.00425 

0.628-3 

0.0315 

12.7 


CHaC 02 '' 

1 

2 

1.79 X 10-« 

4.447 

232 

2.065 

0.694 


17 OA < 

CH2OHCO2- 

1 

2 

1.48 X 10-^ 

3.528 

81.4 

1.610 

0.702 


1 / . * 

CHaCOCHaCOa- 

1 

2 

2.62 X 10-* 

3 281 

74.7 

1.572 

0.855 



H20 

! 1 

1 

55.5 

-1.74 

0.0180 

0.255-2 

0.133 



The ^^uncatalyzed^’ reaction may be explained as the result of the basic 
catalysis of water. If we neglect the effect of the association of the water 
molecules, fcfigo = fco/55.5, and the basic strength of water -Kh 20 == 
In the experiments we have thus determined the catalytic con¬ 
stants of the four bases acetate, glycolate, and acetoacetate ions, and water. 

In other reactions catalyzed by bases in general it has been found that 
the following formula holds approximately (see reference 4). 



Here is the basic strength of the catalyst at infinite dilution, p and q 
are statistical factors for the base, and P and G are constants characteristic 
of the reaction. In order to test the formula for the reaction here ex- 
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amined we plot log against log (see table 9 and figure 3). 

If we determine P from the catalysis of acetate and glycolate ions we get 
P =s 0.503 at 0®C. and jS = 0.495 at 18®C. Thus P is practically inde¬ 
pendent of the temperature. For the calculation of G from formula 47 we 
have used = 0.50 (table 9). In figure 3 we have at both temperatures 
drawn straight lines with the slope 0.50 through the points for the acetate 
catalysis. The points for the acetoacetatc catalysis fall a little above the 
lines, while those for the water catalysis fall a good deal below them. As 
seen from table 9 the catalysis of the acetoacetate ion is 20 per cent stronger 
than we find from formula 47 when we base the calculation on the acetate 



Fig. 3. Basic Catalysis of the Enolization of Acetoacetic Acid 


and glycolate ion catalysis. The water catalysis is only one-fifth of the 
calculated value. The deviation is in both cases practically independent 
of the temperature. Table 9 also gives the heat of activation Q in kilo- 
gram-calories calculated in the usual way. Q is practically the same for 
all the catalysts. 


VII. SUMMARY 

The bromination of acetoacetic acid was studied in hydrochloric acid 
and in different buffer solutions. The experiments could always be ex¬ 
plained from the assumption that the rate of bromination is determined 
by the enolization of the undissociated acetoacetic acid and a-mono- 
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bromoacetoacetio acid, which reactions are catalyzed by bases in general, 
but not by acids. 

The bromination was studied at 0°C. in hydrochloric acid of different 
concentration. The reaction follows scheme la-ld. From the experi¬ 
ments were calculated the unimolecular velocity constants for the enoli- 
zation of aoetoacetic and monobromoacetoacetic acids (the “uncatalyzed” 
or water reaction), and the dissociation constant of the latter acid. 

The bromination of mixtures of acetoacetic acid and sodium acetoacetate 
was studied at 0 and 18°C. The gross reaction is expressed by scheme 7. 
The velocity is determined by the enolization of the undissociated aceto¬ 
acetic acid. The velocity constant for the “uncatalyzed” reaction and the 
catalytic constant for the acetoacetate ion catalysis of the enolization were 
computed. 

The bromination of acetoacetic acid in glycolate and acetate buffer 
solutions was studied at 0 and 18®C. The gross reaction is expressed by 
scheme 17. From the experiments were calculated the catal 3 rtic constants 
for the glycolate and acetate ion catalysis of the enolization of acetoacetic 
acid. 

The dependence of catalytic constant upon basic strength was examined. 

My thanks are due to Professor Niels Bjerrum for his kind interest in 
my work. 
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THE INFLUENCE OF SALTS UPON INTERMITTENT PHOTO¬ 
GRAPHIC EXPOSURES 
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Received March P, 1981^ 

If, after an initial exposure sufficient to produce considerable developable 
density, a photographic emulsion is subjected to a second exposure to 
light of usually longer wave length, the existing density may be decreased. 
This is the Herschcl effect. 

Narbutt (10) has made a comprehensive study of the influence of various 
ions upon the Herschel effect. He concludes that the Herschel effect 
(with Satrox Universal Paper) is very strongly increased by the presence 
of Cu++, Fe'^'^**', and VO+*^. The remaining cations (of those investigated) 
have no marked effect. In the case of anions, F~ has little effect, Cl~ 
increased the Herschel effect considerably, and Br'" increased it very mark¬ 
edly. The anions CHaCOO"”, NOa”, and SO4 — have no appreciable 
influence. 

In general, both Narbutt and Trivelli (12) have found that the greater 
the decrease in sensitivity produced by a given ion, the correspondingly 
greater was the Herschel effect, and vice versa. 

Perhaps during a photographic exposure two reactions exist, one a for¬ 
ward reaction making the silver halide grain developable, and the other a 
reverse reaction converting developable grains to their original state. The 
Herschel effect has been explained as the result of the preponderance of the 
reverse reaction. These and somewhat similar suggestions have already 
been reported (2, 3, 5, 6, 7, 8,11). If we assume that a decrease in sensi¬ 
tivity is accompanied by an increase in the speed of the reverse relative 
to that of the forward reaction, the observations of Narbutt and Trivelli 
are explained. 

Blair and Hylan (1) have suggested that the reactions (forward and 
reverse) which take place during exposure continue for a short time after 
the exposure has ceased. On this basis they were able to explain the 
findings of Davis (4) and others that intermittent exposures produce 
developable densities differing from those produced by equal continuous 
exposures. The reverse reaction, in the majority of cases, predominates 
over the forward during the periods of darkness between the intermittent 
exposures, and the resulting density is accordingly in these cases smaller 
than that produced by an equal continuous exposure. 
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TABLE 1 

Developable densities produced by equal continuous and intermittent exposures upon 

treated paper 
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TABLE I—Concluded 


TBBATMBNT OF PAPER 

EFFECTIVE 
TIME OF 
EXPOSURE 

INTER* 

MITTENT 

SECTOR 

OPENING 

DENSITY 
BY CON¬ 
TINUOUS 
EXPOSURE 

DENSITY 
BY INTER¬ 
MITTENT 
EXPOSURE 

DENSITY 

RATIO 

f 

840 

120** 

1.47 

1.295 

1.13 

Ferric ammonium sulfate (0.6 per cent).< 

420 

60° 

1.40 

1.13 

1.24 

[j 

315 

30** 

1.32 

0.84 

1.58 

/ 

10 

120** 

1.61 

1.47 

1.03 


5 

60** 

1.41 

1.38 

1.02 


20 

120** 

1.49 

1.49 

1.00 

Silver nitrate plus citric acid (1 per 

10 

10 

60° 

120° 

1.44 

1.27 

1.41 

1.35 

1.03 

0 94 

cent each). 

5 

30** 

1.225 

1.21 

1.01 


5 

60° 

1.15 

1.07 

1.07 


2.5 

30° 

0.95 

0.98 

0.97 


2.5 

60** 

0.523 

0.495 

1.06 

f 

30 

120** 

1.50 

1.45 

1.04 

(NH 4 )jS 04 (0.8 per cent). \ 

15 

60** 

1.45 

1.36 

1.07 

{ 

7.5 

30** 

1.23 

0.99 

1.24 


30 

120** 

1.56 

1.56 

1.00 


15 

60° 

1.51 

1.45 

1.04 

Lead acetate (1.2 per cent). 

7.5 

30 

30° 

30° 

1.10 

1.65 

0.79 

1.62 

1.39 

1.02 


16 

16° 

1.48 

1.375 

1.08 


7.6 

7.5° 

1.24 

0.95 

1.31 

f 

15 

60° 

1.50 

1.41 

1.07 

Sodium acetate (1.6 per cent).i 

7.5 

30° 

1.24 

0.90 

1.37 

1 

3.76 

15° 

0.62 

0.33 

1.87 

[ 

60 

120° 

1.37 

1.365 

1.01 

Ammonium chloride (1.5 per cent) , .A 

30 

60° 

1.21 

0.80 

1.52 

[ 

15 

30° 

0.47 

0.24 

1 95 


The present paper deals with the influence upon the interniittency effect 
of many of the salts used by Narbutt, and in addition, certain other salts 
whose action upon the Herschel effect is known. 

EXPERIMENTAL 

A sensitized paper, Eastman Azo F No. 5, very strongly subject to 
intermittency effects, was used in this investigation. This paper was 
washed in gently running water for one hour to remove soluble salts. The 
paper was dried and immersed for ten minutes in various salt solutions 
and again dried. Each sheet was cut into two parts, one of which was 
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given a series of intermittent exposures, and the other half a corresponding 
series of continuous exposures of the same total energy. Duplicate runs 
were made throughout. 

The exposing light was diffused white radiation from an incandescent 
lamp. The intensity at the paper was 420 ergs per cm.® per second. The 
intermittent exposures were obtained by means of a sector wheel placed 
directly in front of the emulsion. The apertures of this wheel were 120®, 
60®, 30®, 15®, and 7.5®. The wheel was driven by a sjmchronous motor at 
the rate of 0.312 revolutions per second. 

The exposed paper was developed for 90 seconds in elon-hydroquinone 
developer (D73), diluted one to three. The densities recorded are normal 
reflection densities. 

Table 1 gives the results obtained with various salts at the dilutions 
specified. Each density value given is the mean of the duplicate runs 
except in the case of the silver nitrate-citric acid mixture. Owing to 
experimental difficulties in this case the individual variation was much 
greater than in the other determinations, and individual results of three 
runs are recorded. 


DISCUSSION 

In order to show more clearly the effect of salts upon intermittency, the 
data given in table 1 are plotted in figures 1 to 4. The densities produced 
by the continuous exposures are plotted as abscissae and the ratios of the 
densities produced by continuous and intermittent exposures as ordinates. 

Figure 1 shows the result of washing upon the intermittency effect. The 
speed of the emulsion is increased (table 1) and the intermittency effect 
decreased. These differences arc due primarily to the removal of soluble 
salts by washing, but they are probably partly due to the effect of water 
upon the emulsion itself. 

Figure 2 indicates the method employed to isolate the effect of the indi¬ 
vidual ions (following the procedure of Narbutt in his study of the Herschel 
effect). Nickel sulfate, sodium sulfate, and potassium sulfate all produce 
practically no effect. Hence, it must be assumed that either the anions 
and cations have no effect separately, or that their effects are equal and 
opposite. The anions are the same in each case, while the cations differ 
considerably in properties. The ^sumption that these individual ions are 
without effect is accordingly the more plausible. This is further substan¬ 
tiated by the fact that sodium acetate is likewise without effect. 

Figure 3 shows the effect of the halogen ions. The effect of I"" was to 
decrease the sensitivity to such an extent that data could not be obtained 
for paper treated with potassium iodide. The sequence here is the same 
as that found by Narbutt for their influence upon the Herschel effect. 

A comparison of figures 3 and 4 will show that Cu^*^ increases intermit- 



jye/?s/fy/fa^^o i_ ^ Dens/ 



The Influence upon the Intermittency Effect of Washing the 


Emulsion Free of Soluble Salts 
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tency effect almost as much as does Br~ for the concentratioos used, where* 
as paper treated with a solution of 1 per cent silver nitrate and 1 per cent 
citric acid shows no intermittency effect. Liippo-Cramer (9) has found 
that this solution prevents the Herschel effect, which again is in very good 
agreement with our initial thesis. 



Fio. 3. The Action or the Halide Ions upon the Intekmittenct Effect 

The effects of the remaining ions were small. The a mmonium ion 
apparently decreases the intermittency effect slightly, but a discoloration 
of the gelatin which invariably accompanied treatment with ammonium 
salts may, perhaps, make the results less reliable in this case. It is note¬ 
worthy, however, that these results are in agreement with those of Narbutt. 
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Pb++ likewise produced a small decrease in the intermittency effect, again 
in agreement with Narbutt. The remainder of the ions studied had practi¬ 
cally zero effect. 

In conclusion, it should be emphasized that not a single case was found 
in which the action of salts upon the Herschel effect, as reported by Nar- 



Density 

Fig. 4. The Action of Ag"*" and Cu'*"'' upon the Intermittency Effect 

butt, did not correspond to the action of the same salt upon the intermit¬ 
tency effect. Even the action of Ag+, as found by Llippo-Cramer upon a 
very different emulsion than the one we used (one very subject to Herschel 
effect, however), was the same. The general observations of Narbutt as 
to the relation which exists between the influence of an ion upon the 
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Herschel effect and its influence upon sensitivity of the emulsion evidently 
carries over to the intermittency effect. Accordingly, we feel safe in pre¬ 
dicting that, in general, any salt which acts as a sensitizer or desensitizer 
for the Herschel effect will act in the same capacity for the intermittency 
effect. 
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INTRODUCTION 

In view of the progress that is being made in the study of the kinetics of 
gaseous oxidations by molecular oxygen, it is of interest to extend the field 
of investigation to include similar reactions in which oxygen is replaced 
by other gases. 

Dixon and Higgins (1) measured the temperatures of spontaneous igni¬ 
tion of jets of different combustible gases in an atmosphere of nitrous oxide, 
and found that these temperatures were usually slightly lower—in the case 
of hydrogen considerably lower—than those obtained with oxygen. Since 
such experiments involve great uncertainty as to gas composition, they 
cannot yield definite kinetic conclusions, but they seem to indicate that the 
mechanisms of the two oxidation processes are similar. 

In the case of the hydrogen-nitrous oxide reaction, Hinshelwood (4) 
concluded that the rate of the reaction was no greater than could be 
accounted for by the decomposition of nitrous oxide followed by rapid 
reaction of the oxygen and hydrogen. Melville (7) has recently carried 
out an extensive investigation of this reaction. His measurements showed 
that the reaction was from ninety to five hundred times as fast as the 
nitrous oxide decomposition, depending on the experimental conditions. 
The rate was directly proportional to the pressure of nitrous oxide and 
nearly independent of that of hydrogen, except when the nitrous oxide 
pressure was high. It was unaffected by nitrogen and argon. Increasing 
the diameter of the reaction vessel increased the velocity of the reaction. 
Th(‘se facts arc satisfactorily explained by a chain mechanism, and in this 
regard there is therefore a resemblance to the hydrogen-oxygen reaction. 

It seems desirable to extend such investigations to other systems, and the 
present paper deals with the oxidation of methyl alcohol by nitrous oxide. 
The corresponding reaction with oxygen is of the chain type, and has 
been investigated fairly thoroughly by Fort and Hinshelwood (2). 
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APPARATUS 

The reaction was followed in the usual way by observing the rate of 
change of pressure in a system of constant volume. The apparatus was 
similar to that used in previous investigations (3, 8). The gases were 
introduced in the desired proportions into a mixing bulb, and were then 
allowed to expand into the evacuated reaction vessel. Pressures were 
read on a capillary manometer, the dead space being about 2 per cent of the 
volume of the reaction bulb. The reaction vessel was a more or less spheri¬ 
cal Pyrex bulb having a volume of about 200 cc. To prevent condensation 
of water vapor the capillary manometer and connecting tubing were kept 
at 65®C. by means of electrical heating. The reaction bulb was contained 
in an electric furnace, the temperature of which was kept constant to 
within 1®C. by the hand regulation of rheostats. Temperatures were 
measured by means of a chromel-alumel thermocouple. 

The methyl alcohol used was obtained by the fractionation of commercial 
methanol, and distilled between 64.8^C. and 65.0®C. (uncorr.). Nitrous 
oxide was obtained in cylinders from the Ohio Chemical and Manufacturing 
Co., and was used without purification. 

EXPERIMENTAL 

Between runs the reaction vessel was evacuated for about one hour, the 
pressure being reduced to about mm. As will appear later, all experi¬ 
ments were not strictly reproducible, but it was found that the time of 
pumping and degree of vacuum obtained had no effect on the rate of the 
following run. 


DECOMPOSITION OP ALCOHOL 

It is first of all necessary to show that the reaction under investigation is 
not the mere decomposition of methyl alcohol and of nitrous oxide. Blank 
experiments showed that even at the highest temperatures used the decom¬ 
position of nitrous oxide was barely detectable after thirty minutes. The 
rate of alcohol decomposition, however, was appreciable, occurring under 
various conditions of temperature and pressure at rates from one-fourth to 
one-twentieth of that of the main reaction. The rate of the alcohol 
decomposition was very sensitive to changes in the condition of the wall of 
the vessel. In general very low rates were obtained after the bulb had 
been used for several runs with nitrous oxide-methyl alcohol mixtures, and 
the rate increased progressively when a series of runs was made with alcohol 
alone. It would therefore be extremely difficult to make any accurate 
correction for the alcohol decomposition during the main reaction because 
of the variability of the rate of its decomposition, and also because its 
decomposition products might be oxidized. No correction has been made 
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therefore, but the error thus introduced is probably not large. Some typi¬ 
cal pressure-time curves for nitrous oxide-alcohol mixtures, and for alcohol 
alone are given in figure 1. 



Curve 1, 200 mm. nitrous oxide and 50 mm. methyl alcohol, packed bulb; curve 2, 
200 mm. nitrous oxide and 50 mm. methyl alcohol, unpacked bulb; curve 3,75 mm. 
methyl alcohol, packed bulb; curve 4, 75 mm. methyl alcohol, unpacked bulb. 

THE PRESSURE CHANGE ACCOMPANYING THE REACTION 

For the alcohol decomposition the average pressure increase when the 
reaction had reached completion was 126 pe» cent. In the case of nitrous 
oxide-alcohol mixtures the increase under all conditions was from 170 to 
180 per cent of the initial partial pressure of alcohol. Had it not been for 
the accompanying decomposition of the alcohol the change would therefore 
have been about 200 per cent, provided that the decomposition products 
of the alcohol were not oxidized. 
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THE NITBOU8 OXIDE-METHYL ALCOHOL BEACTION 

TlTpical pressure-time curves are given in figure 1, and the data for a few 
typical runs in table 1. 

The rates of reaction under various conditions have been compared by 
comparing the time required for a pressure increase equal to the initial 
alcohol content (<ioo). The values of two for various mixtures at 670°C. 


TABLE 1 

Data for typical runs at 570°C, 


Ratio NiO/CH«OH . 

5 1 

4 1 

3:1 

2 1 

15 1 


48 

51 

56 

48 

52 

Per cent pressure in¬ 
crease at completion 
relatitre to CHsOU . 

174 

174 


176 

177 

TIME 

AP 

minutes 

mm 

mm. 

mm 

mm. 

mm. 

0 

0 

0 

0 

0 

0 

1 

4.8 

5.6 

4.8 

2.9 

3.0 

2 1 

11.8 

11 8 

9.4 

6 5 

5.6 

3 

18 0 

17.6 

14.2 

8.7 

9.0 

4 

23.6 

23.6 

19.2 

12.5 

12.8 

5 

30.0 

28 8 

22.4 

16 3 

16.0 

6 

35.8 

33,6 

28.2 

19 7 

19.2 

7 

41.2 

38.6 


•— 

— 

8 

46.6 

43.2 

37 2 

26.1 

26.0 

9 

51.4 

47.6 

__ 

_ 

— 

10 

56.6 

51.6 

45.4 

32 7 

32 0 

12 

64.6 

59.6 

54.4 

38.7 

38.2 

14 

74.2 

65.8 

62.2 

44.9 

44 0 

16 

80.6 

71.8 

69.6 

49.9 

49.4 

18 

82.8 

77.2 

75.8 

54.7 

54.4 

20 

83.4 

81.6 

81.4 

59.1 

59.0 

25 

83.6 

88.6 

— 

69 7 

67.8 

30 

83.6 

88.6 

— 

75 1 

75.2 

35 

83 6 

88 6 

— 

82 7 

85.0 

40 

— 



84.3 

89.2 

50 

— 

— 

— 

84.3 

1 92 0 


are given in table 2. If these times are to be strictly comparable it is 
essential that the pressure-time curves should be of the same general form 
under all conditions, i.e., that the curves are affine. To test this, pressure¬ 
time curves for a number of runs chosen at random are plotted in figure 2. 
The time scales are varied so that some one point, other than the origin, is 
common to all of them. It will be seen that they coincide throughout 
their entire length. 
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REPRODUCIBILITY 

The rates of reaction were not always strictly reproducible. This is 
undoubtedly due to the condition of the surface of the bulb. A very 
small amount of carbon was deposited during the reaction, and while the 
amount was unimportant in itself, it probably accounts for the variability 
of the surface. After a reaction bulb had been in use for some time there 
was no marked drift in the rate of reaction. Some of the earlier results 
with each reaction bulb have therefore been discarded. 


TABLE 2 


Values of tmfor various mixtures at 570'^C. 


NiO/CH,OH 

^CHion 

hoo 

N20/CH*0H 

^CHiOH 

hoc 


mm. 

mxnutea 


mm. 

minutes 

5 

58.3 

7.8 

3 

17.8 

10.9 

5 

48.0 

8.3 

3 

10.9 

10.0 

5 

41.4 

8.9 

3 

9.8 

9.7 

5 

38 4 

8.6 

2 

80.0 

14.8 

5 

35 4 

8 5 

2 

67.2 

15.5 

5 

29.7 

8.3 

2 

56.7 

15.6 

5 

24 5 

8.2 

2 

48.0 

15.3 

5 

21 0 

8.3 

2 

28.3 

13.4 

5 

14.7 

7.6 

2 

20.2 

12 9 

5 

7.4 

6 9 

2 

18 0 

13 0 

4 

50 8 

9.9 

2 

14 0 

12 3 

4 

32 5 

9.8 

2 

10 4 

12 3 

.4 

23 4 

9 8 

1.5 

74 3 

16 8 

4 

20 0 

9 5 

1.5 

62.5 

17.2 

4 

12.5 

8.6 

1.5 

51.8 

17 0 

4 

11 3 

8.7 

1.5 

45 8 

16.4 

3 

56.4 

12 5 

1.5 

44 0 

15 7 

3 

36.7 

12.0 

1.5 

27.8 

14 9 

3 

36.5 

11.8 

1.5 

21.1 

14 9 

3 

27.6 

12.0 

1.5 

12.7 

13.6 

3 

20.7 

11.0 

1.5 

10 2 

14.0 


EFFECT OF COMPOSITION 

In figure 3 the values of tm are plotted against the initial partial pressures 
of alcohol for various nitrous oxide-methyl alcohol mixtures at 570°C. 
From these curves it is possible to construct a set of single reactant curves 
showing the effect of varying the pressure of one reactant while the other 
remains constant. This is done in figure 4. It will be seen that tm is 
approximately inversely proportional to the concentration of nitrous oxide. 
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and approximately proportional to that of alcohol. In other words, the 
rate can be approximately expressed by 

2!!SS!5!L>.to.o) 
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TIME VARIABLE. SCALE. 


Fig. 2. Affine Cukves for Various Nitrous Oxide-Methyl Alcohol Mixtures 

AT 570°C. 

TEMPERATURE COEFFIOIENT AND EFFECT OF SURFACE 

To determine the temperature coefficient of the reaction, a separate 
series of runs was made at different temperatures (in random order) with a 
mixture containing 50 nun. of alcohol and 200 nun. of nitrous oxide. Since 
the effect of packing the bulb on the rate of reaction is often the conclusive 
factor in determining the mechanism, a similar series was carried out with a 
reaction vessel packed with 1-inch lengths of Pyrex tubing. The surface 
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was thus increased about six times, although the two surfaces are not 
necessarily strictly comparable on account of the deposition of carbon 
during the reaction. The results are given in table 3. It will be seen that 
the rate of reaction is roughly proportional to the area of surface. A series 
of runs showed that packing increased the rate of alcohol decomposition 
to almost exactly the same extent as it increased that of the main reaction. 

In figure 5, log tm is plotted against 1/T, The apparent heat of the 
activation calculated from the slope of these lines is 59,500 calories per 
gram-molecule for the empty bulb, and 52,000 for the packed bulb. 



THE COURSE OF THE REACTION 

The gaseous products analyzed were obtained mainly from runs made 
with the packed bulb at 570°C., and initial alcohol pressures of from 70 to 
130 mm. 

For the simple decomposition of methyl alcohol two analyses gave the 
{pllowing results: CO, 35.5, 33.8 per cent; CH4, 2.0, 2.0 per cent; H 2 , 61.5, 
62.9 per cent. These results are in agreement with results given elsewhere 
(6) and indicate that the main reaction is 


CHsOH - CO + 2Ha 
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This, however, would require an expansion of 200 per cent, while that 
actually found was always about 126 per cent. It follows that a consid- 



TBMPBRATUR£ 


degreen C. 

500 

520 

535 

550 

570 


TABLE 3 


Temperature coefficient and effect of surface 


hoo 

Empty bulb 

Packed bulb 

mxnutea 

minuha 

ri62 


(l95 

26.1 

90.8 

9.1 

148,5 


\49.0 

6.8 

22.4 



14.7 

/ 9.3 


\l0.2 

1.83 


SATIO 


UNPACKllD 

PACKKD 


6.8 

10.1 

7.2 

5.0 

6.4 


erable amount of condensable products must be formed. Moreover, since 
the analysis shows a reasonably close balance between the constituents, the 
substances condensing out must have an empirical composition summing 
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up to approximately CH4O. Since the alcohol decomposition is only a 
side reaction, it did not appear worth while investigating it further. 

The analysis of the products of the nitrous oxide-alcohol reaction is 
complicated because of the solubility of nitrous oxide in all the customary 
absorbents (6). Inasmuch as the form of the reaction velocity curves is 
the same for all mixtures, the products of the reaction are almost certainly 



Fig. 5, Temperature Coefficient 

Curve 1, packed bulb; curve 2, unpacked bulb. 4NjO + 1CH*0H, Total pres¬ 
sure, 250 mm. 

independent of the NjOiCHsOH ratio. Hence, in order to minimize the 
amount of nitrous oxide in the products, all analyses were made with a 
I.6N2O to ICHsOH mixture. The products thus obtained still contained 
some nitrous oxide. The solubility of this in potassium hydroxide and 
alkaline p 3 rrogallol was not very serious, but fuming sulfuric acid and acid 
cuprous chloride dissolved so much nitrous oxide that they could not be 
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used. For this reason the gas left after absorption of carbon dioxide and 
oxygen was transferred directly to the combustion pipet and burned with 
oxygen. On the reasonable assumption that the gas at this stage contained 
only carbon monoxide, hydrogen, nitrous oxide, and nitrogen, it is possible 
to determine the amounts of the individual constituents. In order to 
obtain a check, and especially to determine whether any nitrous oxide were 
lost in the two absorbents used, some samples were burned without previous 
treatment, and the carbon dioxide and nitrogen in the product determined. 
Three such determinations from runs at 570®C. gave: CO + CO 2 , 23.6, 
26.5, and 24.3 per cent, average 24.8 per cent; N 2 + N 2 O, 45.9, 44.9, and 
45.2 per cent, average 45.3 per cent. 

Two analyses by the more complete method gave: 


C 02 

O 2 

CO 

Hj 

NjO 

N, 

COi + CO 

Ni + NaO 

3.7 

1.5 

19.3 

28.1 

8.9 

38.5 

23.0 

47.4 

4.0 

1.3 

19.3 

26.7 

11.3 

37.3 

23.3 

48.6 


It will be seen that the values for CO + CO 2 and N 2 + N 2 O are in satis¬ 
factory agreement with the values determined by direct combustion. 

It is apparent that the ratio C:N is quite different from that which 
would be expected from the composition of the original mixture (I. 5 N 2 O + 
ICHaOH). Thus if we use the values of nitrous oxide and nitrogen in the 
first analysis above to set up a material balance we have for the 94.8 parts 
of nitrogen. 

Carbon Hydrogen Oxygen 


Calculated. 31.6 126.4 79.0 

Observed. 23.0 56.2 38.6 

Difference. 8.6 70.2 40.4 


The amount of carbon deposited in the reaction is far too little to account 
for the above. The missing hydrogen and oxygen are roughly in the 
proportions to form water. All three substances could be approximately 
accounted for by assuming H 2 O + HCHO, but there was no evidence of an 
appreciable amount of formaldehyde, and in any case it is unlikely to be 
stable at such high temperatures. 

If we use carbon as a basis for a balance, we have 


Nitrogen Hydrogen Oxygen 

Calculated. 69.0 92.0 67.5 

Observed. 94.8 56.2 38.6 

Difference. 26.8 36.8 18.9 


Here the hydrogen and oxygen are almost exactly in the required propor¬ 
tions to form water. There is, however, a decided excess of nitrogen. 
Suppose we assume that the primary reaction is 


CH,OH + NtO - HCHO + H2O + N- 
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followed by 


ECHO = Ha 4- CO 

and that we also have the side reactions 

CHaOH 4 NaO = COa 4 2 H 2 + Na 
2NaO « 2Na 4 Oa 

Then if we take CO = 19.3, CO 2 = 3.7, and O 2 = 1.5 as in the analysis, 
we have H 2 = 26.7, N 2 = 26.0, H 2 O = 19.3, N 2 O = 8.5. The actual 
analysis, averaging the H 2 O on the basis of hydrogen and oxygen is CO = 
19.3, CO 2 = 3.7, O 2 = 1.5, H 2 = 28.1, H 2 O = 18.4, N 2 O = 8.9, N 2 = 38.5. 
The agreement is very satisfactory, except for the excess N 2 . It may there¬ 
fore be concluded that the above scheme represents the general behavior, 
but that some condensation also occurs, the condensable material being 
oxidized in the process and hence liberating nitrogen. 

There was no appreciable alteration in the products of reaction with 
changing temperature. Thus an analysis at 500°C. with a I. 5 N 2 O 4 - 
ICH3OH mixture gave: 

COi Oj CO H* NjO Ni C0» 4 CO Ni 4 NiO 

3.6 1.4 22.3 25.9 7.9 38.9 25.9 46.8 

EXPLOSIONS 

Attempts were made to obtain explosions in methyl alcohol-^nitrous oxide 
mixtures at higher temperatures. In all cases there was merely a progres¬ 
sive increase in the reaction velocity with increasing temperature, without 
any sign of sharp limits. 


DISCUSSION 

The kinetic interpretation of the results is not without difficulty. 

Since the rate of reaction is proportional to the surface area, it would 
appear at first sight that the reaction is of the ordinary heterogeneous 
type. If this is the case, then the approximate expression for the rate, 

can be simply explained on the basis of fairly small adsorption of nitrous 
oxide. The heat of activation, however, is between 50,000 and 60,000 
calories. This is somewhat larger than the value which would be expected 
for a homogeneous bimolecular reaction in the temperature region employed. 
It is consequently very high for a heterogeneous reaction. Moreover, if 
the reaction is a heterogeneous one, this is only the apparent heat of activa¬ 
tion, and the true heat of activation must be higher than this. If the 
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reaction were strongly retarded by the products or by one of the reactants, 
the apparent heat of activation might be higher than the true one. The 
results, however, give no indication of such an effect. It is, however, 
possible that variations in the relative adsorptions of the reactants may 
account for the high apparent heat of activation. The heat of activation 
found is approximately equal to that of the dissociation of nitrous oxide. 
This can have no significance, however, since the reaction is not ho¬ 
mogeneous. 

In the hydrogen-nitrous oxide reaction Melville found that the rate was 
approximately given by 


= x:(N.o) 

In this reaction the chains are initiated by the decomposition of nitrous 
oxide. It is therefore tempting to assume that the nitrous oxide-methyl 
alcohol reaction is also a chain reaction, in view of the formal similarity of 
the expression for the rate and of the exothermic character of the reaction. 
If this were the case, however, it would be necessary to assume that, 
unlike the hydrogen-nitrous oxide reaction, the chains are initiated at the 
wall and broken in the gas. The high heat of activation could be explained 
on the basis of a variable chain length, which makes the temperature coeffi¬ 
cient a composite one. There is, however, no real evidence for a chain 
mechanism, and the fact that the reaction shows no explosive character¬ 
istics makes a chain process doubtful. It was mentioned at the outset 
that Dixon and Higgins obtained lower ignition temperatures in nitrous 
oxide than in oxygen for most substances. This would naturally lead to 
the conclusion that oxidations by nitrous oxide would occur at tempera¬ 
tures comparable with those at which the oxidations by oxygen take 
place. This, however, does not seem to be the case. In addition to the 
present investigation and that of Melville with hydrogen, it has also been 
found that ethylene and acetaldehyde (9) do not react appreciably until 
high temperatures are reached. It may therefore be concluded that 
nitrous oxide is only effective as an oxidizing agent at temperatures 
approaching those at which its decomposition becomes appreciable. 

SUMMARY 

The reaction between gaseous methyl alcohol and nitrous oxide has been 
investigated from 600 to 570®C. The rate is very much greater than that 
of the thermal decomposition of nitrous oxide. The rate of reaction is 
approximately proportional to the concentration of nitrous oxide and 
independent of that of alcohol. The apparent heat of activation is about 
60,000 calories per gram-molecule. The rate of reaction is proportional 
to the surface area, and the reaction is therefore either heterogeneous, or a 
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chain process in which the chains are initiated at the wall. The main 
reaction is probably 

CH,OH + NsO = HCHO + HsO + N, 

HCHO ■= H, + CO 

We wish to express our indebtedness to the National Research Council 
of Canada for a fellowship awarded to one of us (R. D. McD.) during the 
tenure of which this work was performed. 
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Tlie oxidation of benzaldehyde to benzoic acid is known to proceed 
through the stage of the peroxide, but the final result is the simple addi¬ 
tion of oxygen to form the acid. The oxidation of cinnamaldehyde prob¬ 
ably proceeds through similar intermediate stages; it is slower than that 
of benzaldehyde, and the final result is more than the simple addition 
of oxygen according to the equation, 

CcH^CH: CH • CHO + iO* = CcH^CH: CH ♦ COOH (1) 

Much more than this amount of oxygen was used up by the cinnamal¬ 
dehyde in the authors' experiments. Also carbon dioxide was formed as 
the oxidation proceeded, the rate of production of the carbon dioxide 
increasing with the time. Approximately 0.2 volume of carbon dioxide 
was formed while 1 volume of oxygen was absorbed; and 1 g. of cinnamal¬ 
dehyde absorbed 220 cc. of oxygen, though oxidation was still uncom¬ 
pleted. (According to equation 1, 1 g. of cinnamaldehyde forms 1.12 
g. of cinnamic acid and absorbs 85 cc. of oxygen; all gas volumes in this 
paper are at N.T.P.) 

Moreover formic acid vapor was smelt—and confirmed—after the 
oxidation of some cinnamaldehyde in a closed vessel. The smell of ben¬ 
zaldehyde also was noticed at the end of similar oxidations. Among the 
oxidation products of a large amount of the cinnamaldehyde were found 
formic, benzoic, and acetic acids, which were roughly estimated: 100 
parts of cinnamaldehyde gave 107 parts of cinnamic acid (maximum 
value), 0.7 part of benzoic acid, 4.5 parts of formic acid, and 0.4 part of 
acetic acid. 

This work must be regarded only as preliminary work indicating that 
the oxidation of cinnamaldehyde proceeds in a complex manner. Experi¬ 
ments are needed on the oxidation of pure (100 per cent) cinnamaldehyde 
in pure oxygen, dry and moist, with and without removal of the carbon 
dioxide as it is formed, and in the presence or absence of the other products 
of the oxidation. It may be mentioned that benzaldehyde has been de¬ 
tected when cinnamaldehyde is oxidized by potassium permanganate 
(solutions), both by the authors and by Nicholls (3), and by others; that 
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the accelerating effect of cinnamic acid on this oxidation is supported by 
the work of Almquist and Branch (1); and that acetic acid has been found 
in similar oxidations (2). 


EXPERIMENTAL 

The stock cinnamaldehyde, from Givaudan and Co., France, was 
colored yellow. The amount of cinnamic acid in this increased slowly 
from 4.5 to 7 per cent in three years. Some of the aldehyde was distilled 
in vacuo; after one such distillation the acid content was 2.0 per cent, 
and after a second distillation 0.85 per cent. All the acid figures quoted 
were found by titrations in alcoholic solution with carbonate-free caustic 
soda solution, using phenolphthalein, and the results were calculated as 
cinnamic acid. 


Gasometric experiments 

Cinnamaldehyde was dropped on to a filter paper placed at the closed 
end of a eudiometer, which had been filled previously with dry oxygen; 
the eudiometer was then inverted over mercury, some air being introduced 
in these operations. Then the volume of the gas was read during the 
following days and reduced to N.T.P. The first diminution of gas was 
rapid, but finality was long delayed. The volume of absorbed oxygen was 
greater than that calculated from equation 1. Also the titration of the 
final product indicated a quantity of acid which, assumed to be all cinnamic 
acid, should have resulted from a smaller volume of oxygen than that 
absorbed. Some typical experiments were as follows: 

(1) The original aldehyde used (stock) = 0.1712 g. In this the acid 
content = 0.0099 g. Thus the net aldehyde = 0.1613 g. = 13.7 cc. of 
oxygen, by equation 1. The original gas = 44.3 cc. (probably 80 per cent 
oxygen). The contraction equalled 14.2 cc. after 2 days, 18.7 cc. after 10 
days, and 20.0 cc. after 19 days. The ‘^contraction^' may be low, owing 
to oxidation before the volume can be read at the start and to presence of 
carbon dioxide, here unmeasured. The acid formed by the oxidation, 
calculated as cinnamic acid, was 0,1513 g., which equals 11.5 cc. of oxygen 
(equation 1). In this experiment the oxygen was in excess. 

(2) The original aldehyde (distilled) = 0.4241 g. In this the acid 
content = 0.0085 g. Thus the net aldehyde = 0.4156 g. ^ 35.3 cc. of 
oxygen (equation 1). The original gas = 43.7 cc. The gas remaining 
was 11.9 cc. after 3 days, 12.2 cc. after 4 days, and 12.7 cc. after 7 days. 
The volume of 12.7 cc. consisted of 6.2 cc. of carbon dioxide and 6.5 cc. 
of nitrogen. 

(3) An oxidation was carried out as above, except that samples of the 
gas were removed at intervals and were analyzed for oxygen and carbon 
dioxide. This experiment proved that the production of carbon dioxide 
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increased during the course of the oxidation. The first action is probably 
represented by equation 1, followed by side reactions. 

(4) An experiment similar to experiment 2 was carried out with 0.355 
g. of cinnamaldehyde spread over 0.2 g. of cinnamic acid in filter paper. 
This indicated a rather more rapid oxidation, reaching the same stage as 
the final stage of experiment 2 in 2 days. ^ The presence of cinnamic acid 
therefore may accelerate the side reactions. 

(5) An experiment similar to experiment 1 was carried out with ben« 
zaldehyde. The benzaldehyde used = 0.3734 g. In this the benzoic 
acid content = 0.0084 g. Thus the net benzaldehyde = 0.3650 g. = 38.2 
cc. of oxygen (equation 1), The contraction = 36.0 cc. after 1 day, and 
36.1 cc. after 3 days. Titration of the final product indicated 0.3967 g. 
of benzoic acid, which corresponds to 36.4 cc. of oxygen. Benzaldehyde 
therefore oxidizes in the normal manner. 

(6) In four experiments like experiment 2 the oxidation was started 
over mercury, and subsequently the carbon dioxide was removed by the 
introduction of caustic potash solution. The volumes of carbon dioxide 
produced per volume of oxygen absorbed were 0.166 (in 7 days, experi¬ 
ment 2), 0.198 (in 2 days, experiment 4), 0.213 and 0.225 (both in 6 days); 
mean value, 0.2. But this ratio of course will vary throughout the 
oxidation. 

(7) This experiment was done with caustic potash solution over the 
mercury in the eudiometer throughout. The gas volumes were corrected 
for the vapor pressure of the caustic potash solution as well as for tempera¬ 
ture and pressure; the temperature varied from 8®C. to 26®C., and the gas 
was kept, as usual, at about the atmospheric pressure, i.e., about 725 mm. 
The used cinnamaldehyde (distilled) = 0.2433 g. In this the acid content 
= 0.0019 g. Thus the net aldehyde = 0.2414 g. = 20.5 cc. of oxygen. 
The gas volume was read over six months, and the following results are 
selected: 


Time, in days. . .0 1 3 7 14 25 50 102 130 158 184 

Contraction, or vol¬ 
ume of gas ab¬ 
sorbed, in cc. . . 0 18.5 24.7 31.9 36 9 41.5 44.4 47.9 49 6 50 65 51 4 


The final ratio. 


Oxygen used 


is 2.51. In this experiment the 


Oxygen per equation 1^ 
oxygen was in excess throughout. 

In a similar experiment the last ratio was 2.69 (over 190 days). This 
oxidation was probably completed; the final product had no smell of 
cinnamaldehyde, but it had a distinct smell of benzaldehyde. 

(8) Similar gasometric blank experiments with the filter paper, in the 
presence or absence of cinnamic acid, and in oxygen either dry or over 
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caustic potash solution, showed no diminution in the volume of gas, i.e., 
no oxidation, for at least eighty days. 

A large-scale oxidation 

Cinnamaldehyde was placed in an open weighing bottle in a large vessel 
which was filled with dry oxygen. This aldehyde had been separated 
from the stock sample as bisulfite compound, regenerated, and distilled 
in vacuo; but it had been kept for twelve months in a desiccator before 
this experiment was started. 

The original aldehyde = 20.94 g. In this the acid content = 1.64 g. 
Thus the net aldehyde = 19.40 g. In oxygen the gain in weight after 
18 days = 0.42 g.; after 28 days = 0.54 g.; after 52 days = 0.98 g. In 
air the gain in weight after 74 dasrs = 1.13 g. The total possible gain in 
weight according to equation 1 is 2.35 g.; in the experiment the oxida¬ 
tion is therefore about half completed. Also the gain of 1.13 g. cor¬ 
responds to 10.45 g. of cinnamic acid according to equation 1. The 


TABLE 1 

Changes in the physical constants of cinnamaldehyde on oxidation 


PER CENT CINNAMIC 
ACID IN THE 
ALDEHYDE 

DENSITY 

VISCOSITY 

DENSITY 

REFRACTIVE INDEX 

5.20 

■m 

mSSM 

— 

— 

5.78 



— 

— 

0 9 

T" 

— 

1.056 

1.6217 

7.0 

— 

— 

1.064 


13 9 

— 

— 

— 

1 1.6179 


resulting acid crystals were separated from the liquid; the crystals 
weighed 8.7 g., and the liquid 13.4 g. As cinnamaldehyde saturated 
with cinnamic acid contains about 15 per cent of the latter, the liquid 
contains 2 g. of the acid, which therefore is the main product of the 
oxidation. The liquid was shaken with excess of caustic soda solution, 
and the emulsion was then shaken with ether. The aqueous layer was 
acidified, when 1.0 g. of aromatic acids was recovered; this product con¬ 
tained 5 per cent of benzoic acid, and the remainder was mostly cinnamic 
acid. The separated aqueous solution contained benzoic acid (0.01 g.), 
formic acid (0.4 g.), acetic acid (0.04 g.), and cinnamic acid (about 0.1 
g. = saturated solution). The ethereal extract gave on distillation 8 g. 
of cinnamaldehyde and a higher boiling residue (aldehyde plus cinnamic 
acid plus any other products of oxidation and impurities). This residue 
was 1.3 g. Calling it cinnamic acid, the products accounted for were 11.1 
g. of cinnamic acid, 0.06 g. of benzoic acid, 0.4 g. of formic acid, and 0.04 g. 
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of acetic acid, besides 8 g. of unchanged aldehyde; total = 19.6 g. The 
22.1 g. of product thus would contain 9.1 g. of aldehyde, 12.5 g. of cinnamic 
acid, 0.07 g. of benzoic acid, 0.45 g. of formic acid, and 0.04 g. of acetic 
acid. Allowing for the acid in the original aldehyde and for the unchanged 
aldehyde, it was found therefore that 10.3 g. of aldehyde (net) oxidized 
to 11.0 g. of cinnamic acid, 0.07 g. of benzoic acid, 0.45 g. of formic acid, 
and 0.04 g. of acetic acid, besides the carbon dioxide found in the gaso- 
metric tests, and other probable products. There was found no oxalic 
acid among the oxidation products, and no formalin. 

Benzoic acid was detected by the smell of ethyl benzoate and was esti¬ 
mated approximately by Nicholls’ method (3). Acetic acid was detected 
by the smell of ethyl acetate and was estimated by distillation and titra¬ 
tion and by afterwards checking the weight of the equivalent lead acetate. 
Formic acid was estimated by weighing the mercurous chloride reduced 
from mercuric chloride. 

It was found that the crystals produced from the oxidation of cinnamal- 
dehyde, although washed with benzene or carbon tetrachloride and subse¬ 
quently dried for months in desiccators, only contained about 96 per cent 
cinnamic acid. Evidently small amounts of cinnamaldehyde become en¬ 
tangled and occluded in the crystals and final oxidation of these to acid 
is veiy slow. Melting-point determinations and a combustion analysis 
confirmed this supposition. 

After titrating some oxidation crystals, which went 97 per cent cinnamic 
acid, the alcohol was distilled off, and the residue was extracted with 
ether. From the aqueous solution then the cinnamic acid was reprecipi¬ 
tated by adding hydrochloric acid; after washing well with water and dry¬ 
ing in vacuo over sulfuric acid, the crystals analyzed 100.5 per cent cin¬ 
namic acid. Probably a trace of benzoic acid caused this high result. 

As cinnamaldehyde oxidizes and holds more cinnamic acid in solution, 
the density and viscosity rise and the refractive index falls. Typical 
results are given in table 1. 

The authors thank the Trustees of the Science and Industry Endow¬ 
ment Fund of Australia for a grant towards the expenses of the investiga¬ 
tion. 
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In previous papers (1,2) the factors influencing the ignition of explosive 
mixtures of various gases in the condensed discharge were discussed in de¬ 
tail. The present communication describes a similar study of ignition in 
the positive column of the glow discharge. A 2H2:02 mixture was chosen 
for the study. 


APPARATUS AND METHOD 

The apparatus was the same as that described in the study of chain reac¬ 
tions in the positive column (3). In determining the conditions necessary 
for ignition, the discharge tube was first filled to the desired pressure, as 
read by a dibutyl phthalate manometer. The anode was lowered to ex¬ 
clude any positive column, and the discharge started at some low current. 
The anode was then raised until the desired length of positive column was 
introduced and the current was increased until ignition occurred, both the 
current and voltag(^ being read at the instant of ignition. The fall of po¬ 
tential through the positive column was obtained by subtracting that 
for th(' ne'gative glow from the potential drop between the electrode's. 

RESULTS 

The effect of pressure 

The effect of pressure of the pure 2H2:02 mixture' on the power input in 
the positive column for ignition is shown in table 1. 

It will be observed that {iV) P is constant to within the limits of experi¬ 
mental error. Thus the relationship between power input and pressure 
can be expressed in the form {iV) = jfc/P. This is in distinction to the con¬ 
densed discharge, in which it was shown that Q = ifc/P, where Q is the 
quantity of electricity necessary for ignition. 

The hyperbolic relation between power and pressure in the positive col¬ 
umn is to be expected, from the fact that the heat developed as well as the 
number of active centers formed is proportional to the power expended. 
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In the condensed discharge, on the other hand, the spark jumps such a 
short distance that only part of the energy of the electron is dissipated in 
the gas; the production of active centers, therefore, is proportional to the 
number of electrons flowing rather than to the power. 


TABLE 1 

EJBfect of pressure of the mixture on the power input for ignition 


p 

1 X 10* 

V 

(tT) P 

mm. Hg 

amperes 

volts 


29.2 

17.0 

420 

209 

20.0 

30.0 

350 

210 

14.6 

55.0 

250 

201 



The effect of electrode separations 

In figure 1 are given the current, potential drop through the positive 
column, and the power input at ignition for various separations. 

It will be seen that while the ignition current decreases linearly with an 
increase in the electrode separation (d), the ignition voltage undergoes a 
rapid increase. The resultant power consumption increases only slowly 
with the length of the positive column, changing about 40 per cent for a 
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threefold increase in electrode separation. The propagation wave was set 
up at some place in the positive column and not at either of the electrodes; 
in so far as could be told the electrodes themselves had no direct effect on 
the ignition. 


The effect of the H2:02 ratio 

The effect of varying the hydrogen: oxygen ratio at constant pressure 
on the power input for ignition is shown in figure 2. 



Fig. 2. The Effect of the Htdrogen-Oxygen Ratio 

The ignitability as given by l/TT, and the power consumed, TF, are both 
plotted. The power required for ignition reaches a minimum in a mixture 
containing 25 per cent hydrogen and 75 per cent oxygen; this power con¬ 
sumption is only 18 per cent of that required for the combining 2 H 2:02 
mixture. This is in distinct contrast to the condensed discharge, in which 
excess oxygen had only a negligible effect on the quantity of electricity 
required for ignition. 
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The effect of added gases 

The effect of various amounts of added gases on the power input for 
ignition is illustrated in figure 3. The partial pressure refers to the amount 
of gas added to 20 mm. of the 2 H 2:02 mixture. 

The data show that the addition of hydrogen and helium to the explosive 
mixture results in an increase in the power for ignition, while water vapor, 
argon, nitrogen, oxygen, and nitrous oxide lower the explosive limit in the 
order named. The curves for oxygen and nitrous oxide were not symmet¬ 
rical, owing primarily to changes they produced in the character of the 
positive column. Since the total pressure in the discharge was increased 



Fig. 3. The Effect of Added Gases 


when the gas was added, the relative effects of these gases must be deter¬ 
mined by a comparison with the 2 H 2 ’ O 2 curve and not with the power input 
at 20 mm. 

It will be observed that the order in which the various gases affect the 
ignitability is the same as that in which they affected the rate of reaction 
in the positive column for currents below that of ignition (3). The order is 
distinctly different from the effect of foreign gases on the rate in the nega¬ 
tive glow (4). Likewise it is not at all the same as that found for ignition 
in the condensed discharge (2), where the order was more like that found 
in the negative glow, in that the ignition energy was lowered by hydrogen 
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and raised by most other gases in accordance with the complexity of their 
molecules. The order is slightly different from that found by Hinshelwood 
and Gibson (5) for thermal ignition where the gases are placed H20>A> 
N 2 >He. 


The effect of glass walls 

The presence of surfaces in close proximity to the positive column in¬ 
creased markedly the power necessary for ignition, whereas such surfaces 
several centimeters removed from the path of the discharge had no effect. 
The power input for ignition was substantially the same in 1-, 3-, and 5- 
liter reaction chambers. In the case of a discharge between two aluminum 
rods 5 mm. long and 2 cm. apart, ignition occurred for the same power input 
when a glass cylinder 2.7 cm. long and 3.2 cm. in diameter was surrounding 
the discharge as when it was absent; the axis of the cylinder was placed 
perpendicular to the discharge. (In these tests the axis of the discharge 
was horizontal.) On the other hand, when the cylinder was replaced by 
a glass rectangle 1 cm. wide, 3.8 cm. long, and 3.2 cm. high, ignition could 
not be induced with the power available, which was over twice that used 
for the cylinder. When the cylinder was placed parallel to the direction 
of the positive column, the axis of both being vertical, the effect was much 
more pronounced; the gas could not be ignited with the available power in¬ 
put without adding excess oxygen to the explosive mixture. 

The effect of the surface material was studied by surrounding the posi¬ 
tive column with a concentric glass cylinder 1 in. long and 1| in. in diame¬ 
ter, the cylinder being used both clear and heavily plated with silver on the 
inside. The diameter of this cylinder was sufficiently large to produce no 
effect on the power required to ignite the gas by a condensed discharge. 
The gas mixture chosen for the test was composed of one part of hydrogen 
and two parts of oxygen. The excess oxygen and the silver were chosen to 
test the effect of a possible production of ozone on the ease of ignition. The. 
results showed that ignition occurred with 38 per cent smaller power input 
for silver than for the glass cylinder. 

The effect of temperature 

The ignition power input for various temperatures of the furnace sur¬ 
rounding the discharge tube is shown in figure 4. 

These experiments were carried out at constant gas density, the pressure 
at room temperature being 20 cm. on the dibutyl phthalate manometer, 
which is equivalent to 1.54 cm. of mercury. 

The data show that while the potential drop through the positive column 
increased somewhat with temperature, the actual power input for ignition 
decreased 8.75 times in raising the temperature from 300°K. to 600®K. 
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DISCUSSION OF RESULTS 

The data just presented show that ignition in the positive column is 
distinctly diffCTent from that in the condensed discharge, in respect to the 
mannar in which the ignitability is affected by the hydrogen:oxygen ratio, 
the presence of foreign gases, and the gas pressure. There is, however, a 
distinct analogy between the rate of reaction in the negative glow and 
ignition in the condensed discharge. 

In the preceding article of this series a chain mechanism was developed 
which is adequate to account for the difference in reactivity in the positive 
column and in the negative glow (3). This mechanism involves two dis¬ 



tinct steps in the ignition process: first, the production of active centers; 
and second, the setting up of reaction chains about these centers. The 
important consideration in this mechanism is that for propagation to occur 
the active center must be in a gas of energy density such that it can receive 
its energy of activation, E, by collision with the energy-rich molecules 
through which it is moving. This condition can be brought about by the 
influx of energy from the outside (electrical, thermal, etc.), or by the heat 
liberated in the primary reaction about the active centers initially formed 
in the discharge. 

This mechanism can now be used to account for the factors underlying 
ignition in the positive column, and for the differences found here and in 
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the condensed discharge. Obviously ignition is dependent on the condi¬ 
tions which favor chain growth. In the case of the effect of added gases, 
as shown in figure 3, it will be seen that the various gases decrease the 
power input for ignition in the order of their respective abilities to retard 
the rate of diffusion out of the discharge. This determines the order in 
which these gases increase the energy density in the path of the discharge, 
and thus increase the chance of the active centers receiving the activation 
energy, Ej by collision with energy-rich molecules. Flame propagation, a 
condition in which the heat of reaction is capable of supplying the neces¬ 
sary activation energy, starts somewhere in the space occupied by the posi¬ 
tive column, and is encouraged, therefore, by any condition which raises 
the energy density of this region. The curves illustrated in figure 3 are in 
general segments of hyperbolas, as is to be expected from the data in table 1. 
From this it follows that the effect produced by the added gases is propor¬ 
tional to the number of molecules in the path of the discharge. 

In the case of the condensed discharge (2) foreign g£tses raise the power 
input for ignition in order of their ability to absorb energy from the dis¬ 
charge, the order being almost directly opposite to that observed in the 
positive column. In this case the energy is all introduced at one time and 
in a very small volume. Since the gas molecules surrounding this volume 
are in the normal state, active centers diffusing out are lost. For flame 
propagation to occur it is necessary that a quantity of gas burn in the path 
of the spark suflBcient to produce the energy-rich molecules that supply the 
energy E requisite for the continuance of reaction chains; the problem, 
therefore, is one of the production of a necessary number of reaction centers. 
In consequence, the presence of a foreign gas which absorbs energy from 
the spark decreases the number of active centers, and hence necessitates a 
higher power input to burn tlie amount of gas required for propagation. 
Since the rate of reaction in the negative glow is proportional to the rate of 
production of active centers, it follows from the above considerations that 
the order in which various gases affect the rate must be the same as that 
in which they affect the ignition in the condensed discharge. It should be 
mentioned that while added gases also absorb energy in the positive col¬ 
umn, this effect is necessarily small compared to the gain from the reaction 
chains made possible by the retardations in the rate of diffusion. 

The importance of the energy density of the gas surrounding the region 
through which the discharge passes can be obtained by comparing the 
difference in the ignition energy per unit volume for the positive column 
and for the condensed discharge. An exact estimation cannot be made, 
but the order of magnitude can be obtained as follows: Referring to figure 
1 it will be seen that about 50 watts is required for an electrode separation 
of 1 cm.; under these conditions the positive column is about 10 mm. in 
diameter and 5 mm. long, with a vohmic of about 400 cu. mm. The power 
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expended per cubic millimeter is 0.125 joule per second. In the condensed 
discharge at 1 cm. pressure, explosion occurs with 11 microfarads capacity 
at about 40 volts, the spark occupying not more than 1 cu. mm. of volume; 
the energy per cubic millimeter is 0.0098 joule. In the absence of induc¬ 
tance in the circuit the period of the discharge is between 10“^ and 10“® 
seconds; this represents an expenditure of at least 98.0 joules per cubic 
millimeter per second. Since some energy is necessarily lost to the elec¬ 
trodes, a loss of as much as 50 per cent would still give an energy density 
four hundred times greater for the condensed discharge than for the posi¬ 
tive column. 

The effect of the energy density in the gas surrounding the discharge on 
the formation of reaction chains can be seen also from the various other 
factors influencing the ignition in the positive column. Thus, a twofold 
increase in the absolute temperature results in a ninefold decrease in the 
power input. Again, the power input per unit volume of positive column 
is decreased when the electrode separation is increased, as shown in figure 1. 
This would be very difficult to understand, sinc(i the ignition starts at 
localized points and not throughout the entire discharge at once, were it 
not for the fact that the energy flows from one segment of discharge into 
another, and thereby raises the energy density over that obtained from the 
power expended per unit volume alone; especially is this true in the present 
case where the axis of the discharge was vertical, so that the transfer of 
energy upward from lower portions of the discharge was aided by convec¬ 
tion. The effect of surfaces near the discharge is also associated with the 
energy distribution. It is generally considered that reaction chains are 
broken upon contact with a surface. This, doubtless, accounts for the 
decrease in the reaction rate described in the previous communication (3), 
especially where propagation is possible. Walls surrounding the discharge 
break the chains, and, therefore, in limiting the reaction prevent the energy 
density from being raised to a point where ignition can take place. The 
fact that a silver surface lowers the ignition point less than does glass may 
be due to its ability to reflect the heat rays, thereby tending to raise the 
temperature of the gas in the path of the discharge. 

SUMMARY 

The factors influencing ignition in the positive column are contrasted 
with those obtained previously in the condensed discharge. Ignition does 
not occur in the negative glow, the JV/H 2 + ratio remaining almost constant 
irrespective of the pressure and power input. 

The results show that the addition of foreign gases lowers the power in¬ 
put for ignition in accordance with the ability of these gases to retard the 
rate of diffusion; in the condensed discharge the order is almost the oppo¬ 
site, the work being increased in proportion to the amount of energy ab- 
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sorbed by the gas. The most easily ignited mixture of hydrogen and oxy¬ 
gen in the positive column is one containing 25 per cent hydrogen and 75 
per cent oxygen. 

A hyperbolic relation exists between power input for ignition and 
pressure'. 

The ignitability is increased ninefold for a twofold increase in tempera¬ 
ture. It increases with the length of the positive column. It is decreased 
by the presence of surfaces near the discharge, but is unaffected by surfaces 
more than about 1 cm. removed. 

The results are interpreted in the light of the cluster chain hypothesis 
presented in the preceding paper. The importance of the energy density 
of the gas surrounding the positive column is estimated by a comparison 
of the power input for ignition per unit volume of explosive mixture in the 
positive column and in the condensed discharge. 

REFERENCES 

(1) Brewer, A. K.: Proc. Nat Acad. Sci. 13,689 (1927). 

(2) Brewer and Demino: .1. Am. Chem. Soc. 52, 4225 (1930). 

(3) Brewer AND Kveck: J. Phys. Chem. 38,889 ^934). 

(4) Brewer AND Westhaver: J.Phys Chem. 34, 2343(1930). 

(5) Gibson and Hinshedwood: Proc. Roy. Soc. London 119A, 591 (1928). 
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It has long been recognized by those working in the field that platinum 
electrodes in alkaline sugar solutions do not acquire constant potentials 
which are so exactly reproducible as are observed on smooth electrodes in 
any of the reversible oxidation-reduction systems or on platinized platinum 
electrodes with hydrogen in the common buffers. Nevertheless, if condi¬ 
tions are carefully duplicated, the potentials are found to fall within a 
reasonably narrow range. They respond to the oxidation-reduction 
tendencies withm the solutions. If a sufficient number of duplicate 
determinations be carried out, so that averages are significant, these elec¬ 
trode potentials can be made to yield considerable information concerning 
the complex equilibria existing in these solutions. This we have attempted 
to do and, in some thousands of experiments reported in this and previous 
papers (1, 3, 5), we have used more than a quarter of a ton of Merckxs c.p. 
dextrose and a number of pounds of Bureau of Standards dextrose with 
which all findings were checked. 

We shall consider first some of the reasons for the variability of platinum 
electrode potentials in sugar solutions at a pH not exceeding 10.5. Data 
will be given only for glucose. Other sugars, such as fructose, lactose, 
maltose, galactose, and sucrose, will, in general, yield qualitatively similar 
results. The cell, the potential of which was measured, w’as: platinum, 
sugar solution, saturated potassium chloride bridge, saturated calomel 
electrode. The temperature was kept at 30° zh 0.05°C. Unless otherwise 
stated, the apparatus and technic were the same as described in our 
previous paper (5). 

1 From data presented at the meetings of the American Chemical Society held at 
Indianapolis in 1931 and at New Orleans in 1932. 

* Fellow in Biophysics. Present address, Department of Pharmacy and Pharma¬ 
cology, The University of Toronto, Toronto, Canada. 
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ADSORPTION EFFECTS 

Clifton and Ort noted that for smooth platinum electrodes, which were 
in constant daily use and kept overnight in concentrated glucose solutions 
at pH 10, a simple rinsing with distilled water for the cleaning between 
runs resulted in the same potentials being registered by the electrodes as 
were observed following drastic treatment, such as standing in sulfuric and 
chromic acids, or in aqua regia, or heating to incandescence. 

Tartar and McClain found that in certain solutions exposed to the air, 
smooth platinum electrodes had films adsorbed to them which extended a 
measurable distance out into the solution. Since many of our sugar solu¬ 
tions were made up exposed to the air, and since, even when air is care¬ 
fully excluded, reducing sugars in alkaline solutions may attack the base 
or water to form oxygenated compounds, it was felt that adsorption of 
these oxygenated compounds of the sugars, or of oxygen itself, was the 
cause of the variability of platinum electrode potentials in these solutions. 

A sugar solution was prepared, either by dissolving in the open air or 
by removing the oxygen from the buffer and electrode chamber with its 
dry sugar separately, by passing nitrogen through them for fifteen hours 
and then mixing them, precautions being taken to exclude the air at all 
stages of this process. When the electrode already in the chamber indi¬ 
cated the presence of a fairly strong reduction intensity, another similar 
electrode was heated to incandescence and, when cooled in the air for 
approximately fifteen seconds, so that it would no longer burn the finger if 
touched, it was plunged through a hole in the rubber stopper into the sugar 
solution, a particularly vigorous stream of nitrogen preventing entrance of 
any significant amount of air. The potential of this fresh electrode was 
then read at once and was invariably found to be considerably more reduc¬ 
ing than the other electrode. However, the potential of the fresh electrode 
soon began to drift toward that of the other and, in time, both read approxi¬ 
mately the same. For convenience, these electrodes will hereafter be 
designated respectively as ‘‘electrode No. 1” and “the fresh electrode.'' 
That these temporarily high negative potentials are not due to adsorption 
of any reducing gases from the flame during the heating to incandescence 
is shown by the potentials observed when the electrodes are plunged into a 
simple buffer solution which has previously been deoxidized. Here they 
always register, at first, a mor^ positive potential than electrode No. 1, 
indicating that if any gas has been adsorbed it must have been oxygen. 

A similar tendency of the fresh electrode to acquire more negative po¬ 
tentials than No. 1 electrode under these conditions was also noted in 
solutions of fructose, lactose, galactose, maltose, and sucrose, the difference 
between the potentials of the two electrodes being much less in solutions of 
fructose than in solutions of glucose and the other sugars studied. 

Next, 0.1 cc. of a 30 per cent hydrogen peroxide solution was added to a 
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solution of 60 g. of glucose + 100 cc. of a buffer, which produced a solu¬ 
tion of pH 9.00. Before the peroxide was added, No. 1 read —0.387 volt, 
and a fresh electrode read —0.482 volt. Five minutes after adding the 
peroxide. No. 1 read -1-0.307 volt, and a fresh electrode -f0.349 volt. Here 
the fresh electrode was tlie more positive. From these experiments the 
conclusion is almost inescapable that adsorption of something on the elec¬ 
trode is preventing in the one case a reductant, and in the other case an 
oxidant, from registering on the electrode the potential that their concen¬ 
trations and positions on the scale of oxidation-reduction intensities should 
produce. However, if much greater excesses of either hydrogen peroxide 
or potassium ferricyanide be added, so that several hours must elapse 
before the oxidant is reduced, then the fresh electrode, at the instant it is 
introduced into the solution, will register a potential only a little less posi¬ 
tive than that which No. 1 is showing and will rapidly drift toward the 
latter value. The presence of appreciable amounts of hydrogen or other 
fairly powerful reductants will also make the two kinds of electrodes regis¬ 
ter the same. 

Thus, the adsorbed material which is preventing electrode No. 1 from 
acquiring potentials representative of the concentrations of reductant and 
oxidant existing throughout the body of the liquid, can be removed at least 
partially from the electrode either by reduction or oxidation. This may 
be a compound of oxygen and glucose which can be represented as GO, or, 
since the solution is alkaline, as GO". Its reduction may or may not yield 
the original glucose, but it does eliminate the strong tendency to adsorb on 
platinum. 

Electrodes wdiich had been for some time in equilibrium with mildly 
alkaline glucose solutions, were removed from the solution and waved for a 
few moments in the air. The still moist electrodes were then returned to 
the glucose solution and at once registered a more negative potential than 
they had before this removal. Apparently the oxygen of the air had 
reacted with the adsorbed compound and lowered its tendency to stick to 
the platinum. The adsorbed material, in view of these observations, could 
hardly have been oxygen itself. If such an electrode is rinsed well with 
distilled water and again introduced into the sugar solution, the potential 
becomes still more negative, approaching that of a freshly ignited electrode. 
We believe that in both these manipulations the adsorbed GO*” is converted 
at the surface of the platinum to G 02 '', which is then easily removed, leav¬ 
ing a ‘‘clean” surface of metallic platinum which, for an instant, responds 
to the active reductant present in an unmodified manner. Adsorption of 
the GO~ ever present in these solutions at once begins and, with its greater 
local concentration of GO~, gives a drift toward more positive potentials. 

It has been previously noted (3) that under the proper conditions the 
addition of hydrogen peroxide to alkaline glucose solutions is followed by 
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the formation therein of something intensely oxidizing. The oxidation 
potential goes up as high as +0.5 volt and more, which is more positive than 
can be observed with any concentration of pure hydrogen peroxide alone. 
We believe this high positive potential to be indicative of the presence of a 
glucose peroxide G02“. Under these conditions the oxidation-reduction 
system, as far as the glucose is concerned, is 00"“ G02““. The coexist¬ 

ence of any appreciable amounts of active reductant and GOa^ would be 
impossible. The GOa” would be reduced by the active reductant almost 
the instant that the latter appears. 

If oxygen be bubbled through such a solution at a rate to keep down the 
concentration of active reductant, small amounts of GOa" may be formed, 
at least momentarily, if another reductant is present which can be oxidized 
more easily by G02“ than by molecular oxygen. Shaffer and Harned have 
reported several such reactions and have assumed that in the oxidation of 
glucose there is formed first an oxide GO and then a peroxide GOa, although 
they could get no direct evidence as to its existence. 

It should be emphasized that these adsorption effects do not invalidate 
the determinations of the amount of active reductant present as carried out 
by Clifton and Ort. In those electrometric titrations the end point was 
determined by a jump in the peak potentials to more positive values, which 
indicated the momentary disappearance of all appreciable amounts of 
active reductant in the solutions. The actual potentials as read did not 
enter into the computation of the amount of reductant titrated. Neither 
does the adsorption interfere in the measurements of the rate of formation 
of the active reductant as carried out by Roepke and Ort, for, in making 
those measurements, large amounts of oxidant were added so that the 
solutions were kept strongly oxidizing for hours. Under these conditions, 
as mentioned before, we found no adsorption effects. 

THE ELECTROMOTIVELY ACTIVE REDUCTANT 

As stated in our former paper (6), we felt, because of the results of many 
other workers, that we had measured, in the case of glucose, the rate of 
formation of the 1,2-enediol. However, as reactive as this form must be, 
it cannot exist long without undergoing chemical change. The electro- 
motively active reductant, which accumulates even to the slight extent 
determined by Clifton and Ort, may not necessarily be this enediol form, 
through which stage the sugar may pass almost instantaneously. 

An electrode was made by sealing a No. 18 platinum wire in the end of 
a glass tube and allowing it to protrude 1 mm. therefrom. Another elec¬ 
trode exactly like this was made, except that the exposed length of the 
wire was about 3.5 feet. Both were placed in the same electrode chamber 
in a solution of 60 g. of glucose +100 cc. buffer at pH 10.00, which was 
deoxidized by a stream of nitrogen. Both registered approximately the 
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same reduction potential and, on titrating electrometrically according to 
the technic of Clifton and Ort, both gave the same end point at around 
2.5 X 10"® gram-equivalents of electromotively active reductant. Yet 
the exposed surface of platinum was one thousand times greater in the 
longer electrode. 

Pin point electrodes, with the platinum surface polished off even with 
the fused end of the glass tube, gave somewhat more negative potentials; 
platinized platinum electrodes gave potentials that were still more negative. 
However, our standard No. 18 platinum wire electrodes of about 45 mm. 
in exposed length, such as we have used in all our recent work, when im¬ 
mersed in a solution with a platinized electrode in it, still registered the 
usual potential and gave the same titration end point, showing that con¬ 
tact with the platinized platinum electrode did not greatly modify the 
solution generally, once the solution reached equilibrium. 


TABLE 1 

Measurement of potentials 
60 g. glucose; 100 cc. buffer at 30°C. 


pH 

PLATINIZED PLATINUM ELECTRODE 
POTENTIALS 

SMOOTH PLATINUM ELECTRODE 
POTENTIALS 

Hj pressure 

1 atmosphere 

N} gas passed in at 1 
atmosphere pressure 

Momentary values 

Acquired values 

7 07 

-0.425 

-0.364 1 

-0 340 

-0.100 

7.98 

-0.480 

-0.428 

-0 415 

-0 227 

8 98 

-0 540 

-0 500 

-0 481 

-0 313 

10 00 

-0.601 

-0 570 

-0 529 

-0 392 


Table 1 shows the results of experiments done with platinized platinum 
electrodes and smooth platinum electrodes, such as we have already desig¬ 
nated electrode No. 1 and fresh electrode. 

Freshly prepared platinized electrodes were placed in glucose solutions 
just after the solutions had been made up in the open air, and nitrogen was 
passed in. The time necessary for these solutions to reach equilibrium in 
contact with the platinized electrodes is shorter than is required when 
smooth platinum electrodes are put into them. The potentials as regis¬ 
tered became constant after several hours and reproducible to within 2 or 
3 millivolts of the values indicated in the third column. When the nitro¬ 
gen was then replaced by hydrogen, the ordinary hydrogen electrode po¬ 
tentials as recorded in the second column were obtained. Therefore, in 
the absence of any added hydrogen these electrodes, which readily reach 
equilibrium with molecular hydrogen, indicated potentials in these sugar 
solutions corresponding to hydrogen at 9.3 X 10"® atmospheric pressure 
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at pH 7, to 1.9 X atmospheres at pH 8, to 4.7 X 10“* atmospheres at 
pH 9, and 9.3 X 10“® atmospheres at pH 10. 

Other glucose solutions were prepared by deoxidizing the buffer and 
electrode chamber with the dry sugar in it separately with nitrogen for 
fifteen hours and then mixing out of contact with air. The potential on 
any platinum electrode in these solutions immediately after mixing is much 
lower than is found when this separate deoxidization is not done. After 
several hours, the comparatively steady potentials that No. 1 electrodes 
then registered were those recorded in the last column. These values can 
be duplicated with only rough approximation, since the time after solution 
is too short for the reducing sugar to reach completely the equilibrium that 
exists after from ten to fifteen hours. They are simply from selected 
individual experiments and must be compared with the simultaneous but 
momentary values of freshly ignited electrodes which are shown in the 
fourth column. 

These fresh electrode potentials are usually reproducible to within 25 
millivolts, or much less after the solution has stood for a somewhat longer 
time, or if the pH is around 9 and 10. They are ‘^peak potentials,’^ since 
the tendency of the electrode to reach equilibrium with the electromotively 
active reductant and to acquire a high negative potential is being opposed 
by the tendency of the electrode to adsorb GO“ and register a more posi¬ 
tive potential. This latter process is more time-consuming, and hence, 
after a maximal reduction potential has been reached, a drift toward more 
positive values sets in. The platinized electrodes do not show this drift 
toward a more positive potential, but, if placed in the solutions soon after 
mixing and before the steady state is reached, they show a drift toward 
more negative potentials as the steady state is being set up. These platin¬ 
ized electrodes may catalyze at their surfaces some local reaction between 
the GO~ and the electromotively active reductant. Their potentials 
represent, then, maximal negative potentials which the peak values of the 
smooth fresh electrodes can never quite reach. These peak potentials 
correspond, in the case of pH 7 to 1.5 X 10“® atmospheric pressure, of pH 
8 to 6.9 X atmospheres, of pH 9 to 1.1 X 10“^ atmospheres, and of pH 
10 to 4.1 X 10~^ atmospheres of hydrogen. 

We have emphasized the values for the partial pressures of hydrogen 
corresponding to these platinum electrode potentials because we feel that 
all the evidence is pointing to the conclusion that the electromotively active 
reductant accumulating to any appreciable extent in these sugar solutions, 
is actually molecular hydrogen. The partial pressures indicated are finite, 
although small. They correspond roughly in order of magnitude to the 
value of 2.5 X 10“® equivalents of reductant for a solution similar to these 
at pH 10, as was determined by Clifton and Ort, and to a value of 1 X 10“*, 
as has since been determined for pH 9 by the same technic. Data are not 
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available for the solubility of hydrogen in solutions such as these. Approx¬ 
imately 1.5 X 10“^ gram-equivalents of hydrogen at atmospheric pressure 
will dissolve in 100 cc. of water at 30°C., which is about the amount of 


water in our solutions. 


Therefore, at pH 10 there should be 


2.5 X 10 -^ 
1.5xT0“^ 


or 1.67 X 10“2 atmospheres of hydrogen in solution. The platinized 
platinum electrode indicated 9.3 X 10~^ atmospheres, and the peak value 
of the fresh, smooth platinum electrode 4.1 X 10“^ atmospheres. Simi¬ 
larly, at pH 9 the 10“® gram-equivalents of reductant corresponds to a 
pressure of 6.6 X 10“^ atmospheres. At this pH the platinized platinum 
electrode indicated 4.7 X lO"’^ atmospheres, and the fresh, smooth elec¬ 
trode 1.1 X 10“^ atmospheres. 

The addition of platinized asbestos to a solution of 60 g. of glucose -f 100 
cc. of buffer at pH 10 caused an instant shift in the potential of the smooth 
platinum electrode previously in the solution toward a more negative 
value. When about 10 g. of 5 per cent platinized asbestos was added to 
such a solution, the smooth platinum electrode in it acquired practically 
the same potential as a hydrogen electrode in a similar glucose solution at 
that pH but without any platinized asbestos. Small bubbles of hydrogen 
sometimes apfieared in the arms of the salt bridge. P. M. Horton has also 
reported the evolution of hydrogen gas from alkaline glucose solutions in 
which finely divided platinum was suspended, and M. H. Power has noted 
a tendency of platinum electrodes in alkaline glucose solutions to approach 
the potential of a hydrogen electrode. 

We believe that this finely divided platinum removes the GO" from the 
solution by adsorbing it on its surface. GO~ as a factor in a chain of 
equilibria producing both GO~ and hydrogen being thus removed, more 
hydrogen can accumulate until equilibrium is again established. If 
enough platinized asbestos is present, this removal of GO”, and the conse¬ 
quent disturbance of the equilibria, can continue to an extent sufficient 
to build up temporarily the hydrogen concentration equal to that supported 
by a pressure of 1 atmosphere of hydrogen. The addition of a considerable 
amount of potassium ferricyanide to such a suspension causes electrodes 
therein to become strongly positively charged. After a preliminary period 
during which accumulated reductants are oxidized, the remainder of the 
oxidant is reduced at approximately the normal rate, showing that the 
finely divided platinum does not markedly catalyze the rate of formation 
of the enediol. 

When a similar concentrated solution of glucose at pH 10 is evacuated, 
a smooth platinum electrode previously placed therein may show but little 
change, probably because diffusion cannot remove hydrogen faster than 
it is formed. If, however, such an evacuated solution be shaken, or a small 
amount of nitrogen be allowed to bubble through the solution, expanding 
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enormously thereby and violently agitating the solution, the electrode will, 
within a few minutes, become several tenths of a volt more positive. Simi¬ 
lar shaking or the passage of a similar small amount of nitrogen through 
such a solution which is at atmospheric pressure, will produce compara¬ 
tively little effect on the electrode potential. An extremely rapid stream 
of nitrogen at atmospheric pressure has been observed to change the elec¬ 
trode potential only about 7 millivolts. However, at pH 7 such a rapid 
stream passing through the solution at atmospheric pressure caused a shift 
in potential of 150 millivolts. Naturally the much smaller rate of forma¬ 
tion will affect the net rate of removal by a gas in this manner. Similarly 
electrode potentials are more affected in this manner in dilute glucose than 
in concentrated solutions (4). These facts, taken together, show that a 
volatile reductant can be removed from these solutions by a vacuum or 
by the passage of a gas through the solution. 

Finally if a solution of 60 g. of glucose + 100 cc. of a buffer to make the 
solution of pH 10 was placed in a 500 cc. distilling flask, which was then 
evacuated and sealed off from the vacuum pump, we found that after 
standing overnight, the gas which had collected over the solution could be 
pumped off by a liquid mercury pump and compressed into a small glass tube 
and measured. The amount of the gas thus collected, which was not water 
vapor, corresponded to a pressure of 1-2 thousandths of an atmosphere in 
the distilling flask. Pure oxygen was then admitted and mixed with this 
small amount of gas, and the mixture ignited by a glowing platinum wire. 
A contraction of one and one-half times the original volume of gas resulted. 
Confining the gas over a strong potassium hydroxide solution at any stage 
of the process did not change the results. We believe, then, that even 
mildly alkaline sugar solutions contain appreciable quantities of dissolved 
molecular hydrogen, which is in dynamic equilibrium with the sugars and 
their degradation products. It is the electromotively active reductant, 
the concentration of which is determined by the technic of Clifton and Ort. 

OXIDATION AND ACCUMULATION OF HYDROGEN FOLLOWING THE ADDITION 

OF OXIDANTS 

Clifton and Ort found that when oxygenated distilled water was added 
to glucose solutions at pH 10 in the absence of added iron, the peak poten¬ 
tials gave a curve similar to the solid line curve in figure 1. There was no 
end point. It seemed that the reaction, if any, between oxygen and the 
accumulated electromotively active reductant present was too slow, com¬ 
pared with the rate of formation of this reductant, to cause any sharp rise 
in potential when the amount of oxygen added just exceeded the amount 
of reductant present. This now seems reasonable, since molecular oxygen 
and hydrogen are rather inert toward one another. 
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When, however, a trace of iron was added, a curve, such as the solid line 
curve (figure 2) was obtained. We now believe that the iron catalyzed 
the reaction between oxygen and hydrogen under the conditions present 
in these solutions so that it sufficiently exceeded the speed with which 
hydrogen was formed, that any excess of oxygen present after all the hydro¬ 
gen was destroyed would at once cause the electrode potentials to make a 
considerable jump toward more positive values. We believe that, in the 
presence of iron, oxygen can react rapidly with GO"" to form G02“, and 
that the G02~ then rapidly oxidizes the hydrogen to form GO"" again and 
water. 

Hence at pH 9 and 10 a detectable end point is possible, but not at 7 and 
8 where the amount of accumulated hydrogen is too small. 



Fig. 1. Peak Potentials Following the Addition of Aerated Distilled Water 


The time necessary to reach these peak potentials at pH 9 and 10 after 
the addition of the oxygen is never much longer than a few seconds, and 
often shorter depending on the amount of oxygen added. In fact, it could 
not be determined at all during a period of such rapid changing of the po¬ 
tentials, especially at pH 10, if it were not possible to set the potentiometer 
ahead of time approximately at the correct value as determined by previous 
trials. Very fast manipulation of the potentiometer is required then to 
determine the approximate peak potential, and the averages of many deter¬ 
minations were used to locate the points on our curves. We were aided 
somewhat by the fact that the most uncertain determination was the end 
point of our titration, which was just the point we were after. Tliat is, 
for additions of lesser or greater amounts of oxygenated water, the voltage 
fluctuations near the peak voltages were much less in magnitude per unit 
of time. We also found it helpful to add the oxidant from a pipet carefully 
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to the top of the sugar solution until the pipet was emptied, and then to 
mix suddenly by a violent agitation of the solution with an unusually strong 
stream of nitrogen gas and by shaking the electrode vessel by hand. 

We may assume that, in the absence of added iron, neither the concen¬ 
tration of hydrogen nor the adsorption of GO“ at the surface of the elec¬ 
trode has been appreciably affected during this short interval of time. 
Their effects on the electrode potential would therefore remain constant. 
In this case the peak potential would be proportional to the logarithm of 
the concentration of the added oxidant. This proportional relationship to 
the logarithm of the concentration of added oxidant follows from the well- 
known Nernst formulation stating that oxidation potentials are propor- 



Fig. 2. Peak Potentials Following the Addition of Aerated Distilled Water 

tional to the logarithm of the ratio of the concentrations of oxidant and 
reductant. Under these conditions the concentration of the reductant 
remains constant. When iron is present, and the indirect reaction between 
oxygen and hydrogen goes very fast, so that for the addition of only traces 
of oxygen there is an excess of hydrogen remaining and all the oxygen is 
gone, the potential should then be proportional to the logarithm of the 
amount of hydrogen in excess, since it is the only varying factor momenta¬ 
rily. When an excess of oxygen is added, and all the hydrogen is gone, the 
potential should be proportional to the logarithm of the amount of oxygen 
in excess. 

In figures 1 and 2 the solid lines represent actual experimental data, the 






POTENTIALS IN ALKALINE SUGAR SOLUTIONS 


1071 


averages of many single determinations. The dotted lines were plotted 
from points calculated on the foregoing assumptions. That is, the dotted 
line curve (figure 1) was constructed according to the equation: 

P ^ Po- K logioX ( 1 ) 

where P = peak potential in volts as read after the addition of X units of 
oxygen, Po = potential when X = 1 unit, and K = proportionality con¬ 
stant. In calculating the points for the dotted line curve there are two 
constants, Po and X, to be evaluated, the values of which depend on the 
arbitrary choice of the value of a unit of added oxidant and for which two 
simultaneous equations are needed. To supply these the dotted line curve 
was made to coincide with the solid line curve at the potentials for 0.05 and 
10 microequivaleiits of added oxygen. The broken line curves (figure 2) 
were also constructed from points calculated from the equation just given, 
as applied first to an excess of hydrogen and then to an excess of oxygen, X 
being first the excess of hydrogen, then the excess of oxygen. To construct 
the dotted line curve for an excess of hydrogen, the dotted line was made 
to coincide with the solid line curve at the potentials for 0 and 2.25 
microgram-equivalents of added oxygen. For the excess of oxygen, the 
dotted line curve was made to coincide at 3 and 5 microgram-equivalents 
of added oxygen. 

If we admit that in a mildly alkaline solution of glucose, kept out of con¬ 
tact with air, when the concentration of GO"' at the electrode surface is 
constant and there is no electromotively active oxidant other than GO”*, 
the potential of a smooth platinum electrode is proportional to the log¬ 
arithm of the hydrogen concentration, and if we assume that a chemically 
reversible equilibrium exists between this hydrogen and certain derivatives 
of glucose, so that the reverse reaction or removal reactions prevent a large 
accumulation of hydrogen in solution, then it can be shown that the rela¬ 
tion between potential and time after the reduction of added oxidants, may 
be formulated thus: 


and 


P^ — P ^ logio - ij - 
Po “ P' logioX^ 


( 2 ) 


R 


(3) 


where P = rate of formation of hydrogen, Xi? = concentration of hydrogen 
at equilibrium, P = potential at time IT, Po = potential for a concentration 
of hydrogen equal to unity, and P^ = potential at equilibrium. = 
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time necessary for the concentration of hydrogen to be built up to a value 
so that IjF = fraction of Xe yet to be accumulated. 

It is obvious that the above equations will hold only for a period of time 
during which the electrode potential is proportional to the logarithm of the 
concentration of hydrogen. There must be no appreciable change in the 
GO“ concentration at the electrode surface. If an appreciable amount of 
hydrogen accumulates before the destruction of the last trace of any elec- 
tromotively active oxidant which may be present other than GO"“, then 



Fig. 3. Drift in Potentials Following the Addition op Potassium 

FERRirYANIDE 


the equations will hold only after there is no significant amount of such 
oxidant remaining. Under such conditions the true zero time cannot be 
directly determined. But by taking several sets of time and potential 
values, after the oxidant is completely destroyed, enough simultaneous 
equations can be set up to calculate the equilibrium concentration of 
hydrogen. 

At pH 10 the reactions are so rapid that the true zero time can be deter¬ 
mined directly. Figure 3 shows the drift of potential following the addi¬ 
tion of 0.002 gram-equivalent of potassium ferricyanide to a solution of 60 
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g. glucose + 100 cc. of buffer at pH 10. Thirteen cc. of N/^ sodium hy¬ 
droxide was added with the potassium ferricyanide, which Roepke and 
Ort found was approximately sufficient to neutralize the acid formed dur¬ 
ing the reduction of the potassium ferricyanide. Therefore, just at the 
time the potential was dropping the fastest, the pH was fairly close to 10. 

At pH 10, Xjs was found by Clifton and Ort to be 2.5 X 10"“®, as indi¬ 
cated also by the point of inflection of the solid line curve of figure 2. R 
was found by Roepke and Ort to be 9.61 X 10"“® gram-equivalents per min¬ 
ute. Hence for X to equal | Xe is 1.08 seconds. If so, the reaction at 
this pH sliould be too fast to permit a detailed checking of the formula by 
experimentally determined potentials. The curve in figure 3 shows that 
this is indeed the case, since the drop toward the equilibrium potentials is 
almost vertical. In taking the readings when the last trace of oxidant had 
disappeared at about the time represented by 13.5 minutes on this curve, 
the galvanometer went off scale in a flash, and a few seconds later, if 
preparations had been previously made, it could again be balanced at a 
potential around 0.6 volt more negative. Only an approximate titration 
end point, such as is determined by the technic of Clifton and Ort, is 
possible under these conditions at pH 10. 

According to formula 3, using the values of Clifton and Ort and of 
Roepke and Ort, the equilibrium concentration for all practical purposes 
should be built up within ten seconds. It is seen that at this time the 
potential has indeed reached a value which is about the same as it had 
before any oxidant was added and near which it remains practically sta¬ 
tionary for a number of minutes. This would indicate that the concentra¬ 
tion of active reductant had again reached the value it had at the steady 
state before oxidant was added, and that the potential is indeed propor¬ 
tional to the logarithm of the concentration of hydrogen. 

Since the agreement between the experimentally determined rate of 
potential fall after the reduction of potassium ferricyanide when added to 
these concentrated glucose solutions at pH 10 and the rate calculated from 
the above formulas is within the limits of experimental accuracy, the 
assumptions underlying the development of the formulas seem to be justi¬ 
fied under these conditions. At lower values for pH and lower tempera¬ 
tures. where the rates of reaction are so much slower, it should be possible 
to check theory and experiment in more detail. Since such a check has 
been found to involve considerable discussion as to the chemical nature of 
the equilibria involved, this will be left to a subsequent paper. It is 
obvious of course that the above formulas will apply generally to any elec¬ 
trode potentials which are due to an electromotively active substance which 
is forming in solution at a steady rate and which in turn is disappearing 
from the solution at a rate dependent on its own concentration therein, so 
that ultimately a steady state is reached. 
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SUMMARY 

Evidence has been presented which indicates that an oxygenated deriva¬ 
tive of glucose, GO“, adsorbs to the surface of smooth platinum electrodes 
and prevents them from acquiring the oxidation-reduction potentials which 
the concentrations and natures of the oxidants and reductants existing in 
mildly alkaline glucose solutions would otherwise impart to them. Such 
adsorption is believed to be the main factor in the recognized variability 
of the potentials on such electrodes. 

Because of the conditions of the former experiments it is pointed out, 
however, that such adsorption was not an interfering factor in the work of 
Clifton and Ort in determining the concentration of electromotively active 
reductant, nor in that of Roepke and Ort in determining the rate of forma¬ 
tion of this reductant. 

Evidence is also described which indicates that the electromotively active 
reductant which accumulates to any appreciable extent in such solutions 
of glucose is molecular hydrogen. On the addition of an excess of oxidants, 
the hydrogen is oxidized, a glucose oxide, GO”, is formed, and finally, under 
the proper conditions, a glucose peroxide, GOi", exists which is electro¬ 
motively active and gives high oxidation intensities. Finely divided 
platinum and iron do not affect the rate of formation of the active reductant 
in these sugar solutions, but do markedly catalyze the reaction between the 
sugar oxide GO” and hydrogen and the reaction between these two and 
certain added oxidants. They activate the oxidants and GO", not the 
hydrogen. 

A formula is given which expresses the relation between time and reduc¬ 
tion potential following the reduction of added oxidants. It has been 
checked by experiment at pH 10. By the use of this formula and the rates 
of formation as determined by Roepke and Ort, the concentration of active 
reductant at equilibrium can be calculated if the equilibrium potential is 
known and the reduction potentials are determined at several intervals of 
time after the reduction of added oxidant is complete. 

Although data are given in this paper only for glucose, these conclusions 
apply generally to many of the common sugars. 

REFERENCES 

(1) Clifton, C. E., and Obt, J. M,: J, Phys. Chem. 84, 855-62 (1930). Active 

glucose. 

(2) Horton, P. M.: Unpublished data, 

(3) Ort, J. M.: J. Phys. Chem. 33, 825-41 (1929). Ultraviolet light, insulin, and 

amino acid catalysis. 

(4) Power, M. H. : Personal communication to the authors. 

(5) Roepke, M. H., and Ort, J. M.: J. Phys. Chem. 36 , 3596-611 (1931). The rates 

of formation of the active reductants of several sugars. 

(6) Shaffer, P. A., and Harned, B. K,: J. Biol. Chem. 98, 311-25 (1931). Oxida¬ 

tions induced by sugars. I. The formation of barium peroxide. 

(7) Tartar, H. V., and McClain, H. K.: J. Am. Chem. Soc. 63 , 3201-12 (1931). 

Electrode potentials and adsorbed ionic films. 

(8) Urban, Frank, and Shaffer, P. A.: J. Biol. Chem. 94,697-715 (1932). 



THE HYDRATION OF THE CRYSTALLINE FIBERS OF 
SOAP CURD 


J. W. McBAIN, H. I. BULL, and L. S. STADDONi 
Department of Chemistryy Stanford Universiiy, California 

Received February £3, J 934 

The commonest occurrence of soap is in the form of curd fibers embedded 
in a liquid crystalline solution, as in many household soaps. Some toilet 
soaps consist almost exclusively of curd fibers. These solid and concen¬ 
trated forms of soap are the most difficult to characterize scientifically, and 
their nature is most open to dispute (5). 

Curd fibers, by x-ray evidence (12, 13, 14, 15), are crystalline, exhibiting 
three spacings as distinguished from the one of liquid crystals. They have 
been shown to consist of hydrated neutral soap (4). They exhibit a 
definite solubility which is, however, very greatly dependent upon tem¬ 
perature and to a certain extent upon previous history. In our phase rule 
studies (6) we have found it possible to treat them as a phase or, rather, as 
a series of phases, although this is considered erroneous or incomprehensible 
by others.2 This is partly due to the fibers not being massive; for although 
they may be centimeters long, they are finely microscopic or, more usually, 
ultramicroscopic in breadth and thickness. They thus present a large 
surface available for sorption, and all electrolytes are noticeably sorbed by 
them. Even saturated sodium chloride solution, which completely dis¬ 
places other more dilute electrolytes from the curd fibers, does not prevent 
all non-electrolytes so far studied from being appreciably sorbed, glycerol 
being the sole exception. 

One highly reproducible measurement has been made by four previous 
independent methods (3, 7, 9, 11). Sodium palmitate fibers at 90°C. in 
the presence of a saturated solution of sodium chloride are found to contain 
2.1 mols of water to 1 mol of sodium palmitate. They also contain between 
1 and 3 per cent of sodium chloride. Thus the strong negative sorption 
of sodium chloride by sodium palmitate is in reality a slight positive sorp¬ 
tion by the hydrated fibers. 

Using glycerol, Bennett (1) found that at room temperature the hydrated 

1 Experimental work carried out at Bristol University, England, in 1923-1927. 

* For example, Ostwald and Erbring: Kolloidchem. Beihefte 31, 345-46 (1930); 
however, they are doubtless depending upon their own assumption, “Da der Wasser- 
gehalt dieser Kernfasern zweifellos kontinuierlich variiert.” 
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sodium palmitate fibers separating from ordinary isotropic (0.25 Nw) solu¬ 
tion have the composition NaP • IOH 2 O, whereas those separating from more 
concentrated (1.0 Nw) anisotropic liquid solutions (liquide k conique) ex¬ 
hibit an empirical formula NaP*4.3H20. 

The present communication employs the dew point method of measuring 
vapor pressure in studying the hydration of curd fibers of sodium palmitate 
and sodium laurate with and without the presence of a saturated solution 
of sodium oxalate. The results are unexpected in that they appear to 
indicate definite hydrates or amounts of water of crystallization. 

EXPERIMENTAL METHOD 

The dew point apparatus is that first designed by Gumming (2) with the 
essential modifications by McBain and Salmon (8) which convert it into a 
differential method. It is shown in diagram in figure 1. 

A highly polished silver test tube is fitted with a rubber stopper in which 
is inserted a thermometer, reading to O.Ol^C., and two glass tubes through 
which a rapid current of water is circulated by a power pump from and to a 
thermostat of adjustable temperature. The silver tube is held in a large 
rubber stopper fitted into an outer glass vessel which contains the close- 
fitting, thin-walled shell holding the solution or curd to be studied. Tlie 
top of the outer vessel rises about one inch above the stopper, so that the 
closed space is completely immersed in distilled water in the transparent 
thermostat. A glass capillary tube, sealed to a stopcock, passes through 
the stopper holding the silver tube and may be connected with a water 
pump and the outer vessel thus evacuated if required. The glass outer 
vessel should be as small as possible so that equilibrium can be quickly 
attained. 

The silver tube should be kept highly polished by a silversmith. Hand 
polishing requires practice. The motion should be along the length of the 
tube so as to avoid any disturbing transverse scratches. For cleaning, the 
tube was immersed overnight in freshly distilled thiophene-free benzene 
and lightly polished with silk which had been extracted with benzene. The 
effects of traces of hydrogen sulfide have to be removed by polishing with 
jeweler’s rouge. The device of preventing formation of dew on a diagonal 
portion of the lower part of the silver test tube by coating it with an in¬ 
visible film from boiling conductivity water was used in the manner origi¬ 
nated by McBain. Illumination has to be carefully adjusted for optimum 
visibility of the boundary between the bright surface and that dimmed by 
incipient formation of dew. Too much dew may necessitate recleaning. 

The silver tube vras adjusted to 1.0°C. above the temperature of the 
thermostat before assembling as in figure 1. To hasten attainment of 
equilibrium the outer tube was evacuated. Under good conditions the 
difference between appearance and disappearance of dew was only 0.03®C., 
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the mean being taken as the dew point. The zero correction, for differences 
between thermometers, and personal error, was found by one of us (H. I. B.), 
but not by previous workers, to depend slightly upon the condition of the 
silver tube, which was therefore subjected to an exact routine of cleaning 
and treatment. It is determined by measuring the dew point lowering of 



Fig. 1. Dew Point Apparatus for Studying Vapor Pressure op Solutions or 
Solids Containing Water 

conductivity vrater itself; these measurements were repeated at frequent 
intervals as a check. 

To insure avoidance of false equilibria with viscous solutions it is neces¬ 
sary to shake or stir the specimen being measured. With curds the most 
satisfactory device is to allow the curd to form in the vessel where practi- 
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cable and then to cut away the upper surface and the middle portion of the 
curd itself as shown in figure 1. Water diffuses better in this way than 
when the curd is a heap of separate lumps. The curd is allowed to remain 
in contact with the closed (evacuated) vapor space for several hours before 
taking a measurement. In the later experiments not more than 30 mg. 
of water was removed from a curd at a time; or, if large amounts were 
removed, the curd was left for a week in a closed vessel to recover internal 
equilibrium. 

Dehydration of the curd within the dew point apparatus was found in¬ 
advisable and was rejected in favor of dehydrating the curd by placing its 
,container in a vacuum desiccator and weighing from time to time. The 
chief disadvantage is that the exact composition at which a break occurs in 
the vapor pressure is missed and has to be surmised from inspection of the 
graphs of dew point lowering against gross composition of the curd. 

The curds were subsequently analyzed by the methods and using the 
precautions described in previous communications. They were first dis¬ 
solved in boiled-out neutral water, decomposed witli excess of acid, the 
fatty acid titrated in 80 per cent alcohol, and the aqueous filtrate with 
standard alkali. Then if sodium oxalate was present, it was determined 
with permanganate. 

A quicker method used in the later experiments on curds containing no 
oxalate was complete dehydration to constant weight. Thus with curd 
25A (H. I. B.) complete analysis of 0.4232 g. of such completely dehydrated 
curd yielded 0.4230 g. of sodium palmitate. Thus from the weight at any 
time, the amount of water present was known by difference. 

Each dew point lowering recorded is the mean of from six to twenty 
individual readings of which many thousand were required for the present 
work. 

Results in presence of saiurated sodium oxalate^ 

Sodium oxalate crystals were present in excess for the purpose of serving 
as an indicator to show when the last amount of free solution just evapo¬ 
rated. Up to this point the dew point has to remain constant, but there¬ 
after any water withdrawn comes from the dry fibers of the hydrated soap 
curd and the vapor pressure falls suddenly. 

The sodium palmitate and sodium laurate were special preparations 
made for us by Kahlbaum, They were dissolved by heating in a Jena 
glass-stoppered bottle at 90®C. until the solution was homogeneous. On 
cooling, a viscous pale yellow gel formed and became a solid white curd. 
After adding excess of Kahlbaum sodium oxalate, the solution was heated 
for twelve hours at 90®C., well shaken, and cooled to a solid white curd at 
24®C. In some of these experiments the stirring or time allowed for equi- 


»Experiments by L. S. S. 
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librium was insufficient, but the position of the break in the vapor pressure 
curve should be significant. 

Dew point lowerings observed with saturated solutions of sodium chlo¬ 
ride were 4.83,4.84,4.83, and 4.83®C. as compared with 4.82®C. in a mixture 
of solid salt and saturated solution. A similar mixture of sodium oxalate 
and saturated solution gave 1.46 and 1.45®C., which is therefore the con¬ 
stant reading to be expected until all water other than that actually held 
by the fibers is gone. The following results were obtained with the second 
specimen of soap curd, prepared from 0.5 sodium palmitate containing 
excess of sodium oxalate: 

Mols H 2 O to INaP.. 107 67 57 40 6 2.9 1.42 0 77 0 22 

Dew point lower¬ 
ing, °C. 1 44 1 45 1 44 1 44 1 45 1 46 3.62 4 57 5 17 

Other data from results with three other similar curds were: 

Mols HaO to 1 NaP .. 2 58 2 23 1 24 1.28 

Dew point lowering, °C. . 1 68 3 57 4 54 4.07 

From the complete graphs for three curds the hydration of sodium palmi¬ 
tate fibers formed from 0.5 Nw solution containing excess of solid sodium 
oxalate was estimated as 2.52, 2.70, 2.58; mean, 2.6 mols H 2 O to 1 mol 
sodium palmitate. 

McBain and Salmon (9) obtained for the hydration of sodium palmitate 
prepared from 1.0 iV„, solution in the presence of excess of sodium chloride 
the same result as that found here, namely, NaP-2.601120, as compared 
with the value NaP-2.161120 at 90®C. and NaP-2.361120 at 50°C. In¬ 
spection of their table 1 for highly dehydrated curds shows that beyond the 
region of this break they too failed to obtain reproducible results; and all 
existing data for further dehydration are too uncertain to distinguish 
definitely between sorption, or a further definite hydrate, or both. We 
found by trial that a saturated solution of sodium oxalate may be made to 
yield only a fraction of its true dew point lowering by carefully avoiding any 
stirring. Water is forcibly abstracted to form the dew upon the silver; 
this is then returned to the surface of the solution, rendering it dilute. 
Similarly, with dried curd the dew point lowering may not be nearly great 
enough or may be too great, depending upon which factor preponderates, 
this, or as in these experiments, insufficient time for internal equilibrium. 

It seems possible that the real composition of these curds formed in the 
presence of the two saturated salts, whose dew point lowerings are 1.45 and 
4.83®C. at 20®C. (and 6.49°C. at 90®C.), is really the definite hydrate 
NaP-21120; and that the actual composition so often confirmed at 90®C., 
NaP-2.11120, as well as that at 20®C., 2NaP-2.61120, is due to superim¬ 
posed sorption. It will be noted in the sequel that the gross composition, 
NaP-2.6H20 at 20®C. has been observed again even in the absence of salt. 
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Sodium laurate proves, as expected, to be much less hydrated than so¬ 
dium palmitate. The break in the horizontal vapor pressure curve, which 
is followed by a great lowering, leaves as a result of two imperfect series 
the composition of the curd as NaL• I. 2 H 2 O. This is less than that found 
by McBain and Salmon at 90®C. in the presence of saturated sodium chlo¬ 
ride, namely, NaL-1.801120. 

Results with sodium palmitate curds in the absence of saU* 

In two preliminary experiments (by L. S. S.) on the dehydration of 0.6 
Na sodium palmitate curd at 23®C. it was found that the dew point ob¬ 
served was steadily lowered until at the composition just above NaP • 9 H 2 O 
there was a sudden break, followed by a much more rapid lowering of the 



Fig. 2. Dew Point Lowering op Soap Curds Plotted against Gross Composition 
DURING Progressive Dehydration; Curd Formed from 
0.5 Nu Sodium Palmitate 


dew point. This compares with the value NaP - IOH 2 O found by Bennett 
at 20‘’C. from the negative sorption of glycerol in 0.25 Nu, curd. 

In developing the more careful technique required to follow up this result, 
one of us (H. I. B.) became convinced that the curves of vapor pressure 
against composition were essentially phase rule diagrams which consist 
of horizontal and vertical portions. As soon as exceptional care was taken 
in studsing the vapor pressure of a particular curd, and much more oppor¬ 
tunity was afforded for the attainment of equilibrium, the sloping curves 
of previous work were replaced by others such as are shown in figures 2, 
3, and 4. In other words, soap curds appeared as definite hydrates of 

‘ Experiments by H. I. B. except where otherwise noted. 
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definite composition and reproducible properties. The data seem fairly 
convincing, although this result was unexpected. It goes far beyond a mere 
demonstration that curd fibers contain bound water, a fact which was 
already established beyond peradventure even without the additional 
evidence given in both parts of this paper. Some way must be found for 
accounting, in the interpretation of x-ray data, for the water which is cer¬ 
tainly present, perhaps through an arrangement of the water molecules on 
exposed surfaces. 

The chief point at issue, after noting the fact of the presence of water in 
the dried fibers,® is as to whether the vapor pressure or dew point lowering 
curves are continuous, as in sorption, or discontinuous as in phase rule 
studies of definite hydrates, as drawn in figures 2 to 4. In the latter case 



Fig. 3. Dew Point Lowering of Soap Curds Plotted against Gross Composition 
DURING Progressive Dehydration; Curd Formed from 
0.5 Nv Sodium Palmitatb 


the vapor pressure must remain constant until a hydrate has just been 
removed by dehydration, whereupon the horizontal line must drop to a 
new value as soon as again there are two solid phases in equilibrium with 
the vapor. The position of the break then gives the composition of the 
hydrate. 

The first experiment was with 0.25 Nw curd of sodium palmitate at 20®C., 
showing a break at least at about NaP-81120, although the curves are 

* It will of course be noted that the dew point lowering corresponds to that of a 
highly concentrated solution, no such solution being present; the expressed mother 
liquor from the original wet curd being less than iV'/50, it was removed by the previous 
evaporation. 



1082 


J. W. MCBAIN, H. I. BULL AND L. S. STADDON 


otherwise not definitive. The readings of gross composition and dew point 
were: 

Mols HaO to 1 NaP.. . . 102.3 77.6 43.3 19.3 13.7 8.6 7.3 6.6 
Dew point lowering, °C... 0.19 0.18 0.25 0.30 0.31 0.31 0.47 0.60 

The data for 0.5 curds of sodium palmitate are given in figures 2 and 
3, each of which records two independent series. The lines for all four are 
necessarily drawn in identical position in order to be consistent. They 
show a possible unproven break at NaP‘30H2O and another undoubted 
one at NaP *81120, or perhaps in one case nearer NaP * 101120 . Only in 
the fourth experiment in figure 3, indicated by triangles, less reproducible 
results were obtained because the curd was employed, not in coherent 



Fig. 4. Dew Point Lowering of Soap Curds Plotted against Gross Composition 
DURING Progressive Dehydration; Curd Formed prom 
1.0 Nw Sodium Palmitate 


form, but broken into pieces which did not come so readily into equilibrium. 
It is remarkable that in all cases the vapor pressure lowering of the dried 
curd between the compositions NaP*30H2O and NaP* 9 H 20 is 0.38®C. 

It seems also possible for one curve, studied sufficiently far, that the 
composition NaP * 2 . 6 H 2 O found in the earlier part of the paper corresponds 
to a break. 

The whole point of figures 2 , 3, and 4 is that, unexpectedly, they show 
breaks and that, furthermore, the position of the break for figures 2 and 3 
at NaP • 8 - 10 H 2 O and the different one upon figure 4 agree with the hydra¬ 
tions previously published for these two different kinds of curd upon 
the basis of the method of indirect analysis. We can only repeat that these 
breaks, which we did not expect, have appeared only in those experiments 
in which the greatest care was taken to minimize false equilibrium. 
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Figures 2 and 3 for 0.5 Nw curds are in striking contrast to figure 4 for 1.0 
Nw curd. Bennett had already proven by the glycerol method that for the 
former the curd had the composition NaP- IOH 2 O and for the latter NaP* 
4 . 3 H 2 O, one having separated from isotropic soap solution and the other 
from liquid crystalline anisotropic smectic soap solution (liquide k conique). 

The first experiment with 1.0 Nu, sodium palmitate curd showed these to 
be still more difficult to study, but there was a break at NaP • 4 . 6 H 2 O. The 
next and final experiment is that given in figure 4. The curd was allowed 
to dehydrate itself by being kept for some time in a fairly large closed 
vessel until it had lost not more than 0.02 g. between successive measure¬ 
ments. The dew point lowering is constant at 0.31°C. over a wide range 
of composition with a very definite break between NaP-4.41120 and 
NaP-4.91120. This is in excellent agreement with Bennett’s wholly inde¬ 
pendent finding by the use of glycerol as a reference substance with analysis 
of exuded mother liquor. 

We refrain in this place from discussion of the results obtained under the 
very different conditions at 90°C. on solutions of very different antecedents 
and properties. At 20®C. Bennett’s results were based upon the assump¬ 
tion that no sorption occurred and that the concentration of glycerol in the 
expressed mother liquor was due solely to combined water within the curd 
fibers. How^ever, if there is negative sorption of glycerol in the glycerol- 
curd fiber interface as there is in the glycerol-air interface, this could make 
Bennett’s results slightly higher than the true hydration. The unique 
property of glycerol of not being sorbed by soap curd is not paralleled by 
its solubility in soap solution, for in unpublished experiments on partition 
betw^een neat soap and lye it is found that the proportion of glycerol in the 
neat soap is several times that of any electrolytes present. 

SUMMARY 

The dew point method has been used at room temperature to demon¬ 
strate the presence of bound water in dried fibers of soap curd. When 
formed in the presence of a saturated solution of sodium oxalate, sodium 
palmitate fibers have the composition NaP- 2 . 6 H 20 . It would even 
appear possible that there are definite hydrates of sodium palmitate, in¬ 
cluding NaP-81120 and, possibly, NaP- 2 . 6 H 20 and NaP- 30 H 2 O, al¬ 
though these results may be partially overlaid by sorbed water. Curd 
fibers obtained from liquid crystal anisotropic solutions contain half as 
much water as those from ordinary isotropic solutions. The behavior of 
soap curd, which is due to crystalline, although often ultramicroscopic, 
fibers, is wholly different from that of any gels or jellies. 
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INTRODUCTION 

In a previous paper by one of the authors (10) the viscosities of pyridine- 
acctic acid mixtures were reported with a maximum viscosity for mixtures 
in tlH^ neigiii)orhood of 80 mole per cent acetic acid. A similar behavior 
for this same system has been reported by Tsakalotos (11), Faust (5), and 
Dunstan (3). 

Wliile it is generally conceded that the existence of a maximum viscosity 
in mixtures indicates the formation of some type of compound or complex, 
it has been found that certain systems may show a maximum viscosity 
without compound formation between the components of the system. 
Further, it has been observed that the absence of a maximum viscosity 
does not necessarily indicate the absence of compounds (4). 

In the viscosity data for the system pyridine-acetic acid, reported by 
Swearingen and Heck (10), it was shown that the maximum viscosity for 
the mixture in the neighborhood of 80 mole per cent acetic acid was quite 
pronounced at ordinary temperatures and was still very much in evidence 
at temperatures as high as 80®C. It was also shown that the composition 
at which this maximum viscosity appeared was practically independent of 
the temperature, remaining constant at about 80 mole per cent acid over 
the range of temperatures studied. In view of this rather peculiar be¬ 
havior, the present authors have attempted to secure additional experi¬ 
mental data on this system, so that the nature of these mixtures having 
large viscosities may be more definitely characterized. 

EXPERIMENTAL PROCEDURE AND DATA 

The procedure adopted as most likely to give the desired information 
was to determine the melting point-composition relations for this system. 
The presence or absence of compounds in this system should be readily 
revealed by the melting point-composition diagram. 

The theoretical basis and experimental technique of this procedure have 
been adequately discussed by Kendall (6). The melting point-composi¬ 
tion relations do not always give a positive means of correlating compound 
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formation with abnormally great viscosities. Kurnakov, Krotkov, and 
Oksmann (7) find that some compounds are revealed on the melting point- 
composition diagram and not on the viscosity-composition diagram. The 
reverse of this case has also been found to be true. O^Conner (8) states 
tha£ the fusion diagram fails to indicate compound formation in the system 
methylaniline-acetic acid, but that the considerable heat evolved on 
mixing these components indicates chemical combination. Further, 
Bramley (1) finds that the freezing point-composition diagrams for several 
phenols with certain organic acids do not indicate any equimolecular com¬ 
pounds, but he argues that they must exist. 

A standard grade of glacial acetic acid was first repeatedly recrystallized 
and finally treated with phosphorus pentoxide and distilled under reduced 
pressure. A second quantity of the acid was purified by the method of 
Riidorff (9). Both products showed a freezing point of 16.3°C. 

A standard grade of pyridine was subjected to repeated fractional dis¬ 
tillation, using a long Hempel fractionating column. The fraction finally 
collected for use boiled within a range of 0.5®C. This product was then 
allowed to stand over solid sodium hydroxide and then refractionated. 
The final product showed a melting point of — 43.5®C. 

From these purified materials, mixtures were made covering the entire 
range of composition. The compositions were expressed in mole per cent. 

The freezing or melting temperatures were determined with either mer¬ 
cury or toluene thermometers, depending on the freezing points of the 
material under investigation. These thermometers were calibrated by 
means of a standard thermometer calibrated by the Bureau of Standards 
and by fixed points. 

A small quantity of the mixture to be investigated was placed in a small 
closed glass tube along with the thermometer and stirring device. The 
tube was then placed in a freezing bath of solid carbon dioxide and ether, 
contained in a Dewar vessel. The mixture was frozen and the sample 
tube then removed from the freezing bath. The temperature of the sample 
was permitted to rise slowly, and the mixture was stirred uniformly after 
the first appearance of the liquid phase. The temperature at which the 
last small crystals disappeared was taken as the melting point of the sample. 
This procedure was repeated several times on each sample, the final melt¬ 
ing points being quite reproducible. 

The procedure, as outlined, was adopted after it was found that many 
of the mixtures exhibited a large degree of supercooling before crystalliza¬ 
tion could be induced. This condition was most marked in the region of 
high viscosity. In the case of samples of composition falling in the high 
viscosity range, in order to prevent the supercooled liquid from taking a 
glass-like ^^set,'^ it was necessary to seed to induce crystallization. Sim¬ 
ilar conditions have been observed in other systems (2). 
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DISCUSSION OF EXPERIMENTAL RESULTS 

The fusion diagram, figure 1, shows definitely the existence of two com¬ 
pounds and two eutectic mixtures. One eutectic mixture occurs at 30 
mole per cent acetic acid with a melting point of — 67.5°C.; the other at 
66 mole per cent acid with a melting point of -~59°C. One compound 
occurs at 50 mole per c(mt acid with a melting point of — 48°C., corre¬ 
sponding to the simple salt, pyridoniuin acetate. The other compound has 
an incongruent melting point, above — 42‘'C., as indicated by the extra- 



Fio. 1. Meltinc; Point-Composition Diagram for the System Pyridine- 

Acetic Acid 

polated (broken) line. The composition of thLs latter compound is prob¬ 
ably either 80 or 83.3 mole per cent acid, since these compositions cor¬ 
respond to the compounds C 6 H 5 N. 4 CH 3 COOH and C 6 H 5 N• 5 CH 3 COOH, 
respectively. 

The compound melting in the neighborhood of — 42®C. crystallizes from 
mixtures which fall in a very limited concentration range,—66 to 75 mole 
per cent acid. The fact that this compound is completely dissociated at 
temperatures above its melting point makes it seem highly improbable 
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that this compound, as such, is responsible for the maximum viscosity 
shown in this region. The abnormally high viscosity is still very much in 
evidence at temperatures considerably more than 100®C. above the melt¬ 
ing point of this compound. No irregularity occurs in the viscosity-oom- 
position relation at the composition corresponding to the simple pyri- 
donium acetate. 

Thus, the melting point-composition diagram for this system indicates 
the existence of two compounds, one of wliich is indicated by the viscosity- 
composition relationship. While there is a certain degree of coincidence 
in the probable composition of this compound and the composition of the 

TABLE 1 


Melting points of pyridine-acetic acid mixtures 


MOLE PER CENT 
ACETIC AaO 

MELTING POINT 

MOLE PER CENT 
ACETIC ACID 

MELTTNO POINT 

0 000 

degrees C. 

-43 5 

77.722 

degrees C. 

-26.9 

6 345 

-47.1 

78.698 

-23.8 

12 566 

-50.6 

79 734 

-20 9 

18.529 

-55.3 

80.771 

-17.7 

24.359 

-62.3 

81.543 

-14.7 

29.943 

-67.5 

82.221 

-13 3 

35 225 

-57.4 

82 669 

-11.9 

40.268 

-51.6 

83.720 

-9.2 

45.440 

-48.6 

84.773 

-5 8 

50,004 

-48.2 

85.234 

-4.5 

54.890 

-49 1 

85.894 

-3.0 

59.594 

-52.3 

86.470 

-0.6 

63.927 

-56.7 

86.790 

0 0 

68.202 

-52.9 

88.568 

3.7 

72.438 

-47.5 

90.710 

6.6 

74.790 

-44.5 

94.834 

10.95 

76.256 

-31.8 

100.000 

16.3 


mixture having maximum viscosity, this cannot be due to the compound 
itself. The agreement may be accidental or may be due to some peculiarity 
of this dissociated compound. The fact that the simple stable compound 
formed has no noticeable effect on the viscosity of the system, indicates 
that compound formation is neither the necessary nor the sufficient condi¬ 
tion for a maximum viscosity to occur. 

SUMMARY 

1. The melting points of various mixtures of pyridine and acetic acid 
have been determined and the melting point-composition diagram con¬ 
structed. 
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2. The melting point-composition diagram for this system indicates the 
presence of two compounds, CeHsN • CHsCOOH and C6H6N-4CH3COOH 
(or CeHsN-SCHaCOOH), melting at — 59°C. and about — 42°C., re¬ 
spectively. 

3. The simplest of these compounds revealed on the melting point dia¬ 
gram is not revealed on the viscosity-composition diagram. While the 
more complex compound is revealed on the viscosity-composition diagram, 
its responsibility for the maximum viscosity occurring here, is, to say the 
least, questionable. 
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INTERPRETATION OF THE PRESSURE-VOLUME-TEMPERA¬ 
TURE RELATIONS OF SINGLE AND COMPOSITE GASES 

GEORGE A. LINHART 

Department of Chemistry^ Riverside Junior College^ RiversidCy California 
Received March 19S4 

In a recent article (3) is given an equation which adequately describes 
the P-V-T relations of several important gases over a pressure range from 
1 to 3000 atmospheres, and over a temperature range from 0°C. to 200®C. 
The purpose of the present article is to show that the equation is equally 
applicable to the P-F-T behavior of mixtures of those gases, and over a 
much greater temperature range. The results are presented in two con¬ 
densed tables. 

The data for hydrogen, the mixture of hydrogen and nitrogen, nitrogen, 
and carbon monoxide are taken from recent articles by Bartlett (2); those 
for carbon dioxide from Amagat (1). In order to economize on space all 
the original data are omitted, since they are easily accessible. The value 
of F«, for the 3 to 1 mixture of hydrogen and nitrogen gases was obtained 
from the additive relation, 

i/F« - 4/(3y« of H 2 + of N 2 ) 

The value of for carbon monoxide was read off on the curve 1/F vs. 
log P as described in the previous paper. In the case of carbon dioxide, 
however, the data do not extend sufficiently far to determine the point of 
inflection, as a glance at figure 2 will show. It was therefore found neces¬ 
sary to resort here to the less reliable method already mentioned (3), 
namely, the calculation of F« from the density of the substance in its 
solid state. In the literature it is stated that the density of carbon dioxide 
‘‘glass” is 1.56 at about 194® Absolute. From this value 1/F« was found 
to be approximately 800. 

DISCUSSION OF THE CONSTANCY OF K 

In discussing the constancy of Kin the given equation, 

(Vi - yj/(y - yj « p^ 

it may be pointed out that a change in K of 0.1 per cent produces a devia¬ 
tion of about 0.4 per cent in the calculated volumes or densities of a given 
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gas. Hence, a 2 per cent or 3 per cent change in K would render the equa¬ 
tion useless for interpolation or extrapolation purposes, provided there were 
a definite trend in the K values. If, however, the values of K varied more 
or less alternately to the extent of 2 per cent or 3 per cent, it would merely 
indicate large experimental errors, which might be inherent in the method 
of measurement. Thus the K values for hydrogen gas at 0®C. calculated 
from Amagat’s data vary among themselves to the extent of 1 per cent, 
corresponding to a 4 per cent error in the original measurements; while in 
the K values from Bart'ett’s data, obtained presumably under like condi- 



Fio. 1. P-V-T Relations of Cabbon Monoxide Gas 

tions, the largest deviation is only 0.1 per cent, corresponding to a maxi¬ 
mum experimental deviation of only 0.4 per cent. In other words, Bart¬ 
lett’s results, in this case, appear to be ten times as accurate as the results 
of Amagat, yet each investigator claims the same degree of average accu¬ 
racy, about 0.2 per cent; this is true for Bartlett’s results, but not for those 
of Amagat. In this connection it may be mentioned that the ultimate 
molal volume for hydrogen gas calculated from Amagat’s data is about 16 
cc., while if calculated from Bartlett's data the ultimate molal volume is 
about 16 cc.; this value is used in the present calculation. Furthermore, 
the K values of hydrogen calculated from Bartlett’s data indicate that 
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hydrogen, instead of being an exception as noted in the paper cited (3), 
behaves like all other gases; that is, the average K values for the different 
temperatures are never less than unity. It is also interesting to note that 
the K values increase with the molecular weight of the gas (see figure 3), 
approaching unity at high temperature for the several gases studied. This 
being the case, it follows that K cannot be less than unity, since hydrogen 
is, at present, the lightest of all gases. 

In the case of nitrogen gas the experimental results from both sources 
seem to be of about the same degree of accuracy, namely, 2 per cent to 3 



Fi«. 2. P-V-T Relations of Carbon Dioxide Gas 


per cent. The largest experimental deviations appear in Amagat's data 
for carbon dioxide gas; but the K values for this gas at 0°C. remain fairly 
constant up to the point of liquefaction of the gas, where the curve becomes 
discontinuous. At about 1000 atmospheres pressure the curve merges 
again into the calculated curve where the value of K is only slightly higher 
than the average. It is evident from a glance at the graph that if the data 
extended above 1000 atmospheres pressure the K values would regain their 
former constancy. 

To obtain a comparative view of the experimental deviations for the 
several gases, the values calculated for — 50®C. and for +50®C. seem suffi- 
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cient and representative. These are given in table 2. They were cal¬ 
culated from the equation, 

(dC/C) - (C« - C)/C^{log.P)dK 



Fig. 3. Relation of K and i 


where C denotes the molal density (since the quantity of gas is always 1 
mole, C = 1/F) of the gas at pressure P; C^, the ultimate molal density at 
infinite pressure; and dK, the difference between any value for K and the 
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arithmetic mean of a given series. The above equation is obtained by 
differentiating the original equation for a given pressure. 


TABLE 1 

Summary of the values of K 


T 

Ha 

3Ha:N2 

Na 

CO 

COa 


K„ 

Kr 

Km 

Kr 

Km 

Kr 

Km 

Kr 

Km 

Kr 

degrees 

C. 

-70 

1 

1 004 

fl.002 

\l.006 

1 015 

fl 012 
\1 020 

1 076 1 

1 

fl.049 
\1 102 

1 073 

fl 031 
\1.110 



-50 

1 003 

fl 001 
\l 004 

1 012 

/1 005 
\1 016 

1 065 

fl 042 
\l 079 

1 060 

fl.022 
\1 083 



-25 

1 002 

fl 001 
\1 003 

1 101 

jl 004 
\1 012 

1 048 

f 1 035 
\1 060 

1 042 

fl 015 
\l 060 



0 

1.001 

fl 001 
\1.002 

1 008 

fl.004 
11 009 

1.038 

o o 

1 033 

fl.013 
\l 048 

1 110 

fl 104 
\l 112 

20 

1 001 

f 1 001 

\l 001 



1 033 

fl 026 
\1 040 





25 



1 007 

jl 003 
\l 008 



1.024 

fl.OlO 
\l 038 



50 

1 000 

fl.OOO 
\l 000 

1 005 

fl.002 
\1 005 

1 023 

fl.012 
\1 030 

1 022 

fl.008 
\l 031 



100 

1 000 

fl 000 
\1 000 

1 004 

fl 002 
\l 004 

1 015 

1 

f 1 007 
\l.020 

1.013 

fl.005 
\l 020 



150 







1 008 

fl 001 
\1 012 



200 

1.000 

fO.999 

\l.000 

1 001 

fl.OOO 
\1 001 

1 006 

fl.002 

\1.008 

1.005 

fl.OOO 

\1.008 

1.065 

fl.029 
\1 081 

300 

1.000 

fO.999 

\l.000 

1.000 

fl.OOO 

\l.000 

1.003 

fl 002 
\1 004 





400 

1.000 

fl.OOO 

\0.999 



1.001 

fl.OOO 
11 001 






All the deviations are calculated on the basis of four significant figures in 
the corresponding values for K, since 0.1 per cent variation in if is within 
the probable experimental error mentioned in the original articles cited 
above. 
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In conclusion it may be pointed out that the most concordant data are 
those of hydrogen gas by Bartlett, and the least concordant data are those 
for carbon dioxide gas by Amagat. 

EXPLANATION OF THE TABLES 

In table 1 is given a summary of the constants, where Km denotes the 
arithmetic mean at a given temperature over the pressure range shown in 
column 1, table 2. Under Kr are given the largest and the smallest K 
values, or the range, of a given series. The other headings are self-explana- 


TABLE 2 
Values of (dC/C) 


p 

Ha 

aHa-Ni 

Na 

CO 

COa 


-50*0. 

+50*C. 

-50"C. 

+WC. 

-ao^c 

+ao*c 

-50*C. 

+50“C. 

+198*C 

at- 

mo8- 

pherea 





! 





25 

-fO.0063 


+0.0220 




+0 1053 

+0.0349 


50 

+0.0037 

0.0000 

+0.0186 

+0.0113 


+0 0409 

+0.0649 

+0.0297 


75 

0.0000 


+0.0120 




+0.0114 

+0.0160 


100 

0 0000 

0.0000 

+0.0081 

+0.0086 

+0.0192 

+0.0124 

-0 0346 

+0.0041 

+0.0912 

125 

0.0000 


0.0000 


-0.0114 


-0.0612 

-0.0085 

+0.0524 

150 

-0.0044 


-0.0043 


-0 0489 


-0.0830 

-0.0171 

+0 0398 

200 

-0.0045 

0.0000 

-0.0130 

+0.0046 

-0.0506 

-0.0170 

-0.0985 

-0.0300 

0 0000 

300 

-0.0045 

0.0000 

-0.0170 

0.0000 

-0.0432 

-0.0290 

-0.0710 

-0.0375 

-0.0584 

400 

-0.0088 

0.0000 

-0.0164 

0.0000 

-0.0402 

-0.0279 

-C.0350 

-0.0322 

-0.0637 

500 

-0,0043 


-0.0119 


-0.0058 


-0.0415 

-0.0194 

-0.0489 

600 

-0.0041 

0.0000 

-0.0076 

0.0000 

+0.0220 

-0.0146 

+0.0232 

-0.0112 

-0.0295 

800 

0.0000 

0.0000 

-0.0035 

o.ooooj 

+0 0373 

+0.0034 

+0.0564 

+0.0174 

+0.0236 

1000 

0.0000 

0,0000 

0.0000 

0.0000 

+0.0520 

+0.0094 

+0.0749 

+0.0294 


Av.. 










V«.. 

0,0007200 

0.0008525 

0.001250 

0.001025 

0.001250 


tory. In table 2 are given the calculated deviations and the values for 
of the several gases. The averages at the foot of table 2 were calculated 
without regard to the algebraic signs prefixed to the individual deviations. 
The values for the ultimate mplal volumes are placed at the conclusion of 
table 2. The values for Vi, the molal volumes at 1 atmosphere pressure, 
may be found at the head of the columns marked PV in Bartlett’s (2) 
original tables. 


SUMMARY 

In this paper additional calculations are presented showing the P-V-T 
relations of single and composite gases over the widest temperature and 
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pressure ranges thus far investigated. The P-V-T relations are inter¬ 
preted with the aid of a simple algebraic expression of one constant which 
increases with the increase in the molecular weight of the gas, but which 
approaches unity with increase in temperature for all the gases and their 
mixtures thus far studied. This phenomenon is illustrated arithmetically 
in table 1 and graphically in figure 3 of this article and in figure 5 of the 
previous article. 
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KINETICS OF THE FORMATION OF SULFONIC ACIDS FROM 
DITHIO ACIDS. I 

The Oxidation op Cystine to Cysteic Acid by Thallic Sulfate^ 

PAUL W. PREISLER and DORIS B. PREISLER 

Laboratory of Biological Chemistry, Washington University School of Medicine, 

Saint Louis, Missouri 

Received February 2S, 1934 

The mechanism of the oxidation and reduction reactions of sulfur com¬ 
pounds of the type R—S—S—R and R—SH is of interest because of the 
peculiar chemical reactions of these substances, their widespread occur- 
nmee in biological materials, and their supposed participation in tbe oxida¬ 
tion and reduction systems of the living organism. 

When R—SH and R—S—S—R compounds’are treated with sufficiently 
powerful oxidizing agents, the end product, if the organic radical is not 
attacked, usually is the corresponding sulfonic acid, R— SO3H. The 
direct oxidation pathway might be represented as follows: 

2(R—SH) —R—S—S—R ±0±M_> 2(R—SOH) —(R—SO»H) —R—SOJB 

The existence of the intermediates, R—SOH and R—SO 2 H or their de¬ 
rivatives, for this scries has not been demonstrated by stepwise oxidation 
of such sulfur compounds in aqueous solutions. 

Recent investigations of the reactions of metallic salts with R—S—S—R 
demonstrate the formation of R—SO3H and R—SH according to the fol¬ 
lowing equation 

3R-S-S-R + 3 H 2 O « 6R-SH + R-SOaH 

This reaction appears to be an intramolecular oxidation-reduction driven 
by the removal of R—SH in the following series of hypothetical equilibria: 

R-S-S-R + H 2 O R—SH + R~~SOH 
R~SOH + H 2 O + R-S-S-R 2 R-SII + R-SO^H 
R-SO 2 H + H 2 O + R-S-S-R 2 R-SH + R-SO 3 H 


‘ This research was aided by a grant made by the Rockefeller Foundation to 
Washington University for research in science. 

This paper was presented before the Division of Physical and Inorganic Chemistry 
of the American Chemical Society at the meeting held in Washington, D. C., March, 
1933. 
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The R— SH may be removed by precipitation as a silver salt by Ag+ ( 6 , 
10 ), or as a mercuric salt by Hg+“^ ( 2 ,9), through formation of an unionized 
complex by mercuric halide ions BrHg+ (7), or through a combination 
oxidation and precipitation as a cuprous salt by Cu*^"*" ( 8 ). If the R— SH 
formed in the above reaction with water is not removed but instead is re- 
oxidized to R— S—S —R, there would be a continuous accumulation of 
R— SOaH, which would ultimately appear as a complete conversion of 
R— S—S— R into R—SOaH. 

Since the possibility of isolating and identifying certain of the interme¬ 
diates seems remote, an attempt has been made to obtain information con¬ 
cerning the mechanism of the reaction by kinetic measurements of the oxi¬ 
dation of R—S—S—R to R— SOaH by various oxidizing agents. 

The oxidation of cystine, HOOC • CHNHa • CHaS • SCHa • CHNHa • COOH, 
by thallic sulfate was selected, because with this oxidizing agent the reac¬ 
tion proceeds essentially quantitatively to cysteic acid, HOOC • CHNHa • 
CH 2 SO 3 H and thallous sulfate. Thallic sulfate, further, forms with thal- 
lous sulfate a reversible oxidation-reduction system of known potential or 
oxidizing intensity, so that the results obtained may be useful for compari¬ 
son with the data being obtained for other reversible oxidation-reduction 
systems. 

EXPERIMENTAL 
Preparation of reagents 

Since chloride, bromide, and iodide were found to have unusual catalytic 
effects upon the reaction, special care was exercised in the selection of 
materials and preparation of solutions to insure that these substances 
would not be present in significant quantities. 

Thallic oxide was suspended in 2.000 N sulfuric acid and dissolved by 
warming and concentrating to about 4 N, After proper dilution, the final 
solution was 0.005 gram-atomic in thallic sulfate and 1.000 N in sulfuric 
acid. 

Cystine was prepared by the customary hydrochloric acid hydrolysis of 
hair and purified by several precipitations from sulfuric acid solution by 
sodium carbonate. The purity was checked by nitrogen determinations 
made by West and Brandon ( 11 ). The final solution was 0.01 M in cys¬ 
tine and 1.000 N in sulfuric acid. 

Experimental procedures 

The required amounts of sulfuric acid, water, and thallic sulfate were 
measured into a 250-cc. wide-mouth Pyrex flask which was immersed in a 
thermostat maintained within 0 , 1 ®C. At zero time the cystine solution 
was pipetted into the flask, which was shaken rapidly. 

The reaction was stopped by suddenly adding 1 g. of potassium iodide in 
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25 cc. of water. The excess thallic salt was determined by adding freshly 
prepared starch as indicator, and immediately titrating with 0.01 N so¬ 
dium thiosulfate, drop by drop, in diffuse or artificial light. The color 
change was from a greenish blue, through yellowish green, to the final 
bright yellow suspension of precipitated thallous iodide. Before again 
using the reaction flasks, they were thoroughly cleaned with chromic- 
sulfuric acid mixture. Ten such experiments with different time intervals 
determined the reaction rate constant for the particular conditions. 

Determination of the products of the reaction 

Several typical experiments were made with 60 cc. of 0.005 gram-atomic 
thallic sulfate solution reacting with 5 cc. of 0.01 M cystine solution at 
30°C. The amount of thallic salt reduced (see table 1) approaches a 
maximum of 10 oxidation-reduction equivalents per mole of cystine, which 
suggests the equation 

2HOOC CHNH2 CH2S SCH2 CHNHrCOOH + 4- I 2 H 2 O = 

4HOOC CHNH2 CH2SO3H + 5TI2SO4 4 - IOH2SO4 

Experiments with the related dithiodihydracrylic acid, HOOC-CH 2 - 
01128 * SCH 2 -COOH, gave further indication that R— S—S —R type acids 
are oxidized almost entirely to R— SO 3 H acids. Mixtures of 0.07317 g. 
of this acid as the disodium salt and 20 cc. of 0.174 N thallic perchlorate 
in N perchloric acid were allowed to react for 40 hours at 37®C. The 
Ba( • OOC • CH 2 • CH 2 • SO 3 •) formed was isolated and analyzed according to 
a modification of the procedure previously reported (6). The R— SOsH 
yield was 99 per cent of the theoretical and all except a trace of thallic salt 
was reduced (see table 2). 

RESULTS OF KINETIC EXPERIMENTS 

Mathematical considerations 

The equation of the reaction indicates that 5 gram-atoms of thallic are 
reduced as 1 mole of cystine is oxidized. To permit the use of the less 
complex equations applying to pseudo first-order reactions, the cystine 
concentration was always made sufficiently high so that its initial concen¬ 
tration would change less than 10 per cent during the period of measure¬ 
ment. In calculating the reaction rate constants, only values between 20 
and 80 per cent complete reaction were included and the arithmetical aver¬ 
age of ten determinations, nearly equally spaced with respect to time, 
within this range, was considered sufficiently representative of the reaction 
rate under the particular conditions of the experiment. With but very 
few exceptions, the maximum variation of the constant in a particular 
series of ten values is less than 10 per cent. Table 3 gives the results of a 
typical series of determinations. 
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TABLE 1 

Determination of the maximum number of reducing equivalents of cystine towards 

thallic sulfate 


MINUTKS AT 

ao'c. 

BQUIVALSMTg OF THALLIC 
BITLFATB FUR MOLE OF 
CTSTINB 

MINUTES AT 

25*C. 

EQUIVALENTS OF THALUC 
SULFATE FEB MOLE OF 
CYSTINE 

30 

4.652 

840 


60 

6.464 

840 


120 

8.142 

2400 

9.980 

180 

8.720 

2400 

10.002 

240 

9.242 



300 




480 

9,780 




9.876 




9.994 



1470 

10.012 




TABLE 2 


QuarUity of sulfonic acid produced from dithiodihydracrylic acid by thallic sulfate 


Ba( OOC CHj CH* SOa ) 

ISOLATED 

PER CENT Ba 

gramB 


0.1982 

47.0 

0.2010 

47.0 

0.1992 

47.0 

0.1979 

47.2 

0.1995 

47.1 

Av. =0.1992 

47.1 

Theor. = 0,2015 

47.4 


TABLE 3 

The results of a typical series of determinations 
Temperature, 30°C.; thallic sulfate concentration 0.0005 gram-atomic; sulfuric acid 
concentration, 0.5 N\ cystine concentration, 0.002 M 


MINUTES 

FRACTION OF THALLIC REDUCED 

k 

(PSEUDO FIRST ORDER) 

3 

0.263 

0.102 

4 

0.330 

0.100 

5 

0.418 

0.108 

6 

^ 0.453 

0.101 

7 

0.524 

0.106 

8.5 

0.589 

0.105 

10 

0.650 

0.105 

12 

0.717 

0.105 

14 

0.761 

0.102 

16 


0.101 

Average. 

0.104 
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From the pseudo first-order constant calculated from the disappearance 
of thallic salt, the second-order constant may be calculated by dividing 
by the concentration of cystine. The value so obtained represents the rate 
at which the thallic salt was being reduced, calculating on a gram-atomic 
thallic and a molar cystine basis; the rate of cystine oxidation is only one- 
fifth of this rate. 

The results are summarized in tables 4 through 8. Each experiment 
numbered x is the same as some experiment listed in another table which 
has been inserted twice to preserve unity. Experiments lettered are in¬ 
serted to show special effects of changing several variables. 

TABLE 4 


Effect of the concentration of the reactantj thallic sulfate^ upon the rate of reaction at 

S0°C. 


EXPERIMENT 

INITIAL CONCENTRATIONS 

1 ^ 
(pseudo first 
order) 

K 

NO 

Cystine 

Tl2(SO«)3 

H2S()4 

(second order) 

1 

gram-moles 

0.001 

gram-atoms T1 

0 000125 

gram-&iui valents 

1 0 

0 0151 

15.1 

2 

0 001 

0.0001875 

1 0 

0 0177 

17.7 

3 

0.001 

0 00025 

1 0 

0 0197 

19.7 

4 

0 001 

0 000375 

1 0 

0 0220 

22 0 

5 

0 001 

0.0005 

1.0 

0.0234 

23.4 

6 

0 001 

0 001 

1.0 

0.0233 

23.3 

7 

0 001 

0.002 

1.0 

0 0227 

22 7 

A 

0 001 

0 00025 

0.5 

0.0478 

47.8 

Bx 

0 001 

0 0005 

0.5 

0 0547 

54 7 

C 

0 001 

0.001 

0 5 

0.0564 

56.4 


Thallic concentration effects 

The values of K increase with an increase in thallic concentration until 
0.0005 gram-atomic is reached; then nearly constant values are attained, 
showing that the reaction rate is probably proportional to the thallic 
concentration. 

The oxidation-reduction potential values show similar changes (1), be¬ 
coming less oxidizing as the thallic concentration is decreased below 0.0005 
gram-atomic while keeping the thallic-thallous ratio the same. Whether 
the potential and rate changes are related remains for further work to 
decide. 


Cystine concentration effects 

As th^ concentration of cystine is increased there is a slight decrease in 
K (see table 6). At values above 0.002 molar, K becomes nearly constant, 
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SO that the reaction rate may be considered proportional to the cystine 
concentration. 


TABLE 6 


Effect of the concentration of the reactant, cystine, upon the rate of reaction at S0°C. 


EXPERIMENT 

INITIAL CONCENTRATIONS 

A' 

(pseudo pirst 
order) 

K 

NO. 

Cystine 

Tl2(804)a 

HiSOi 

(second order) 

11 

gram-molea 

0,0006 

gram~atoma T1 

0.0005 

gram-equivcUenta 

1.0 

0.0123 

24.6 

12 

0.00075 

0.0005 

1.0 

0.0169 

22.7 

13x 

0.001 

0.0005 

1.0 

0.0234 

23.4 

14 

0.002 

0.0005 

1.0 

0.0420 

21.0 

16 

0.003 

0.0005 

1.0 

0.0600 

20.0 

16 

0.004 

0.0005 

1.0 

0.0791 

19.8 

17 

0.005 

0.0005 

1.0 

0.097 

19.4 

21x 

0.001 

0.001 

1.0 

0.0233 

23.3 

22 

0.002 

0.001 

1.0 

0.0422 

21.1 

23 

0.003 

0.001 

1.0 

0.0625 

20.8 

24 

0.004 

0.001 

1.0 

0.0807 

20.2 

26 

0.006 

0.001 

1.0 

0.103 

20.6 

D 

0.0005 

0.0005 

0.5 

0.0294 

68.8 

Ex 

0.001 

0.0005 

0.5 

0.0547 

54.7 

F 

0.002 

0.0005 

0.5 

0.104 

62.0 


TABLE 6 

Effect of the concentration of the product, thallous sulfate, upon the rate of reaction at 

SO^C. 


EXPERIMENT 

NO. 

INITIAL CONCENTRATIONS 

K 

(pseudo frst 
order) 

K 

(second 

order) 

Cystine 

TIs(S04)i 

ThSOa 

HsSOi 


gram^molea 

gram-atoma T1 

gram-^itoma T1 

gram-equiva- 

lenta 



31 

0.001 

0.0006 

0.0025 

1.0 

0.0237 

23.7 

31x 

0.001 

0.0006 


1.0 

0.0234 

23.4 

32 

0.001 

0.00025 ^ 

0.0025 

1.0 

0.0204 

20.4 

32x 

0.001 

0.00026 


1.0 

0.0197 

19.7 

33 

0.001 

0.000375 

0.001876 

1.0 

0.0233 

23.3 

33x 

0.001 

0.000375 


1.0 

0.0220 

22.0 

34 

0.001 

0.0005 

0.005 

0.6 

0.0552 

55.2 

34x 

0.001 

0.0005 


0.6 

0.0647 

• 64.7 
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Thallous sulfate coru'entration effects 

The lack of significant change in the ten pseudo first-order constants 
obtained in a particular experiment and the close agreement between the 
values of K (see table 6) for experiments with and without initially added 


TARLE 7 


Effect of the concentration of sulfuric acid upon the rate of reaction at S0°C, 


KXPEKIMKNT NO 

INITIAL rONCKNTKATIONM 

K 

(pbbudo first 
order) 

K 

(second order) 

Cyetine 

Tl2(SO«)i 

HsSO^ 


gram^moles 

gram-atoms T1 

gram-equivalents 



41 

0.001 

0.0005 

0 25 

0.143 

143.0 

42 

0 001 

0.0005 

0 375 

0.0918 

91.8 

44 

0.001 

0.0005 

0.5 

0 0547 

54.7 

44 

0 001 

0 0005 

0.75 

0.0335 

33.5 

45 

0.001 

0 0005 

1 0 

0 0238 

23.8 

m 

0.001 

0 0005 

1 25 

0 0163 

16 3 

47 

0.001 

0 0005 

1.5 

0.0135 

13.5 

48 

0 001 

0 0005 

1 8 

0 0113 

11 3 


TABLE 8 

Effect of temperature on the rale of reaction at different acidities 


EXPERIMENT 

TEMPERATURE 

INITIAL CONCENTRATION 

K 

(pseudo first 
order) 

K 

(second 

order) 

NO 

Cystine 

T1i(S04)3 

Il2SOl 


degrees C 

gram-moles 

gram-atoms T1 

gram- 

equivalents 



1 T 

15 

0 001 

0 0005 

0.25 

0.0171 

17.1 

2 T 

15 

0.001 

0.0005 1 

0.5 

0 00720 

7.20 

3T 

20 

0.001 

0.0005 

0.25 

0.0319 

31.9 

4T 

20 

0.001 

0.0005 

0.5 

0 0137 

13.7 

5T 

20 

0 001 

0 0005 

1 0 

0 00587 

5.87 

6T 

25 

0.001 

0.0005 

0 25 

0.0709 

70.9 

7T 

1 25 

0.001 

0 0005 

0 5 

0 0287 ‘ 

28.7 

8T 

! 25 

0 001 

0 0005 

1 0 

0 0117 

11.7 

9Tx 

30 

1 0.001 

0.0005 1 

0.25 

0.143 

143.0 

10 Tx 

30 

1 0.001 

0.0005 

0.5 

0.0547 

54.7 

11 Tx 

30 

0.001 

0.0005 

1.0 

0.0238 

23.8 

12 T 

35 

0.001 

0.0005 

0.5 

0.100 

100.0 

13 T 

35 

0 001 

0 0005 

1 0 

0 0404 

40.4 


thallous, indicate that thallous concentration and consequently also the 
oxidation-reduction potential of the thallic-thallous system have no appar¬ 
ent eifect on the reaction rate. 
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Sidfuric acid concentration effect 

The reaction rate decreases with an increase in sulfuric acid concentra¬ 
tion (see table 7), No simple relation could be found between the rate and 
several of the usual methods of expressing acidities, and considering that 
cystine has two acidic and two basic ionizations in or near the region of 
acidity used, this is not surprising. 

Temperature effects 

The reaction rates at three acidities were determined (see table 8), and 
the graph of the reciprocal of the absolute temperature plotted against the 
logarithm of K results in three parallel lines whose slope is such that Q 
= 24,900 calories in the Arrhenius equation (3). 

DISCUSSION AND SUMMARY 

The kinetic experiments performed indicate that the rate-controlling 
step in the measured reaction between thallic sulfate and cystine in sulfuric 
acid solution is a second-order reaction. 

The rate of reaction is approximately proportional to the cystine con¬ 
centration and the thallic sulfate concentration and decreases with an in¬ 
crease in the sulfuric acid concentration. The equation for the complete 
reaction is 

2HOOC CHNHrCHaS SCH, CHNH2 COOH + 5TU(SO,)z 4- I 2 H 2 O * 
4 HOOC CHNH 2 .CH 2 SOJ 1 H -h 5 TI 2 SO 4 + IOH 2 SO 4 

and indicates that 5 gram-atoms of thallic are reduced as 1 gram-mole of 
cystine is oxidized. At 30®C. in 1 N sulfuric acid with 0.0005 gram- 
atomic thallic sulfate and 0,001 M cystine, the value of the second-order 
constant for thallic reduction is K^i = 23.3 gram-atoms per minute per 
liter; for cystine oxidation under the same conditions Koy^, = 4.7 moles 
per minute per liter. 

Since several second-order reactions are possible in the series leading 
from R—S—S—R to R—SOaH, the identification of a particular reaction 
is not possible with the data at hand. However, two reactions can be 
eliminated as being involved in the rate-controlling step with thallic salt 
as oxidant: the reaction of R—S—S—R with H 2 O to give R—SH and 
R—SOH, since this would result in the reaction being independent of the 
concentration of the thallic salt; and the oxidation by thallic salt of R—SH 
formed by hydrolysis, since this oxidation would probably not be a simple 
bimolecular reaction. The approximate constancy of K pseudo first order in a 
particular series and the lack of an appreciable effect upon the rate of reac¬ 
tion upon the addition of thallous salt practically eluninates the possibility 
that the rate-controlling step involves a labile, reversible, electromotlvely 
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active oxidation-reduction system (4, 5) composed of intermediate oxida¬ 
tion stages of the sulfur compounds. 

The energy of activation, Q, was found to be 24,200 calories at various 
acidities. 

The oxidation of R—S—S—R to R— SO 3 H by various oxidizing agents 
is being studied in the hope of solving the problem of the mechanism of this 
complex oxidation. 

Tlie authors are indebted to Dr. P, A. Shaffer for his many helpful sug¬ 
gestions and his constant interest in the work. 
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PAUL W. PREISLER and DORIS B. PREISLER 

Laboralory of Biological Chemistryy Washington University School of Medicine^ 
Saint Louisf Missouri 
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During the oxidation of cystine (R—S—S—R—) to cystcic acid (R— 
SO 3 H) by thallic sulfate (1), it was found that whereas high concentra¬ 
tions of iodide could be used to inhibit or stop the reaction, lower 
concentrations caused great acceleration of the rate of reaction. An 
investigation of this interesting and unusual effect of iodide and the effects 
of the other halides has been made to obtain additional information on the 
mechanism of the oxidation of R—S—S—R to R—SOsH. 

CATALYSIS AND INHIBITION BY IODIDE 

The final result of the reaction between cystine and thallic sulfate can be 
represented (1) by the equation, 

2 HOOC CHNH 2 CH 2 S SCH 2 CHNH^ COOH + 5 Th(S 04 )j + I 2 H 2 O - 
4 HOOC CHNH 2 CH 2 SO 3 H -h 5 TI 2 SO 4 -f IOH 2 SO 4 

which apparently holds also for the iodide catalysis. A series of experi¬ 
ments was performed in which 60 cc. of 0.005 gram-atomic thallic sulfate in 
N sulfuric acid and 10 cc. of 0.001 M potassium iodide were allowed to react 
for 1 minute at 27®C. and then 5 cc. of 0.01 M cystine in 1 iV sulfuric acid 
was added. The amount of thallic reduced was as follows: 

Time (in minutes). 0.5 1 2 5 20 90 

Reduction (in equivalents 

per mole of cystine). 8.036 9.900 9.896 9.880 9.984 9.960 

The procedure used in the experiments which follow was identical with 
that used in the preceding paper. The halide solutions were made from 

1 This research was aided by a grant made by the Rockefeller Foundation to 
Washington University for research in science. 

This paper was presented before the Division of Physical and Inorganic Chemistry 
of the American Chemical Society at the meeting held in Washington, D. C., March, 
1933. 
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samples selected for their high purity and absence of significant quantities 
of the other halides. 


Effect of iodide concentration 

When the potassium iodide, thallic sulfate, and sulfuric acid were mixed 
and allowed to interact for various periods of time, and then the cystine 
was added and allowed to react for a particular period of time, the amount 
of thallic reduced was found to decrease slightly with an increase in the first 
time period. This same result was obtained when the reaction took place 
under nitrogen. When cystine, potassium iodide, and sulfuric acid were 
mixed and allowed to stand for varying time periods and then thallic added, 
no difference in the amount of reduction was noted. The latter procedure 
was adopted, althougli the retarding effect cannot be eliminated completely 
even in this manner, since the iodide thallic reaction undoubtedly proceeds 

TABLE 1 

Calculation of a typical experiment 

Reaction mixture: 0.0006 gram-atomic Tl 2 (S() 4 ) 3 , 0.001 A/ cystine, 1.0 ^ H 2 SO 4 , 
and 0 , 000,002 A/ KI. Temperature, 30®C. 


TIMK 

FKACTION 
rRSHBNT AT 
UEGINNIMCI OF 
THE MINUTE 
PERIOD 

TOTAL FRACTION 
REDUCED 

FRACTION OF 
LNCATALYZED 
REACTION IN 
PART MINUTE 

1 

TOTAL 

UNf’ATALYZED 

REACTION 

TOTAL 

KI-CATALY2ED 

REACTION 

tninuiea 

0 

1 

1.000 

0 799 

0 201 

0 022 

0 022 

0.179 

2 

0.612 

0.388 

0.018 

0 040 

0.348 

3 

0.442 

0 558 

0 013 

0 053 

0.505 

4 

0.286 

0.714 

0 010 

0 063 

0.651 

5 

0.100 

0.900 

0 006 

0 069 

0.831 


simultaneously with the positive catalytic reaction; however, when the 
total reaction time is short, the error thus introduced is small. 

The amount of reaction due to the catalytic effect was determined by 
correcting the experimental values for the normal uncatalyzed reaction 
going on at the same time (1). As an example, the corrections made on 
the reaction with 0.000,002 M potassium iodide and 0.0006 gram-atomic 
thallic sulfate are given. 

The fraction of the total reaction which took place in 1 minute was 
calculated. Then the appropriate fraction of the normal reaction taking 
place in the preceding time was subtracted from each experimental value. 
(See table 1). 

The values of ifoBtaiytic listed in table 2 are the arithmetic means of the 
values obtained for 1-minute intervals in the series. They represent the 
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number of oxidizing equivalents of thallic reduced (at the concentrations 
specified) per litcT per minute per mole of iodide initially present. 

The positive catalytic effect of iodide first becomes noticeable at 0.000,- 
000,1 M potassium iodide and increases until a maximum is reached at 
about 0.000,05 ikf, after which the effect diminishes, and at 0.01 M and 
higher the rate becomes even less than when iodide is absent (see table 2). 

Effect of thallic sulfate concentration 

The catalysis depends also upon the ratio of the initial iodide to initial 
thallic concentrations (see table 2). For the three experiments where 
(I‘~)/(Tl+‘^+) = 0.002, the fractions of thallic reduced in a given time 
through catalysis are essentially the same. Similar relationships hold also 
for certain other ratios. 

When the ratio is changed by varying the initial iodide concentration, 
the rate of catalytic reduction increases as the ratio is increased. For the 
higher accelerating concentrations, the effect of the initial thallic concen¬ 
tration becomes less pronounced and the rate is only slightly increased as 
the ratio is increased and appears to be proportional to iodide alone. 

During a particular series of experiments, the ratio of (I'")/(T1'^'^‘'’) 
increases with an increase in time, because of the reduction of the thallic 
to thallous. The catalytic rate remains almost constant. These results 
might be explained on the assumption that the thallic reacts very rapidly 
with iodide to form a quantity of unreactive, slowly dissociating complexes, 
thereby preventing some of the iodide from taking part in the catalytic 
reaction. 


Effect of cystine or thallous sulfate concentration 

Cystine or thallous sulfate concentration changes do not alter the cata¬ 
lytic reduction rate. 


Effect of sulfuric acid concentration 

Increases in the sulfuric acid concentration cause the catalytic reaction 
rate to decrease. For a mixture of 0.0005 gram-atomic thallic, 0.001 M 
cystine, and 0.000,001 M iodide at 30®C., the difference in rate at 0.5 N 
and 1,5 N acid is about 40 per cent. 

Effect of temperature 

The effect of temperature on iodide catalysis was determined by a group 
of experiments at 0.0005 gram-atomic thallic, 0.001 M cystine, in N acid 
with various initial iodide concentrations and temperatures (see table 3). 
Tlie temperature coefficient, Q, is 21,700 calories for that part of the reac¬ 
tion apparently proceeding through iodide catalysis. For the uncatalyzed 
reaction Q = 24,200 calories (1). 



TABLE 2 

Effect of iodide and thallic concentrations 



0.000,5 0.002 79,000 0.2210.31610.3920.492 to. 575 0.6700.7570.842p.930i 
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EFFECTS OF CHLORIDE, BROMIDE, AND FLUORIDE 

The results obtained with chloride or bromide under conditions similar 
to those used with iodide may be briefly summarized. Essentially complete 
and immediate inhibition occurs when the halide-thallic ratio is 2 or greater. 
There is no appreciable accelerating effect. Fluoride shows neither a 
catalytic nor an inhibitory effect. 

Rather unexpected is an enhanced acceleration induced by bromide, and 
to a lesser extent by chloride in the iodide-catalyzed reaction. 


TABLE 3 

Effect of temperature on iodide catalysis 


lODXDB 

CONCBNTBATION 

TBMPBRATURE 

t 

TEMPKBATURB 

T 

l/T 

AVBRAGB K* 

LOGio AVBRAOB 

K* 

mole$ 

0.000,000,5 

degrees C. 

35 

degrees A . 

308 


0.056 

-1.2596 

0.000,001 

35 

308 

0.3247 

0.138 

-0.8601 

0.000,000,5 

30 

303 

0.3300 

0.034 

-1.4685 

0.000,001 

30 

303 

0.3300 

0.081 

-1.0915 

0.000,002 

30 

303 

0.3300 

0.170 

-0.7696 

0.000,005 

30 

303 

0.3300 

0.475 

-0.3233 

0.000,000,5 

25 

298 

0.3366 

0.017 

-1.7696 

0.000,001 

25 

298 

0.3356 

0.044 

-1.3665 

0.000,002 

25 

298 

0.3356 

0.099 

-1.0044 

0.000,005 

25 

298 

0.3356 

0.265 

-0.5768 

0.000,001 

20 

293 

0.3413 

0.022 

-1.6576 

0.000,002 

20 

293 

0.3413 

0.053 

-1.2757 

0.000,005 

20 

293 

0.3413 

0.141 

-0.8508 

0.000,001 

15 

288 

0.3472 

0.012 

-1.9208 

0.000,002 

15 

288 

0.3472 

0 026 

-1.5850 

0.000,006 

15 

288 

0.3472 

0.076 

-1.1192 


* Equivalents of thallic reduced per liter per minute in a solution 0.0005 gram- 
atomic in thallic, 0.001 M in cystine, and 1,0 N in sulfuric acid. 


DI8CUBBION 

The uncatalyzed reduction of thallic sulfate by cystine is a second-order 
reaction (1) and may be represented by if = 23.3 gram-atoms reduced 
(in a gram-atomic thallic solution molar in cystine and normal in sulfuric 
acid) per liter per minute. For the iodide-catalyzed reaction, K becomes 
somewhat greater as the initial iodide is increased and becomes less as the 
initial thallic is increased within certain ranges. 

The value of Kcutaiytic obtained by calculation as described on the basis 
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of initial iodide approximates 80,000 to 100,000 oxidation-equivalents of 
thallic reduced per liter per minute per mole of initially added iodide for 
certain specific conditions. 

The iodide catalysis appears to be a zero-order reaction over a wide range 
of concentrations, when proper allowance is made for the effect of thallic 
concentration on the initial iodide. 

The inhibiting effects of chloride, bromide, and iodide are probably due 
to the formation of complex ions or groups with thallic. The conclusion 
is supported by the effects introduced by thallic changes and also by the 
lack of effect of fluoride, which has little tendency to form complexes with 
thallic. 

The accelerating effect of the halides may be due to the liberation of a 
highly reactive form or compound of the halogen which may react more 
rapidly with cystine. A comparison of the oxidation-reduction potential 
of the thallic-thallous system to those of the halogen-halide ss^tems reveals 
that thallic could liberate the halogens from halides. Bromine alone or in 
the presence of large amounts of bromide oxidizes cystine to cysteic acid 
at an immeasurably fast rate. Shinohara (2) has demonstrated that 
iodine also oxidizes cystine to cysteic acid, but at a relatively slow rate. 
This result makes it appear unlikely that the positive iodide catalysis 
proceeds through the formation of some iodide derivative ordinarily 
present in significant quantity in an acidified potassium iodide solution 
of iodine. 

The study of these unusual catalyses is being continued with various 
R—S—S—R compounds and oxidizing agents. 
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In previous articles (1) the authors have studied polarization phenomena 
by means of a commutator in connection with a potentiometer, also by 
means of a commutator in connection with an oscillograph (2).® Com¬ 
parisons were made of the direct and commutator methods for measuring 
such phenomena. The results of all the earlier work indicate that both 
methods give identical values for electrode potentials when measurements 
are properly made. This is contrary to the findings of most other investi¬ 
gators in this field. It is generally stated that the commutator method 
gives lower values than the direct. The difference between the two is 
attributed to a part of the voltage measured by the direct method being 
used up in driving the current through some kind of a resistance other than 
electrolytic resistance at the surface of the electrode. This resistance is 
commonly referred to as ^transfer resistances^ or ^^surface resistance.s’ 
The existence of such a resistance has been postulated for about one 
hundred years. If a surface resistance exists, then, of course, a part of the 
applied potential, which is the thing measured by the direct method, is 
used up as an drop at the electrode-solution interface, and, naturally, 
the electrodes themselves are not charged to so high a potential. The 
back potential, which is measured by the commutator method, must be 
less, therefore, than the value which the direct method gives by an amount 
equal to the IR drop through the film on the electrode. It is assumed, 
of course, that account is taken of the ordinary IR drop through the 
solution. 

One of the most active supporters of the transfer resistance idea is E. 
Newbery. He has made about fifty thousand observations with the rotat- 

1 The oscillograph used was purchased with a grant from the Faculty Research 
Fund of the University of Michigan, which thus made this work possible. 

* Since the publication of this article, our attention has been called to two articles 
by S. K. Waldorf in which he made use of an amplifier-oscillograph arrangement sim¬ 
ilar to ours in his study of dielectrics (Physics 3 , 1 (1932); J. Franklin Inst. 213 , 605 
(1932)). 
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ing commutator and about two thousand with the cathode ray oscillo¬ 
graph during a period of about twenty years. 

It was shown in earlier papers by the authors that most of the measure¬ 
ments made by a rotating commutator are averages and therefore practi¬ 
cally valueless so far as furnishing information upon the question of transfer 
resistance is concerned. 

Those who defend the transfer resistance idea base their support largely 
upon an instantaneous drop in electrode potential, almost universally 
observed, immediately after the polarizing circuit is opened. AsNewbery 
states in a recent article (3), ^^We will first utilize these curves for a discus¬ 
sion of the nature and properties of the very controversial ^transfer resist¬ 
ance.' The most strikhig feature of each of these curves (he refers here to 
electrode discharge curves obtained with a cathode ray oscillograph) is the 
clear gap which appears between the upper and lower sections. The 
existence of this gap proves conclusively that there is an instantaneous fall 
of potential at the electrode the moment the exciting current is interrupted. 
.... This resistance—transfer resistance—may be measured by observ¬ 
ing the vertical height of the gap in the curves, calculating the correspond¬ 
ing change of e.m.f., and from this, calculating the resistance, the total 
current flowing being known. When this is done, it is found that although 
the gaps in the curves are wider at the higher current densities, the actual 
transfer resistances are lower. In fact, transfer resistance increases rapidly 
as the current density is lowered, and at very low current densities it is 
frequently above 100 ohms per sq. cm." 

In an earlier article (2) the authors have presented results obtained with 
a rotating commutator in coimection with a moving coil oscillograph that 
give no indication of an IR drop, except that due to the IR drop through 
the solution, when the charging circuit is suddenly opened. 

The true nature of the drop in potential which takes place immediately 
after the polarizing circuit is opened could be determined much better if 
the curve representing such a drop could be superimposed upon another 
curve known to be due to an IR drop only; or on one known to be due 
to both an IR drop and the falling off of a true electrode potential. In the 
work to be described such an arrangement was used. 

The desired result was accomplished by the substitution of an electro¬ 
magnetic interrupter in place,of the commutator. The circuits involved 
are represented in figure 1. The portion of the figure within the circle and 
labelled ^‘Drum" represents the face of the rotating film drum. Supported 
in front of the drum are three pairs of bronze brushes, Bri, Br 2 , and Brs. 
The pair of brushes Bri is short-circuited once during each revolution of 
the drum through the contact P®. In a similar manner the pair Bra is 
short-circuited through Pb. The contacts P* and Pb are permanently 
attached to the face of the drum, but contacts Poi, P 02 , etc., are removable 
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and only one is used at a time. The portion of the drum included in the 
angle (p is not covered by the film. When the Bri brushes are short- 
circuited the electromagnet A closes the circuit through the lamp L of the 
oscillograph. Just following this the brushes Brs are short-circuited 
through the contact Pc in some one of the positions 1,2,3, etc. This closes 
the circuit through the electromagnet C, which opens the polarizing circuit 
Ip, In this manner the start of the discharge interval can be located at any 
one of several points throughout the lengtii of the film. After the entire 
length of the film has been exposed the lamp is turned off by means of the 



brushes Br 2 as they make contact at Pb, and thus the circuit through elec¬ 
tromagnet B is closed. 

As described in the previous article (2), the potential to be studied may 
first be measured with a potentiometer, which gives the value by the direct 
method; it is then applied to the grid circuit of the amplifier, and the 
voltage VI adjusted until the plate current as indicated by the ammeter is 
at some value near the upper part of the linear portion of the amplification 
curve. The plate current is then reduced to any desired value by the 
balancing potential Vi, so as to bring the line on any desired part of the 
width of the film. Although potentials of different magnitudes are ap¬ 
plied to the grid circuit of the amplifier, it is possible by means of the 
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variable voltages Vi and 1^2 to cause the same current to pass through the 
oscillograph. Under such conditions the lines on the film which correspond 
to the various potentials are superimposed up to the point where the 
polarizing current is interrupted, and, if the contact Pc is in the same posi¬ 
tion on the drum face, each potential will be interrupted at the same point. 
The relative natures of the various discharging potentials may thus be 
directly determined. 

In order to make a comparison between an /JK drop and depolarization, 
pictures were taken of three types of potentials: (1) single electrode 
potential against its own reference electrode, which is either a pure poten¬ 
tial or a pure potential plus a potential over transfer resistance; (2) single 
electrode potential against the opposite reference electrode, which is a pure 
potential plus the IR drop through the solution and plus an IR drop due to 



Fig. 2. Discharge Curves of Various Types 

A = potential of anode against anode standard; Ai » potential of anode against 
cathode standard; I - potential of anode standard against cathode standard. 


transfer resistance, if any exists; (3) the potential between the reference 
electrodes, which is due only to the IR drop through the solution and any 
transfer resistances at the electrode surfaces. The same electrolysis system 
was used as described in a previous paper; the electrodes were platinized 
platinum and the solution 2 N sulfuric acid. 

In figure 2 are three curves: A shows the drop in potential of the anode 
as measured against the anode standard; Ai shows the drop in potential of 
the anode as measured against the cathode standard, and includes, there¬ 
fore, the IR drop through the solution; and I shows the IR drop through 
the solution only. The point d is the common breaking point for all the 
curves. The line to the left of d is heavy because it is common to all three 
curves. 

It is universally accepted that the potential over a pure resistance should 
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drop instantaneously. Curve /, which pictures such a drop, is not vertical 
as it should be to show an instantaneous drop; this results from a slight 
lag in the vibrating element of the oscillograph. There can be no doubt, 
however, that A does not show any drop due to a resistance, which means 
there could have been no drop due to transfer resistance at the surface of 
the electrode included in the original potential measured by the direct 
method. It is clearly evident, on the other hand, that Ar docs contain a 
drop due to resistance. The original potential of Aj contained all of the 
IR drop shown by /, and from the breaking point, d, the two curves are 
identical for some distance, and evidently would have remained identical 
down to the horizontal portion of I had it not been for a slowing-up of the 
vibrating element as it approached the end of its return swing for curve 7. 
Another way to show that Ai contains the same IR drop as 7, and no more 
or no less, is to measure the vertical distance between A and Ai which is 



Fig. 3. Curves to Show tub Time Lag in the Vibrating Element of the 

Oscillograph 

found at all places to be equal to the total drop in 7. Such a test was 
‘ applied to several sets of curves and always held. To show the magnitude 
of the voltage changes, three constant voltage lines, 1, 2, and 3, were drawn 
across the film. The distance between 1 and 2 or between 2 and 3 is 40 
millivolts. By means of the timing wave, which is for a 120-cyclc current, 
the rate of fall of anode potential may be determined easily. 

To learn something more definite about the lag of the vibrating element, 
a series of discharge curves, over a pure resistance, were taken with the same 
potential applied to the grid but with different balancing potentials so as 
to bring the curves at different positions on the width of the film. These 
curves are shown in figure 3. The contact point. Pc, was inserted in differ¬ 
ent positions so as to cause the break to appear at successive positions 
longitudinally on the film. The first curve was taken at the highest speed 
and the last at the lowest; the speeds are represented by the 120-cycle tim- 
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ing waves at the bottom. These curves show that what is really an instan¬ 
taneous drop is not recorded on the film by a vertical line. 

In figure 4 is shown a series of curves obtained with the same film speed, 
but for different resistances. These all represent potential drops due to 
pure resistances only, and show similar characteristics. The rate of drop 
is the same at the start, but slows up distinctly, and in about the same 
manner, as the element approaches its zero position. From the curves in 
figures 3 and 4 it would be possible to calculate the lag under a given set of 
conditions and apply it as a correction. It is evident from these oscillo¬ 
grams that when a curve produced by this oscillograph is analyzed to 
determine whether it contains a potential due to an drop, this lag of the 
vibrating element and variation of the lag with speed of film and displace¬ 
ment of element must be taken into account. The best way to do this is 



Fig. 4. Potential Drops over a Series of Pure Resistances 

For curve 1, R « 10 ohms; for 2, jB = 15 ohms; for 3, ^ 18 ohms; for 4, B » 

20 ohms; and for 5, B « 30 ohms. 


to superimpose the curves to be stuiiied upon a curve representing a pure 
IR drop. 

For very small currents it is not possible to distinguish between curves 
resulting from electrode depolarization and those caused by IR drop. 
This is evident from the curves in figure 5. These curves were taken for 
potentials above the decomposition point, but the current density was 
only 0.00053 amp. 

The curves for slightly higher potentials are shown in figure 6. When 
the depolarization and IR drop curves are superimposed, it is just possible 
to distinguish between them in the case of the highest potential at the top 
of the film. The drop for h is slightly more rapid at the start than Ki and 
soon reaches a constant value, while Ki continues to drop throughout the 
whole discharge interval. 
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A comparison of various types of discharge potentials at both anode and 
cathode is possible from the curves in figure 7. The current density during 
the photographing of all the curves in this figure was 0.0094 amp. The K 
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Fig. 5. Discharge Curves at Current Density or 0.0005.3 amp. 
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Fig. 6. Discharge Curves at Current Densities op 0.0020 and 0.0026 amp. 



r 

^ /\X\V\ /-\ /\y^ /N/- 


Fig. 7. A Complete Set op Anode and Cathode Discharge Curves por an 
Applied Potential, 2.040 V , only Slightly above the 
Decomposition Point 
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curve shows there was practically no overvoltage at the cathode. The Ki 
and the I curves are practically identical as they should be, since K shows 
no overvoltage; but taken separately one would hesitate to say whether Ki 
represents electrode depolarization or an IR drop. The situation at the 
anode is clear-cut. There is no doubt that A contains no IR drop. Ai is 
definitely made up of the sum of the IR drop in I and the electrode depolari¬ 
zation in A. The curves A and Aj are parallel and the distance between 
them is the IR drop in /. 

The curves in figure 8 are for a current density of 0.017amp., about twice 
that in figure 7. Here again there can be no question about being able to 
distinguish between depolarization and an IR drop, especially if the curves 
are superimposed. There is no indication of an //i drop due to surface 
resistance of any kind at the anode. The S curve contains the depolariza- 



Fig. 8. Discharge Curves for a Current Density of 0.017 amp. 


tion at both the cathode and anode and also the IR drop through the 
solution. 


SUMMARY 

1. An electromagnetic interrupter is described which makes it possible 
to open the charging circuit at any desired time interval after charging is 
started. 

2. With this interrupter and accompanying alterations in the oscillo¬ 
graph it is possible to superiinpose curves representing various types of 
potentials as determined by the direct method, and to interrupt the charg¬ 
ing circuit at the same point on the film for each. 

3. Owing to the lag in the vibrating element, the drop in potential over a 
pure resistance does not appear vertical. 

4. Because of the great lag when the vibrating element has returned 
nearly to its zero point, it is not possible to distinguish between depolariza¬ 
tion and an IR drop when the polarization is less than about 5 millivolts. 
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5. No curves that represent the potential between an electrode and its 
own reference electrode, i.e., that contain no known IR drop, show any 
indication of an IR drop due to surface resistance. 

6. This work substantiates the conclusion arrived at in several earlier 
papers from this laboratory, that there is no transfer or surface resistance 
at platinized platinum electrodes in 2 iV sulfuric acid. 

The junior author wishes to acknowledge his indebtedness to the China 
Foundation for the Promotion of Education and Culture, for the granting 
to him of a fellowship which made it possible for him to continue his re¬ 
search work at the University of Michigan. 
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NEW BOOKS 

Die Alkalichloridelektrolyse in Diaphragmazellen. By G. Angel. 19 x 13 cm.; 126 
pp. Berlin: Verlag Chemie, G. m, b. H., 1933. Price: 12 M. 

In this monograph the author has reexamined the whole basis of the theory of the 
electrolysis of alkali chloride solutions in diaphragm cells. It is shown that when a 
true steady state has been established the current efficiency can be expressed as a 
function of the alkali concentration in the catholyte; the exactness of the relations 
deduced has been tested by numerous experiments with sodium chloride solutions in 
cells of the horizontal diaphragm type. Physical properties of the electrolyte have 
been measured under various conditions, and the density, viscosity, and conductivity 
of both anolyte and catholyte at various temperatures are related to the alkali 
concentration of the catholyte. Comparison of the theoretical relations for potas¬ 
sium and sodium chlorides indicates that, starting with solutions saturated at room 
temperature, the current efficiency in the steady state should be lower in the former 
than in the latter case. This conclusion, which is at variance with previously 
accepted statements, is shown to be borne out by experimental results. 

The theoretical discussions and experimental results constitute an important 
contribution to the study of this complex subject and should prove of considerable 
value in the further development of technical cells and in the control of their opera¬ 
tion. The main conclusions are summarized clearly at the end of each section of the 
book, and the experimental data are set out in numerous tables and graphs. 

H. J. T. Ellinqham. 

Die moderne Atomtheorie. Die bei der Entgegennahme des Nobelpreises 1933 in 
Stockholm gehaltenen Vortrage von W. Heisenberg, E. Schrodinger, and P. A. M. 
Dirac. 22 x 15 cm.; 45 pp. Leipzig: Verlag S. Hirzel, 1934. Price: 2.50 RM. 
This collection of three Nobel lectures on related subjects deals, in succession, 
with the uncertainty principle, with the fundamental conceptions of wave mechanics, 
and with the theory of electrons and positrons. The subjects are dealt with in a broad 
and general way, yet in sufficient detail in each case to bring out the essential fea¬ 
tures. The advantage which every reader obtains from such a book depends on the 
mental background which he brings to it, but all physical chemists who are ac¬ 
quainted with the general notions of generalized coordinates, the quantum theory, 
and experimental physics will find these profound yet clearly written expositions of 
considerable interest, and will gain from them a picture of the broad features of cer¬ 
tain aspects of modern atomic theory. 

• J. R. Partington. 

Pflanzenthermodynamik, By Kurt Stern. 22 x 15.5 cm.; xi -f 412 pp. Berlin: 
Julius Springer, 1933. Price: unbound, 32 RM; bound, 33.20 RM. 

This book is divided into two parts. The first is an exposition of the principles 
of thermodynamics; the second a description of their application to processes occur¬ 
ring in plants. In the former the author^s stated object is to concentrate on those 
parts of the subject with a direct application to plants to the exclusion of those with 
little or no bearing on botany, but it is difficult to see in what respect this object has 
»been achieved. The method of treatment, in fact, appears to be essentially a con- 
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densed version of that of Schottky, Ulich, and Wagner, but brevity has been gained 
only at the expense of lucidity and accuracy. The best feature of the treatment is 
the discussion of the most general physical principles, such as the first and second 
laws of thermodynamics, chemical equilibrium, and osmotic equilibrium. There is 
also a good, if out of place, review of photochemistry, which is not thermodynamics 
at all. The treatment of other topics is less fortunate. For instance, whereas 
emphasis is rightly laid on the distinction between total work and useful work (Nutz- 
arbeit), the difference is not clearly defined. Again the well-known formula ob¬ 
tained for the efficiency of a Carnot cycle is applied to cycles of other types, for 
which its validity has not been demonstrated. This error occurs in almost all 
elementary textbooks, but the present book is not at all elementary. In fact the 
reviewer found it heavier reading than almost any of the most advanced treatises on 
thermodynamics. 

The applications described in the second part of the book are of great interest. It 
is explained that, owing to the great experimental difficulty of obtaining accurate 
thermodynamic data with plant materials, only a low order of accuracy is possible. 
This being the case, surely a briefer and easier treatment would have been adequate 
as well as more attractive. 

To sum up, the book should interest the reader whose chief concern is thermo¬ 
dynamics, by showing the importance of the subject for botany. It is, on the other 
hand, less likely to attract the botanist to a study of thermodynamics than to frighten 
him away from it. 

E. A. Guggenheim. 

The Science of Radiology. Edited by Otto Glaser. 450 pp. Baltimore: Charles C. 

Thomas, 1933. Price: $4.50. 

This collection of twenty-five papers on the various phases of the science of 
radiology is published under the auspices of the American Congress of Radiology and 
the editorship of Dr. Otto Glaser, who also contributes the first tw'o papers on the 
history of the discovery of Roentgen rays and on the discovery of radium. The 
succeeding ten chapters are devoted to x-rays, including one by D. L. Webster on 
Roentgen-ray physics, one by W. D. Coolidge and E. E. Charlton on Roentgen-ray 
tubes, and one on therapy by U. V. Portmann. Several chapters deal with radium 
therapy and technique. Miscellaneous chapters treat Roentgen-ray protection, 
teaching of radiology, and industrial radiology. Leaving therapy entirely, the last 
two chapters comprise one by A. H. Compton on cosmic rays and one by William 
Seifriz on the mitogenic rays which he calls ‘‘Gurwitsch^^ rays. The author is not 
convincing in his defense of the reality of this much questioned type of radiation. 
Quantized energy relations are wholly neglected, though evidently important in 
attempting to decide whether light of ultra-violet wave length may be invoked as a 
cause of the observed phenomena. 

The entire collection is highly creditable to the contributors and to the editor and 
will be indispensable to all who are interested in radiotherapy. 

^ S. C. Lind. 

Electrokinetic Phenomena and their Application to Biology and Medicine, By Harold 

A. Abramson. American Chemical Society Monograph. 15.5 x 23.5 cm.; 331 pp.; 

106 figs. New York: The Chemical Catalog Company, Inc., 1934. Price: $7.50. 

This book will fill a great need in the field of physical chemistry and of its allies, 
biochemistry and biophysics. The reviewer has, for a number of years, been work¬ 
ing in the field of electrokinetics and has acutely felt the need for a monographic 
treatment of the literature, which, until this volume appeared, has been scattered 
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through a great variety of texts and journals, many of which are almost inaccessible 
to the average worker. 

Electrokinetics deals with the electrical behavior of the phase boundary at inter¬ 
faces. The solid-liquid and liquid-liquid interfaces have been most widely studied, 
although unquestionably solid-gas and liquid-gas interfaces show similar phenomena. 
At these interfaces, electrokinetics is concerned with the so-called Helmholtz double 
layer, and should not be confused with the Nernst, or thermodynamic, or membrane 
potential. 

The book opens with an excellent '^HistoricaP^ chapter which adequately covers 
the literature from Reuss (1808) to Helmholtz (1879). This is followed by ^^Early 
theory and related exi)erimcntsP’ where the contributions of Helmholtz, Quincke, 
Wiedemann, Lamb, von Smoluchowski, Perrin, Pellat and others, in building up the 
theory of a rigid double layer are considered. These chapters are followed by others 
on ‘^Early confirmation of theory” and an excellent discussion of “Methods.” A 
discussion of “Recent theory and related experiments,” in which the reviewer was 
delighted to find a thorough treatment of the diffuse layer theory of Gouy and Debye 
and Hiickel, closes the theoretical section. 

Later chapters deal with “Proteins and some related compounds,” “General effect 
of salts on inert surfaces,” “Inorganic surfaces,” “Organic surfaces,” “Gases,” 
“Blood cells, spermatozoa, tissues, etc.,” and “Bacteria, antibodies, viruses, and 
related systems.” An api)endix follows, which includes a key to the mathematical 
symbols used in the formulas, a table of the numerical value of the various constants 
and factors, and a list of patents covering various phases of electrokinetic behavior. 
Author and subject indices close the volume. 

Throughout the book the mathematical treatment is excellent. The author, while 
himself actively doing research in this field, presents impartially his own viewpoint 
and the viewpoints of others. One sometimes even wishes he were not such an 
impartial critic. 

As one glances through the literature references one is impressed with the fact 
that the vast majority date since 1920. Industry, biology, and medicine have all 
profited by the use of electrokinetic technics. They will profit still more as workers 
in this field are multiplied, and this book will be a great assistance to that end. It is 
highly recommended to all who are interested in the solution of the problems of 
interfaces. It should be in all chemical, physical, and biophysical libraries. The 
price will be the only deterrent to its purchase by many individuals. 

Ross Aiken Gortner. 

PhysicO’-chemical Practical Exercises. By W. N. Rae and Joseph Reilly. 19 x 13 

cm.; xiv 4- 276 pp. London: Methuen and Co., 1934. Price: 7s. 6d. 

The authors of the well-known book, “Physico-chemical Methods,” now in its 
second edition, which is so useful to the advanced worker for reference, have here 
given us a much smaller volume, intended for students working for an honors degree 
in chemistry. 

The book begins with a mathematical consideration of error, nomography, and 
calibration of apparatus. Important as this is, it would have been better, in the 
reviewer's opinion, to have placed this section at the end of the book. The student 
beginning work on physical chemistry is too apt to concentrate on the elimination of 
small errors and unknowingly introduce larger ones. 

The experiments described, seventy-three in all, are many of them usual in such 
textbooks; there are, however, interesting additions, e.g., in surface tension, Jaeger's 
method, viscosity by the falling sphere, Rast and Menzies' methods in determination 
of molecular weight, and the use of the glass electrode and valve electrometer. On 
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the other hand, exercises not usually found in an elementary textbook are described: 
e.g., measurement of gas viscosity, vapor pressures, heat conductivity of gases, and 
the Nemst calorimeter. 

Theory is introduced where necessary. There are seventy-four diagrams in the 
text, some of which might be improved, e.g., the Pulfrich refractometer, capillary 
electrometer etc. 

The student who has the time in his degree course to work through all these experi¬ 
ments will have laid an excellent foundation for a study of physical chemistry and 
the book, at its reasonable price, can be strongly recommended. 

W. H. Patterson. 

Kristallchemie. By 0. Hassel. (Band 23 of Wissenschaftliche Forschungsberichte, 

Naturwissenschaftliche Reihe. 22 x 16 cm.; vii + 114 pp. Dresden and Leipzic: 

Steinkopff, 1934. Price': unbound, 9 RM; bound, 10 RM. 

Until a year or so ago many of the existing treatises on x-rays and their applica¬ 
tions to crystal physics and chemistry were rather out of date, and some of the 
latest views were only to be found in isolated papers. New editions of well-known 
works have now appeared, and in addition we have before us a small book by Dr. 
Hassel dealing with what is generally referred to in English as chemical crystal¬ 
lography. Dr. HassePs own researches on codrdination compounds are his passport 
to this field, and in Kristallchemie he has given a lucid account of the laws that may 
be deduced from crystal structure determinations by means of x-rays. 

W. L. Bragg was the first to deduce approximate atomic radii from crystal-struc¬ 
ture determinations and this has been followed in later years by the elaborations of 
Goldschmidt, Pauling, and Zachariasen. Using the figures for atomic size, and 
electrostatic energy considerations, Pauling has also deduced a set of rules of great 
importance in structure determination. Dr. HassePs book deals with all these 
points, and with many more, of which the crystal chemistry of the silicates and of 
the intermetallic compounds may be mentioned. 

The treatment throughout is simple and avoids all reference to the various techni¬ 
cal methods of obtaining results. In this respect it is particularly valuable to physi¬ 
cal chemists, particularly at a time when questions of atomic binding are receiving 
so much attention. It is a book to be read side by side with Sidgwick’s Covalent Link. 
There are few illustrations, which is perhaps a pity, but this consideration was no 
doubt dictated by the fact that the book is one of a series. 


J. T. Randall. 
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INTRODUCTION 

While much of the data in this article is of a qualitative nature, the 
authors thought that the material was of sufficient interest to be published. 

The importance of pressure as affecting chemical equilibrium has long 
been recognized, and many equilibrium conditions can be calculated to a 
high degree of accuracy. In many cases it is experiment all j’’ impossible to 
obtain the calculated conditions necessary for equilibrium. Such a case is 
that of the reaction of acids on zinc. The electrical potential exhibited by 
the zinc electrode as compared with that of hydrogen is a measure of the 
tendency of the reaction H 2 S 04 +Zn —> ZnS 04 +H 2 to proceed in the direc¬ 
tion indicated. 

In order to calculate the pressure necessary to bring this reaction to 
equilibrium: 


E 


RT 

NF 


In K > 


0.05915 

n'~ 


log K 


E « 0.7581 


1/2 Zn + H+ * 1/2 H 2 -f 1/2 Zn^+ 

a7yJ Pfl ^ 

0.7581 « 0.05915 log K - 0.05915 log — - ~ 

OH 

from which we find that 


If we have a solution containing zinc and hydrogen ions at unit activity 
and immerse in it a strip of pure zinc, it may be calculated from this value 
of the equilibrium constant that a pressure of 2.53 X 10*® atmospheres 
would be required to establish equilibrium. 

The activity of the hydrogen ion has been studied as a function of hy¬ 
drogen pressure by Hainsworth, Rowley, and Macinnes (3), and found to 
decrease by only 0.4 per cent at 500 atmospheres and 8.8 per cent at 1000 
atmospheres. 

The purpose of this investigation was to study the abnormal decrease in 
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the rate of reaction of acids on zinc reported by V. N. Ipatiev and his co¬ 
workers (4, 6) and also studied by F. E. Brown (2). Ipatiev and his co¬ 
workers reported that the velocity of this reaction is reduced to a small 
per cent of its normal value at pressures as low as 50 atmospheres and that 
equilibrium conditions are reached at less than 1000 atmospheres. A re¬ 
versal of the reaction in some cases is reported. 

APPARATUS AND PROCEDURE 

A series of experiments was run by the authors in which the pressure 
measured was built up by the hydrogen evolved during the reaction. For 



these experiments sticks of pure zinc, F, were placed in a very thin bottom 
glass container A (figure ij, the remaining space being filled with water. 
The top was then sealed with wax to prevent the acid from coming in con¬ 
tact with the zinc until it was desired to start the reaction. The glass 
container thus filled with zinc and water was supported on a shoulder in 
in the upper portion of the pressure bomb. The pressure bomb was lined 
with an acid-proof wax and filled with 6 N sulfuric acid. Two copper 
tubes were sealed through the cap, one of which led to a pressure gauge and 
the other to a hydraulic pump. The pressure could be released by means 
of a valve at E. 
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All of the copper tubing and the pressure gauge was filled with oil, leav¬ 
ing very little free space in the pressure system. After all materials had 
been placed in the bomb and the cap screwed in place, the zinc was brought 
into contact with the acid by jarring the bomb against a steel block, thus 
causing the zinc sticks to break through the thin bottom of the glass con¬ 
tainer. The pressure was read at intervals of half a minute. This as¬ 
sembly of apparatus permitted the reacting materials to be shaken at fre¬ 
quent intervals. The surface of the zinc sticks was scraped and rinsed 
with ether to remove all traces of dirt and grease. 


1 



The pressure gauge employed in these experiments had a range of only 
350 atmospheres. For the purpose of making the measurements at higher 
pressures a much heavier pressure boipb (figure 2), was constructed, which 
had an inside diameter of 15 mm. and a capacity of 17 cc. Leaking was 
prevented by placing a close fitting rubber stopper, K, in the cylinder 
ahead of the piston B. The curvature of the top of the piston and the bottom 
of the cylinder are sections of spheres having a common center for convenience 
in lining the cylinder up in the press. The blocks H and G rest directly 
in contact with the platens of the hydraulic press. The pressure on the 
reaction was determined as described in another article by one of 
the authors (6). For these experiments the zinc, E, was sealed in a glass 
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capstde, F, in order to prevent it from coming in contact with the acid until 
the assembly was completed. The acid, together with the capsule con¬ 
taining the zinc, was placed in a short rubber cup, C, which was stoppered 
and placed in the pressure cylinder. 

The remaining free space was filled with a light paraffin oil. The glass 
capsules containing the zinc were broken at from 8000 to 12,000 atmos¬ 
pheres pressure. The zinc sticks which had been previously weighed were 
allowed to remain in contact with the acid for 30 minutes at 20®C. They 
were then removed as rapidly as possible, washed free from acid, dried, and 



Fio. 3. Prebscre Cylinder 


again weighed. The lose in weight could be thus determined for various 
pressures. 

Attempts were made to measure the e. h. f. of a cell composed of the zinc 
and hydrogen electrodes in normal sulfuric acid. In order to do this it 
was necessary to construct a pressure cylinder in such a way that an elec¬ 
trode could be insulated through the wall of the cylinder and yet withstand 
the high pressures without leaking. For this purpose the pressure cylinder 
and cell assembly shown in figure 3 were constructed. The zinc electrode, 
Q, was made in the form of a cup into which the sulfuric acid was placed. 
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The platinized platinum electrode, P, was surrounded by a glass apron, 
0 to prevent contact with the zinc electrode. It was held in place by a 
rubber stopper, N, inserted in the top of the zinc cup. A mica tube, R, 
prevented the zinc from coming in contact with the cylinder wall. The 
free space in the pressure cylinder was filled with a light paraffin oil and the 
pressure developed and measured as with the previous cylinder. This 
cylinder was equipped with a water jacket for temperature control. Water 
from a thermostat was circulated through the water jacket and the platens 
of the hydraulic press. 


EXPERIMENTAL RESULTS 

In the experiments where the evolved hydrogen was allowed to build up 
the pressuie, about twenty minutes was required for pressures of 350 at- 
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Fig. 4. Time-Pressure Curves 

mospheres to be developed. A few typical pressure-time curves are shown 
in figure 4. In experiment No. 16 the initial conditions were made as 
nearly identical with those of No. 15 as possible. However, instead of 
allowing the reaction to take place under its own gradually increasing 
pressure, the pressure of the system was regulated as follows by means of 
an oil pump. The reaction was started at 34 atmospheres and the hydro¬ 
gen allowed to build the pressure up to 68 atmospheres, at which time the 
pressure was raised by means of the pump to 163 atmospheres. The 
evolved hydrogen was then allowed to build the pressure up to 202 atmos¬ 
pheres. The pressure was then released to 34 atmospheres and allowed to 
build up to 116 atmospheres. The experiment was then discontinued 
after having extended over the same length of time as No. 15. 
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The reaction in the next pressure cylinder employed was followed by 
means of the loss in weight of the piece of zinc during the time it was in 
contact with the acid. The pieces of zinc were all 6 mm. in diameter and 
25 mm. in length so as to expose the same surface to the acid. In all 
cases where the pressure was not higher than 8000 atmospheres the loss in 
weight of the zinc was from 0.5 to 1.0 g. These experiments were run at 
pressures of from 300 to 8000 atmospheres, and the loss in weight was found 
to be independent of the pressure. However, if the pressure was main¬ 
tained at above 9000 atmospheres, the loss in weight of the zinc was never 
more than 0.02 g. 

The assembly shown in figure 3 was then constructed and e.m.f. deter¬ 
minations were attempted, but with little success, particularly at the higher 
pressures as the results fluctuated over a large range. However, the quali- 



Fig. 5. Reversal of Current at Constant Pressure Following a Pressure 

Change 

tative results proved to be very interesting. Since e.m.f. measurements 
were so unreliable, a galvanometer was substituted for the potentiometer. 
The pressure was then varied between 1 and 30,000 atmospheres. Be¬ 
tween 8000 and 9000 atmospheres a marked increase in current was 
noticed, particularly if the pressure was raised rapidly. The current again 
returned to its normal value if the pressure was held constant at its new 
value. Above 9000 atmospheres the value of the current dropped almost 
to zero in those cases in which only a short time elapsed between the as¬ 
sembling of the cell and the attainment of this pressure. The value of the 
current remained at this low value as long as the pressure was maintained 
above 8900 atmospheres. 

In cases where several minutes passed before a pressure of 9000 atmos¬ 
pheres was reached, the current dropped to zero and reversed direction, 
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and a small current was built up in the opposite direction. In such cases 
the original direction of the current was obtained by dropping the pressure 
to below 8400 atmospheres and was again reversed by raising it to above 
8900 atmospheres. In one case the direction of the current was reversed 
nine times. Figure 5 shows the change in current following a change in 
pressure. The segments in this figure are numbered in the order in which 
they were obtained experimentally, and each segment represents the change 
in current at constant pressure but immediately following a pressure 
change. For instance, the pressure was built up to over 13,000 atmos¬ 
pheres, at which time the current changed as indicated by segment one; 
then the pressure was released to a little over 8000 and the current changed 
as indicated by segment two and so on. The pressure changes in each 
case were made rapidly from the pressure represented by the position of 
the previous segment of the curve. These measurements were made at 
20°C. 

The pressure at which reversal takes place depends upon the tempera¬ 
ture. The reversal of current takes place at 7000 atmospheres if the 
temperature is 5°C. 

In all cases following a reversal of current the odor of hydrogen sulfide 
was distinctly noticed upon opening the cylinder, but in cases where no 
reversal had occurred hydrogen sulfide was not detected. 

No reversal was obtained if bright platinum was used instead of plati¬ 
nized platinum for the hydrogen electrode. Moreover, no reversal was ob¬ 
tained with either type of electrode if hydrochloric acid was used instead 
of sulfuric acid. 


DISCUSSION OF RESULTS 

At low pressure the evolution of hydrogen from the surface of a metal 
during the action of an acid upon it keeps the surface freed from material 
that would tend to prevent the acid from coming into contact with the 
metal surface and at the same time keeps the acid stirred. 

If this same reaction is carried out under pressure, the hydrogen is al¬ 
most, if not completely, dissolved in the acid as fast as it is formed and there 
are at most only a very few small bubbles produced. Therefore, little or 
no circulation occurs. It was found that a very slight trace of grease on 
the surface of the zinc, such as would be produced by handling with appar¬ 
ently clean hands, would cause a very marked retarding of the speed of 
reaction when the system was under pressure. The nonnal reactivity 
could be restored by washing the zinc in ether. Another effect directly 
due to lack of stirring is that of local decrease in acid concentration and in 
increase in salt concentration at the surface of the metal. The decided 
decrease in the slopes of the curves of figure 4 as the reaction proceeds are 
due largely to the change in concentration of the acid rather than to any 
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effect due directly to pressure. This is apparent from the curves for ex¬ 
periment No. 16 as shown in figure 4. If the velocity of the reaction were 
affected by pressure, the three segments of curve 16 should be parallel to 
those portions of number 15 corresponding to the same pressure, but since 
they are parallel to those portions corresponding to the same time position, 
it is apparent that pressures up to 350 atmospheres have little effect upon 
the reaction of sulfuric acid on zinc. 

Ipatiev and his coworkers report that in some cases 122 days were re¬ 
quired for the zinc-sulfuric acid system to build up a pressure of 350 at¬ 
mospheres. That pressure was obtained by the authors with the same 
reactants within twenty minutes. The difference is likely, owing to the 
fact that the authors were able to fill all of the space in the container with 
liquid and that the surface of the zinc in the experiments herein described 
was free from all traces of grease, whereas Ipatiev took no such precau¬ 
tions. The authors were also able to shake the reacting materials at fre¬ 
quent intervals. 

It was desired to investigate the effect of higher pressure upon the action 
of sulfuric acid in zinc, since no marked effects directly due to pressure had 
been observed up to 350 atmospheres. 

The method of allowing the reaction products to build up the pressure 
does not lend itself to very accurate measurements, particularly when the 
pressure changes are large, because of the considerable time involved, the 
accompanying changes in concentration, and the change in volume of the 
system when the metal goes into solution in the form of its salt (5). Other 
factors are the penetration of hydrogen through the steel (1) and the com¬ 
pressibility of the heterogeneous system at high pressure. An attempt to 
correct for all of these factors would not lead to dependable results. 

A more dependable method is that of measuring the decrease in weight of 
a piece of zinc of definite size and shape under controlled conditions. 

While the activity of the hydrogen ion is reduced by 8.8 per cent at 1000 
atmospheres of hydrogen pressure it might be supposed that the above 
reaction would be correspondingly slowed down; however, this decrease in 
activity is not a direct result of pressure, but is due to the solubility of 
hydrogen at that pressure, a condition which cannot be accomplished until 
after the reaction has proceeded for considerable time. 

It is of interest that it is impossible under these conditions to acquire 
a higher concentration of dissolved hydrogen than that acquired at about 
9000 atmospheres, because at that pressure hydrogen readily passes through 
the walls of a steel container. 

The loss in weight of 0.02 g. or less for cases where the pressure was 
maintained above 9000 atmospheres can be accounted for by the time re¬ 
quired to remove the zinc from the acid after releasing the pressure. The 
reason for the sudden decrease in the reaction at 9000 atmospheres is fairly 
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•clear; at this pressure little or no loss in weight of zinc would be expected, 
since at pressures above 9000 atmospheres at 20®C. the solution solidifies, 
owing to the formation of ice VI, thus preventing the migration of the acid 
to the surface of the zinc. 

The irregularity of the potential of the zinc-hydrogen cell is probably 
due to the irregularity of local concentration conditions around the elec¬ 
trode and the reduction of sulfuric acid to hydrogen sulfide at the plati¬ 
nized platinum electrode. This is indicated by the strong odor of hydrogen 
sulfide when the cells are opened. It also accounts for the reversal of the 
current at pressures above that necessary for the formation of ice VI. 
The fact that no reversal occurs when a bright platinum electrode is used 
or when hydrochloric acid is used instead of sulfuric acid also indicates 
that the reaction 4Hj -t- H 2 SO 4 —> H*S -f 4 H 2 O takes place at the surface 
of the platinized platinum electrode. The reaction is catalyzed by the 
platinized platinum and the high pressure. Because of the smaller volume 
of the products of this reaction it would be favored by pressure. The for¬ 
mation of hydrogen sulfide probably would not account for the reversal 
of polarity if it were not for the fact that the formation of hydrogen is 
practically stopped by the solidification of the acid solution. 

As the pressure is quickly raised past that necessary for the formation 
of ice VI an increase in temperature occurs, owing to the change in volume. 
This would account for the sudden increase in current occurring at that 
pressure. Upon standing for a few minutes this heat energy is conducted 
through the cylinder walls and the solution solidifies owing to the formation 
of ice VI, whereupon the current drops to its low value. Further evidence 
that the acid solution is solidifying is the fact that the current is reversed 
by a pressure of 7000 atmospheres if a temperature of 5®C. is employed. A 
relatively large change in volume takes place within the same pressure 
range as the reversal of current, for further proof of the formation of a 
solid modification. These two pressures approximate those found by 
Bridgman for the formation of ice VI at the corresponding temperature. 

SUMMARY 

The velocity of the reaction Zn -f- HsS 04 —* ZnSO* -1- is affected 
very little by pressure up to 8900 atmospheres. Between that pressure 
and 30,000 atmospheres very little reaction occurs, probably owing to the 
inability of the acid to migrate to the surface of the zinc and to local con¬ 
centration effects. An electric cell having zinc and hydrogen electrodes 
has its polarity reversed by a pressure sufficient to form ice VI. At a 
pressure of 8900 atmospheres at 20®C. in the presence of platinized plati¬ 
num the reaction 4 H 2 + H 2 SO 4 —> HjS + HjO is predominant so long as 
a hydrogen concentration remains. 
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In an earlier paper by one of the authors (5), the effect of temperature on 
the viscosity of mixtures of pyridine and acetic acid was reported. In this 
work it was found that this system showed a sharp maximum viscosity in 
the neighborhood of 80 mole per cent acetic acid, the maximum persisting 
at this same composition for temperatures as high as 80®C. 

In a more recent paper by the present authors (6), the melting point- 
composition relations of this system were reported. The melting point- 
composition diagram shows evidence of the existence of two eutectic mix¬ 
tures and two complexes. One complex, showing 50 mole per cent acetic 
acid, had a melting point of — 48®C. The second complex had a composi¬ 
tion between 80 and 85 mole per cent acetic acid, with an incongruent melt¬ 
ing point above — 43*^C. The first of these complexes is in no way shown 
by the viscosity-composition curves for this system. The second complex 
occurs at a composition in the neighborhood of the mixture having maxi¬ 
mum viscosity. 

In view of this lack of agreement between the melting point and viscosity 
data for this system, we have measured the electrical conductance over the 
entire range of composition for this system, to determine if this property 
is related to either of the properties previously reported. 

The value of conductance measurements as a criterion for complex for¬ 
mation has been discussed by Kendall and Booge (1). They state that a 
maximum conductance always occurs in the vicinity of that composition 
corresponding to an unstable complex compound. Sakhanov (3) has also 
used conductance data as a means of identifying complexes existing in 
various systems. 

Conductance measurements have been made on this system by Trifonov 
and Cherbov (7) and by Sakhanov (4). Neither Trifonov and Cherbov's 
nor Sakhanov's data extend completely over the entire range of compo¬ 
sition. 


APPARATUS 

Conductance measurements were made with the usual Wheatstone 
bridge assembly, supplied with alternating current at 1000 cycles per 
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second. The ear phones were tuned to the same frequency. The accu¬ 
racy of the slide wire and resistances was checked by balancing resistances 
against each other. A cylindrical conductivity cell with freshly platinized 
platinum electrodes was used for all measurements. 


TABLE 1 


The specific conductance of pyridine and acetic acid mixtures 


ACBTIC ACID j 


SPBCinC CONOUCTANCB X 10’ 



At 0*0. 1 

At 9 9“C. 

At 19.9*0 

At 29.9*C. 

At 40 1*C. 

mole per cent 

0.000 



0 0014 

■■ 

■I 

12.247 



0.0049 

BB 

Bslfl 

25 033 


0.0163 

0.0200 

BBI 


37.414 



0.0652 

mSBm 


49 678 

0.1781 

0.2295 1 

0.2863 

BIH 

0.3946 

55.220 

0 3989 


0.6114 

mBm 

0.8169 

59.821 


0 9777 j 

1 1784 

1.3659 

1.5443 

64.990 

1.3567 

1 7229 

2 0799 


2.7034 

69.929 

2.0486 

2.6645 

3 2647 

3 8336 

4 3376 

73.948 

2.6051 

3.4749 

4.3401 

5.1716 

5.9117 

74.910 

2.6549 

3.5500 

4.4440 

5.3075 

6.0935 

76.877 

2 8373 

3.8440 

4 8543 

5.8382 

6.7132 

77.532 

2 8816 

3 9066 

4.9499 

5.9482 

6.8794 

78.883 

2.9731 

4 0611 

5 1759 

6 2468 

7.3942 

79.490 

2 9948 

4 1030 

5.2383 

6 3422 

7.3530 

79.924 

3.0134 

4.1361 

5.3060 

6.4160 

7.4508 

80.081 

3 0230 

4 1524 

5 3174 

6.4462 

7.4962 

80.991 

3.0542 

4.2158 

5.4108 

6 5817 

7.6672 

82.015 

3.0643 

4.2415 

5.4636 

6.6647 

7 7802 

82.980 

3.0613 

4 2420 

5 4831 

6.7071 

7.8546 

83.903 

3.0517 

4 2381 

5.4612 

6.6744 

7.8131 

84.782 

3.0205 

4.230S 

5.4548 

6.6949 

7.8580 

85.916 

2.9600 

4.1181 

5.3405 

6.5502 

7.7088 

87.599 

2.8200 

3.9066 

5.0625 

6.2048 

7.2892 

89.880 

2.5089 

3 4458 

4.4552 

5.4733 

6.4327 

91 225 

2.2263 

3.0467 

3.9190 

4.7933 

5.6421 

93 848 

1.4791 

1 9928 

2.5335 

3.0720 

3.5845 

97.356 

100 000 



0.4706 

0.0853 

0 5715 
0.0746 

0.6793 

0.0774 


MATERIALS 

The pyridine and acetic acid used in these measurements were purified 
in the manner described in our previous paper (6). Conductivity water 
was prepared by redistillation of distilled water from acid potassium 
permanganate. A standard brand of c.p. potassium chloride, recrystal¬ 
lized from conductivity water and dried at 110®C. for twelve hours, was 
used for determining the cell constant. 
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METHOD 

Mixtures covering the entire range of composition were made up by 
weight, with compositions expressed in mole per cent acetic acid. 

The constancy of the cell characteristics was frequently checked during 
the conductance measurements. The cell plates were kept shorted at all 
times except while actual measurements were in progress, as recommended 
by Morgan and Lammert (2). 

All bridge readings were taken as near the center of the bridge as possible. 



Fig. 1. Specific Conductance Isotherms for Pyridine-Acetic Acid 

Mixtures 

Conductance measurements were made at 0, 9.9, 19.9, 29.9, and 40.1®C. 
These temperatures were maintained constant to within =t0.1®C. 

EXPERIMENTAL RESULTS 

Table 1 and figure 1 show the specific conductance of mixtures of pyridine 
and acetic acid over the entire range of composition for temperatures from 
0®C. to 40,1®C. at approximately ten-degree intervals. The readings 
recorded are the average of several separate readings. 

The specific conductance changes slightly, but regularly, with composi- 
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tion up to 50 mole per cent acetic acid. Above this composition, the 
specific conductance increases rapidly, reaching a pronounced maximum 
at about 83 mole per cent acetic acid. Beyond this concentration, the 
conductance drops rapidly to the low value for pure acetic acid. The 
position of the maximum remaios practically constant over the temperature 
range investigated. The maximum is sharper at the higher temperatures. 

There is no evidence of any irregularity in the specific conductance of 
this system at 50 mole per cent acetic acid, at which composition the melt¬ 
ing point diagram indicates the existence of a complex. The sharp maxi¬ 
mum in the conductance curve at 83 mole per cent acetic acid indicates, as 
do the viscosity and fusion point data, a complex of composition between 
80 and 85 mole per cent acetic acid. 

STTMBfABY 

The specific conductance of mixtures of psrridine and acetic acid has been 
measured over the entire range of composition. 

The conductance data shows a single maximum at 83 mole per cent 
acetic acid, indicating a complex of this composition. This agrees with 
the viscosity data and in part with the melting point data for this system. 

No evidence was obtained which would indicate the existence of a 
complex at 50 mole per cent acetic acid, as shown by the melting point 
data for this system. 
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The manner in which diffusible ions will be found to be distributed at 
equilibrium on the two sides of a membrane, on one side of which there 
exists a colloid electrolyte (one ion non-diffusible), has been placed on a 
theoretical foundation by Donnan (5, 6, 7), and the theory has been con¬ 
firmed by him and by others in numerous experiments. Donnan’s theory 
goes further, however, and predicts that the equilibrium osmotic pressure 
shown by such a system should be proportional to the difference between 
the total moles of diffusible ions inside and outside the membrane, modified 
by any osmotic effect arising from the colloid micellae. 

For example, in a system containing only hydrochloric acid and arabic 
acid, HAr, w^here the colloid is contained inside of a membrane which is 
permeable to H+ and Cl“ ions but not permeable to the arabate ion or to 
the arabic acid molecule, at equilibrium the diffusible ions will be dis¬ 
tributed in such a manner that 



[H+li ■ [Cl-]. = 

[H+j. • [Cl-]o 

and 




[H+l. 

[C1-], 


[H+]. 

[CI-]i 

Also, 




[H+], - 

[C1-], 

but 




[H+]. > 



(Here [H], [Cl] etc. must signify activities of the respective ions, but will be 
very nearly equal to their concentrations when very dilute solutions are 
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employed.) These relationships have been experimentally shown to exist. 
The Donnan theory postulates, in addition, that the osmotic pressure which 
the solution inside the membrane will show, when in equilibrium with the 
solution outside, will be defined by the expression 

t^RT [([H+]i + [Cl-h + 2 [Micellae]) - ([H+l. -f [Cl-]o)] 

This relationship, of course, would hold if the membrane were imper¬ 
meable to all the dissolved substances but permeable to water. However, 
when the only restraining force acting to prevent movement of the diffusi¬ 
ble ions across the membrane is the electrostatic attraction which has 
caused their unequal distribution, as in the example given, experiments, 
from time to time, have indicated that there exists a difference between 
the observed osmotic pressure and that calculated on the basis of the 
Donnan theory. 

In fact, Donnan and Harris (8) and Bayliss (2) found for solutions of 
Congo red that the observed osmotic pressure was only 87 to 94 per cent 
of that calculated on the assumption of a molecularly dispersed but union¬ 
ized state of the dye. Donnan assumed the formation of aggregates of 
dye molecules to explain this discrepancy between observed and calculated 
osmotic pressures. Zsigmondy (15) measured, in addition, the conduc¬ 
tivity of the colloid solution and concluded that the relationship existing 
between conductivity and osmotic properties, even with the assumption of 
the formation of a large colloidal ion, could not be explained on the basis 
of the older theories. He postulated that the discrepancy arises as a result 
of interionic forces in the manner pictured by the Debye-Htickel theory. 

Loeb (11) studied the osmotic pressures of solutions of various proteins 
and found that the difference in concentration in crystalloid ions on the 
two sides of the membrane, at equilibrium set up as a result of the Donnan 
phenomena, could account completely for the osmotic pressure shown by a 
solution of casein chloride (12). In this case the colloid micelle was appar¬ 
ently so large that it exerted no measurable osmotic pressure itself. With 
gelatin cliloride Loeb found that the osmotic pressure observed did not 
coincide with that calculated from the difference in ionic concentrations, 
although it varied in much the same manner with change in pH of the 
system. Loeb believed that the osmotic properties of protein solutions 
were completely defined by the Donnan hypothesis. 

More recently Rona and Weber (13) have measured the activities of the 
diffusible ions and the osmotic pressure at equilibrium in the system, 
myogen chloride + HCl. They found the ratio [H+]</[H+]o to be equal 
to the ratio [Cl~]o/[Cl~]<, but found deviations between observed and 
calculated osmotic pressures similar to those which Loeb foimd with 
gelatin solutions. At low concentrations of hydrochloric acid (near 
isoelectric point of the protein) the measured osmotic pressure was greater 
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than that calculated on the basis of the measured diffusible ion distribu¬ 
tion, while at higher hydrochloric acid concentrations the reverse was true. 
The former deviation was explained as due to the osmotic effect of the 
protein molecules themselves augmenting that of the diffusible ions. 
The latter deviation they picture as due to an influence of the large micellar 
ions exerted upon the osmotic activity of the small ions, which was notice¬ 
ably different from (and greater than) their effect upon the electrode 
activity of the same ions. 

E. Hammarsten (9) observed that the osmotic pressure exhibited by 
nucleic acid and Na 4 -nucleate inside a collodion membrane, against dis¬ 
tilled water on the outside, was less than that which the equilibrium distri¬ 
bution of small ions alone should show, also less than would be expected if 
no ionization occurred and the material were molecularly dispersed (calcu¬ 
lated from the known molecular weight of the acid). He concluded, 
therefore, that some aggregation had taken place and that the small ions 
are active osmotically only to a small extent or not at all. This loss of 
osmotic activity of the small ions (wliich, however, still retain their activity 
at an electrode, since their concentrations were determined in this manner) 
he assumes to be due to an interionic influence resulting from the great 
difference in size of the colloid and crystalloid ions. In support of this 
explanation H. Hammarsten (10) found that the osmotic pressure of a 
solution of guanylic acid (ion of relatively small molecular weight) was that 
normally expected from the difference in total ionic concentration on the 
two sides of the membrane. (His calculations were made from the value 
of a maximum osmotic pressure observed after about six hours.) With 
salts of acids of higher molecular weight he confiirmed the observations of 
E. Hammarsten. This anomalous osmotic effect, wherein the osmotic 
pressure of the colloid solution is less than would be calculated on the basis 
of the measured activities and distribution of the components present, has 
been called the ‘‘Hammarsten effect. 

Bjerrum (3) measured the osmotic pressure, membrane potentials, and 
hydrogen-ion activity of solutions of chromium hydroxide and found that 

~ .-Pi + Pif where P was the observed pressure. Pi was the osmotic pres¬ 
sure of the colloid particles (estimated to contain about one thousand 
chromium atoms), and P 2 was the osmotic pressure derived from the 
unequal distribution of ions on the two sides of the membrane. He found 
discrepancies between the observed membrane potentials and those calcu¬ 
lated from osmotic pressure measurements, however, and believed this to 
be due to an unequal influence of the colloid upon the conductivity, elec¬ 
trode activity, and osmotic activity of ions adsorbed by it. 

Samac, Knop, and Pankovic (14) measured osmotic pressures of an 
amylopectin (from potato starch), of lignosulfonic acid, and of an ammo¬ 
nium salt of humus (from peat) against water, using collodion sacs. They 
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found the observed osmotic pressures to be less in all cases than would be 
expected from the measured difference in concentration of the small ions 
alone and to be of the order of magnitude to be expected from the molecular 
weights of the colloids, calculated from other data, entirely neglecting any 
ionization. Their conclusion was that the small ions {Gegenionen) were 
osmotically inactive. Samac and Ribaric, however, had found that the 
freezing point lowering in a lignosulfonic acid solution was very close to 
that required on the basis of hydrogen-ion concentration alone. 

Adair (1) studied the osmotic pressure of hemoglobin against distilled 
water and against solutions of diffusible salts. He measured, at the same 
time, the membrane potentials and distribution of diffusible ions. His 
conclusions were (a) that the relationships between diffusible ion activities 
and membrane potentials were in accord with the Donnan theory, (b) 
that within a limited range of hydrion, salt, and protein concentrations the 
observed osmotic pressure was equal to the sum of the pressure derived 
from the colloid, molecularly dispersed, and the pressure arising as a result 
of unequal distribution of diffusible ions on the two sides of the membrane, 
and (c) that the theory of Barcroft and Hill, which pictures a variable 
degree of aggregation of the colloid in explanation of the anomalies ob¬ 
served in its osmotic pressure relationships, was not correct. Adair claims 
the large deviations from the van't Hoff law to result from changes in 
activity of the protein molecule, this being a function of salt concentration, 
hydrion concentration, and protein concentration. 

Thus, while discrepancies between theory and experimental results have 
been repeatedly indicated, no adequate study has been made of the phe¬ 
nomenon. This is probably due to the fact that most of such work has 
been done with colloids, the micellar weight of which was sufficiently small 
so that the osmotic pressure arising therefrom could not be neglected. 
This complication makes it almost impossible to obtain accurate measures 
of the deviation of the calculated and observable osmotic effects of the 
diffusible ions alone. In the experiments described below, using purified, 
electrodialyzed gum arabic, the colloid micella was apparently so large as 
to exert negligible osmotic pressure, and the relationships existing be¬ 
tween observed and calculated osmotic pressures arising from the unequal 
distribution of diffusible ions alone became relatively easily apparent. 

EXPERIMENTAL 

The method for preparation of the colloid, gum arabic, and some of its 
physical properties have been described in the first paper of this series (4). 
In the experiments described in the present paper, only the sodium salt of 
the arabic acid was used. This salt contained 85 X 10^® equivalents of Na 
per gram of dry colloid. The electrodialyzed arabic acid was neutralized 
with sodium hydroxide and the solution evaporated to dryness in vacuo at 
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70°C. The colloid was kept in the dry form and the solutions were pre- 
pai‘ed as needed. This colloid has properties which are very desirable for 
this type of experiment. It has no isoelectric point, acting as an anion at 
all values of pH; it is infinitely soluble in water; it does not easily hydrolyze 
in acid solutions and it requires no preservative to prevent bacterial 
hydrolysis. 

The method used for measuring the osmotic pressure of the solutions was 
that of applying a constant pressure to the colloid solution inside of a sac- 
shaped membrane which was partially or wholly immersed in an external 



Fig. 1. Diagrammatic Representation of Apparatus Used for Osmotic 
Pressure Determinations 

solution containing no colloid, until equilibrium was attained throughout 
the system. Figure 1 shows diagrammatically the apparatus used. The 
samples of colloid to be examined (in duplicate) were placed in collodion 
sacs (E) which were fastened by rubber bands to the tube through which 
constant pressure was applied. The applied constant pressure was ob¬ 
tained by slowly and continuously forcing air into the system at T and 
allowing it to escape at B, thereby displacing water in the tube between B 
and the surface of the liquid external to the tube. The pressure effective 
on the meniscus of the colloid solution in E would then be equal to the 
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column of water displaced in the tube (S to B) modified by the difference 
in the height of the menisci in E and in C. Most of the experiments were 
carried out when the pH was well on the acid side of neutrality in order 
to eliminate carbon dioxide adsorption. In those cases where neutrality 
was approached in the solutions, carbon dioxide adsorption was reduced 
to a minimum by protecting both sides of the system containing the 
cblloid and external solutions by soda lime tubes (D). This protection 
was imperfect, however, and in a few cases where the external solutions 
were nearly neutral it is necessary to assume that some bicarbonate ion is 
present. 

The final volume containing the colloid was determined by weighing 
the solution left inside the membrane at equilibrium. The observed 
(equilibrium) osmotic pressure, then, would be equal to the constant pres¬ 
sure applied. The final concentration of the colloid in solution could be 
calculated from the amount of colloid initially placed in the sac and its 
volume as determined from the final weight of the solution. The final 
volumes (F<) used for the colloid solutions in the following tables of calcu¬ 
lations are corrected for the weight of gum arabic present in each instance 
(i.e., = F — A), Ft, therefore, signifies the volume of solvent left 

inside the membrane at equilibrium. The membranes used were made of 
collodion. They were prepared in the usual manner, no particular care 
being exercised as to uniformity of their preparation. The only care taken 
in their preparation was that required to get them thick enough to with¬ 
stand the pressure applied and to prevent leaks, but not so thick or imper¬ 
meable as to require too long a time for equilibrium to be reached. Equi¬ 
librium values obtained are independent of the pore radius and material of 
the membrane. 

In all experiments the determinations w^ere made in duplicate by placing 
equal amounts of colloid in two sacs which were then placed under the 
same pressure with a common external solution. A criterion for the 
attainment of equilibrium was as follows: Two equal samples of the colloid 
were weighed out and placed in the tw^o collodion sacs. To one was added 
10 cc. of distilled water. Both were then placed in the same external 
solution under the same pressure and allowed to stand. After about 
forty-eight hours the weights of solution inside of each sac had reached 
identical values. Since water moved out of one sac and was drawn into 
the other to reach the same final amount in each, this final value was a 
true equilibrium value. In all the experiments at least sixty hours were 
allowed for equilibrium to be attained. 

In the tables the final weight of solution in each sac is given in the 
column designated by F; the weight of dry colloid contained in each is 
given in the column under A. Subsequent measurements of pH and all 
calculations are made upon the combined samples. In all experiments, 



PHYSICOCHEMICAL STUDIES ON GUM ARABIC SOLUTIONS. Ill 1151 


except those given in table 1, the measurements were carried out in indi¬ 
vidual 600-cc. bottles, as shown in figure 2. 



Fia. 2. Graph Showing the Manner in Which the Factor Eo'/P, Varies with 
Change in Concentration of Foreign Salt, [—]„ in the 
Colloid Solution 

B « the potential across the membrane which is impermeable to the colloid ion; 
a' ■* the number of equivalents of ions derived from one gram of the colloid; and 
P» * Pc ~ Pp is a measure of the deviation of the osmotic pressure calculated accord¬ 
ing to the Donnan hypothesis, Pc, from the observed equilibrium osmotic pressure, 
Pp, across the membrane. [~]t signifies the concentration of anions other than the 
colloid anion within the colloid-containing solution. 

The volumes of solvent present in the internal (i) and external (o) solu¬ 
tions, at equilibrium, are given in the tables in the column designated as V, 
and the pressure against which equilibrium was attained, by Po. All 
experiments were made at 25®C, 
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After equilibrium had been gained, the hydrogen-ion concentration 
was determined electrometrically (with the hydrogen electrode) on the 
inside and outside solutions. These measurements gave directly the 
difference in potential, E (millivolts), across the membrane, and from this 
could be calculated the ratio of distribution of hydrogen ions in the system. 
This ratio is shown in the tables as fl. R = antUog (£/59.1). 

The total equivalents of Na and Cl present in the system in each case 
are shown in the tables under columns headed by “Na” and “Cl,” re¬ 
spectively. Since, according to Donnan’s membrane equilibrium theory, 

[HMi INa^l. [Cl-L g 
[H+l» “ [Na^l. ” ICii. “ 


this value of R together with a knowledge of the volumes, V, inside and 
outside, and the total equivalents of each species of anion or cation present 
in the system, makes it possible to calculate the actual concentrations of 
each on both sides of the membrane. These values have been calculated 
assuming 100 per cent activity in all cases except where definitely indicated 
otherwise. The equilibrium concentrations of the various diffusible ions 
on the two sides of the membrane were calculated according to equations 
such as 


[Na+1. 


Total Na (equiv.) . 

(R • F./.M,) + '• 


R • [Na+j. 


[Cl-l. 


Total Cl (equiv.) 
(R • t^o/iooo) "h Vtivtaa 


[Cl-L = R • [Cl-l. 


where Fj and F« = equilibrium volumes of solvent in cubic centimeters 
inside and outside, respectively. 

Tlie electrol 3 rte concentration in all cases where 100 per cent ionization 
is assumed is of such a low order that the error so introduced is very small. 
In the tables, the concentrations of these ions are given under the heading 
[Na+J, [Cl“], [H+], etc. and signify the concentration in equivalents per liter 
multiplied by 10^. If the Donnan equilibrium theory holds in these cases, 
the total concentration of the positive ions should equal that of the total 
negative ions in the outside solution, where diffusible electrolytes alone are 
present. In the majority of cases this agreement is very close, and the 
conclusion is that the ions distribute themselves in accordance with the 
membrane equilibrium theory. 

Knowing, now, the actual concentration (activities) of all ions on both 
sides of the membrane (neglecting, for the present, the colloid ion, since 
its molecular weight is high and unknown), the difference [D], between 
their totals, [T], inside and outside, will be a measure of the difference in 
their osmotic concentrations across the membrane. At 26®C. 1 mole of 
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dissolved material exerts an osmotic pressure equal to 25280 cm. of water. 
Then, [D] X 25280 X 10~’ gives the effective osmotic pressure, Pc, in 
centimeters of water, exerted by the ions, assuming that the large colloid 
ion itself exerts no appreciable osmotic pressure and that it does not in¬ 
fluence the osmotic activity of the small ions to a degree differing from its 
influence on the activity of these ions as determined electrometrically (i.e., 
from hydrogen-ion activity measured electrometrically and values calcu¬ 
lated therefrom in the above outlined manner). 

Examination of the tables reveals that in all cases the values of Pc are 
greater than the corresponding values of Po, that is, the calculated osmotic 
pressure arising from the unequal distribution of the small ions alone is 
greater than the observed osmotic pressure. This is in accord with ob¬ 
servations referred to above in the cases of certain other colloid solutions. 
Any osmotic pressure arising from the colloid ion itself would be in a 
direction such as to increase this difference. The value, Pc — Po = P., 
is a measure of an anomalous equilibrium osmotic pressure of the colloid- 
containing system (continuing to neglect any possible osmotic pressure 
derived from the colloid itself). 

In the experiment shown in table 1, the vessel used to contain the 
external solution was a tall glass cylinder. The external solution w^as 
common to all the sacs. Pressure was varied by placing the sacs at 
different levels below the surface of the liquid and appl 3 dng an equal ex¬ 
ternal pressure to all. The effective pressure then wnuld be the difference 
between the applied pressure and the counter pressure exerted by the 
depths of water above the meniscus of the colloid solution in the sac, i.e., 
the weight of a column of w’ater equal to the distance of this meniscus 
below the surface of the liquid in the containing cylinder. 

For table 2 the variable was the pH. The total Cl content was kept 
constant in all the experiments and the pH varied individually by varying 
the relative amounts of NaCl and HCl added. In this case, and in all 
those in succeeding tables, the value of Po was held nearly constant. 

In the experiments shown in table 3, all variables w^ere held constant 
except ethyl alcohol content, wliich was varied from 0.25 X 10”^ molar to 
0.25 molar. This experiment was made in order to find out if diffusible 
non-electrolytes had any effect upon the osmotic properties of the colloid 
solution. These results serve, perhaps, to show^ the extremes of error in 
the determinations and in the calculated value of Pc. This is of the order 
of 10 per cent, the presence of the alcohol apparently having no effect upon 
the equilibrium attained. 

Table 4 shows results obtained when the total Cl was changed from 
zero to 0.01 normal solution. In this case a mixture of 5 parts NaCl and 
1 part HCl was added to the individual experiments in varying amounts so 
as to change the total Cl. The hydrochloric acid was added in order to 



TABLE 1 

Pressure varying; same external solution 






















































































Var 3 ring pH; total [Ci] constant; pressure constant 
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TABLE 3 

Alcohol varying; [Cl] constant; pressure constant; [Na] constant 
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[Cl] varying; pressure constant 
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keep the pH on the acid side of neutrality and minimize carbon dioxide 
absorption. In this table the activity coefficients of sodium chloride were 
used to calculate the active concentration of Na+ and Cl“ ions present, i.e., 
100 per cent activity was not assumed. This use of the activity coefficients 
of sodium chloride is not entirely correct (not all the electrolyte was sodium 
chloride), but serves to give a somewhat closer approximation to the actual 
conditions than if 100 per cent activity were assumed. While not shown 
in the table, the chloride ion concentrations were determined electrometri- 
cally with the silver-silver chloride electrode in the external solution and 
were found to agree closely with the calculated values given. The agree¬ 
ment for the inside solutions was not good, especially at low chloride 
concentrations, the electrode measurements indicating concentrations 
which were somewhat higher than the calculated values given in the table. 
This was probably due to a fault in the electrode, since others have found 
the [H+]i/[H+]o ratio to equal the C1[“]<,/IC1~]< ratio as required by the 
Donnan theory. 

Analysis of these data shows, empirically, that the factor Ea' jP^ is essen¬ 
tially a constant in those cases (tables 1, 2, and 3) in which the foreign salt 
concentration (as measured in terms of [—]<, the total negative ion concen¬ 
tration inside the membrane other than the colloid ion itself) does not vary 
radically. The factor E is the membrane potential as obtained from the 
pH measurements, and Px = Pc — Po and is a measure of the anomalous 
pressure found. The factor, a', signifies the equivalents of sodium and 
hydrogen derived from one gram of the colloid. The final gram concentra¬ 
tion of the colloid being equal in each case to A/F, • 1000 and the equivalent 
concentration of the ions derived from the colloid being equal to [H+], -)- 
[Na+J< — [Cl~],-, the volume of a' is given by the equation 

, [Hi, -I- [Na^l, - [Cli, 

' “ “ A/F. • 1000 

When, however, the foreign salt concentration, is changed radi¬ 
cally, as in table 4, the value Ea'jPx is no longer a constant. Figure 2 
shows that the value Ea!IPx varies with the factor [—],• in a log-log ratio. 
Graphic solution of the curve so obtained gives the equation 

Ea! 

log — - - 0.211 log [-1* - 4.578 

* X 

Thus it appears that the value 

jT 
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is a constant when, other than the colloid, only monovalent cations and 
anions are present in the system. This factor does not vary with concen¬ 
tration of colloid, salt, or pH. 


SUMMARY 

A method is outlined by which accurate osmotic pressure concentration 
relationships may be obtained for systems containing a colloid as the non- 
diffusible component. 

Osmotic pressure measurements made on solutions containing arabic acid 
and sodium arabate show that the equilibrium distribution of water and 
diffusible ions across the membrane is independent of the size of pore and 
of the material of the membrane. 

The equilibrium distribution of diffusible ions across the membrane is in 
accord with the Donnan membrane equilibrium theory. 

The osmotic pressure, calculated on the basis of unequal distribution of 
diffusible ions and the Donnan theory, is consistently greater than the 
observed equilibrium pressure. 

The difference between the observed and calculated osmotic pressures 
{Pe Pc ^ Pt) bears a definite relationship to certain other variables in 
the system such that 

—— -* constant 

This factor remains constant through all changes in pH, sodium chloride 
concentration, and colloid concentration in the system. In thus factor, 
obtained empirically, E represents the potential existing at equilibrium 
across the membrane, a' is a measure of the number of equivalents of small 
diffusible ions (Gegenionen) derived from unit weight of the colloid, and 
[—]* is a measure of the concentration of salt inside the membrane other 
than the colloid itself. 

Diffusible non-electrolytes (ethyl alcohol), in concentrations up to 0.5 
molar solution, exert no influence upon this relationship. 
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For a one-phase system consisting of a solvent (component 1) and {x — 1) 
solute species (components 2,3. .. x) the so-called Gibbs-Duhem formula 
would commonly be written as foliow\s; 

nt-dfjtt = 0 (1) 

n» is the number of moles of constituent e, m the chemical potential of that 
constituent. Equation 1 Is a particular case of the more general thermo¬ 
dynamic relation: 

-.S-dT+F dP - ^ wrdM, * 0 (2) 


where the symbols T, F, P have their usual meaning. Equation 1 rules 
any variation of composition taking place at constant pressure and tem¬ 
perature. The proof of the Gibbs-Duhem formula is based upon the fact 
that the dependence of the chemical potentials m. (like that of all partial 
molar quantities) on composition only involves the mole fractions of the 
various constituents. In other words the various /n.'s are homogeneous and 
of degree zero in terms of the n»'s. Euler^s theorem on homogeneous 
functions gives then, for the chemical potential /!» (1, 7) 



0 


( 2 ) 


There are x relations of this type (t = 1,2, ... j). The partial derivatives 
are taken at T, P, and all w/s except n„ constant. Applying now the well- 
known reciprocity relations: 


dfAi dfij d^F 

dUf dn» dn»dn, 
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( 3 ) 
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F being the free energy of the system, we may transform the set of equa* 
tions 2 into the equivalent set of x equations: 


S 



0 


( 4 ) 


In the particular case of two constituents the set 2 becomes: 



dfii d/Ai 

ni*- -h Wa*— 0 

dni dna 

(2.1) 


dfjLi dfii 

Ofli Oflt 

(2.2) 

The reciprocity relations 3 reduce to: 



dfii dfi2 

dwa dwi 

(3 1) 

and the set 4 becomes: 

dfjii diX2 _ 

nr~-h na*— « 0 

dui drii 

(4.1) 


dfii dfX2 ^ 

nr- -h na-— » 0 

ona driz 

(4.2) 


We thus have as many equations of the Gibbs-Duhem type as there are 
components. These equations assxune the form 2 or the form 4. Each set 


contains a total number of partial derivatives of the type 
chemical potentials m are of the form (1,2) 



The 


ff(,T,P) +RT-log Nif, 


( 6 ) 


is a function of T and P only, R is the molar gas constant, Ni is the 
mole fraction and /,• the activity coefiBcient of the constituent i. We have 
(writing Zni = n): 


9 m. __ RT n - n, pm 9 jogA 
drii Ni n’ dn< 


(e.i) 


if!: m j. 

9n, N, n* dJl/ 


The sets of equations 2 and 4 thus become: 


jwmx 

s 


9 log/i 


(«. 2 ) 


0 (t -I 1, 2, • • • x) 


(7) 
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J«1 


a log// 

dn* 


0 (t-1,2, -.-x) 


( 8 ) 


In the particular case of two components these equations become: 


Wi 


fii 


and 


nr 


a log/, 

Slog/, „ 

+ an, 

(7.1) 

3ni 

3 log/a 


(7.2) 

0ni 

+ an, ® 

9 log /i 
dn\ 

. S « 

4- na* ~ 0 

0ni 

(8.1) 

a log/. 

H- Tia* =0 

a Hi 

(8.2) 

0712 


The reciprocity relations 3 lead to analogous relations between the 
activity coefficients: 


^ log A Q log// 


drij 


dn* 


For a two-component system: 


aiog/i d log ft 


dna 


dni 


(9) 


(9.1) 


Besides the equations 7 or 8 we have the reciprocity relations 9 between 
the r* partial derivatives — The number of distinct reciprocity 

Ofti 

x(jx 1 ) 

relations is- - —(One differentiates each log/,- with respect to all the 

/t 

except n<; each of the corresponding relations appears twice in the 

list.) 

The total number of relations between the partial derivatives is thus: 


x + 


x(x — 1) x(x + 1) 


( 10 ) 


2 2 

In order to know all the partial derivatives in terms of all the nf's we need 

x(x -f 1) — 1) 


X* - 


( 11 ) 


non-thermodynamic relations. (Relations obtained in non-thermody- 
namic theories such as that of electrolytes; empirical relations deduced 


WH* JOtntMAL OF FHTBICAL CHUMTSTRT, VOL, 38, NO. 9 
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from experimental data.) When all the of constituent i are known 

afij 

in terms of the various n,’s the total differential of log/< 


diog/v = ^ 


i-l 


drij 


(16) 


is known. 

Formula 15 is an exact differential since, on account of the reciprocity 
relations 9, 


log/ , 

drik-dnj dw**dnt 



log ft is then obtained by means of quadratures: 

log ft - • • • n, • • • n,) + Constant (18) 


The constant is determined by making a suitable ass^umption concerning a 
particular composition of the solution; for instance one assumes that/* = 1 
at infinite dilution (all n/s,^ except ni, equal to zero). 

Attempts in the literature (5, 6,7) to introduce the mole fractions iV, in¬ 
stead of the numbers of moles n* in formulas 2 and 4 or in 7 and 8 have 
often led to incorrect equations. Dividing formulas 2 and 4 by n we 
obtain: 


j = * 

s 

3 = 1 



0 


(19) 



Formula 20 is often incorrectly written: 


( 20 ) 


AT, 


3 • 1 


dNt 


( 21 ) 


For the particular case of a two-component system formula 21 becomes: 
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It is however obvious, if one refers to equation 1, that the correct way of 
writing 22 is 


N, 


I XT ^^2 

‘dAf, 


= 0 


(23) 


and in general: 





Formula 24 could be considered as the correct general form of the Duhem- 
Margules formula. For ideal systems it reduces to an identity. For 
non-ideal systems it becomes: 


^N, 


ilog/, 

diV~ 


= 0 


(25) 


The confusion between formulas 22 and 23 has already been pointed out 
by Lecat (4). 

Example 1, If j = 2 we need one non-thermodynamic relation: for 
instance, the dependence of log/i or of the osmotic coefficient of the solvent 
on composition, as deduced from freezing point data. Such data will 

usually give Introducing the osmotic coefficient gfi, we make use 

dW2 

of the relation: 

log/i = {gi ~ l)*logiVi 


Differentiating with respect to th: 

d log/, 


dn2 


Equations 7, 8, and 9 give: 


log N, 


Sgt gi - 1 


dUi W, 712 


alog/i n, , „ dgi , m 

- -log Nr- -h —7—7—-7 

n, ofh ni\ni -f rui) 


dui 

alog/2 5log/j 


(gi - 1) 


dui 

9 log/a 

9n2 


dfi2 


log Ni 




(7i ~ 1 


3712 Til -f W2 
n. 


m I .. 3gi .n . 

- -log Nr- -1- } -;- rigi - D 

712 3712 7l2\7li -f- 7 I 2 ) 


The total differential of log /2 is then: 

d 1../. - r 1., n.f- - -2^1 dn,+r-a.,o, 1 

I dut U} WaJ tli dUi “I" WalJ 


(26) 

(27) 

(28) 

(29) 

(30) 

•d«a (31) 
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Assuming that log/i is zero when ni « 0, the integration from nj 
at ni constant gives: 


log A 


-i: 


^•Wi dgi 

-•log Nr -—dni + 

712 d7l2 


i 


"« ni(gi - 1) 

nt(ni + ni) 


•dni 


Otont 

(32) 


In the same way we have: 

Assuming that log is zero when nj 0 and integrating from ns = 0 to 
fh at rii constant we have: 

log/j “ f *log iVr^dnj — f * dn> (34) 

Jo Jo ni+th 


In both 31 and 33 dns may be replaced by d^i, since ni is constant. In 

onj 

practice one takes ni equal to the number of moles corresponding to 1000 
grams of solvent. 

In the case of an electrolyte we may use the Debye-Htickel law for the 

activity coefficient. We thus have ^ at nj constant. Thermody- 

ont 

d logfi, d log/i, , d log/i 

namics gives then —■ ■ ■ > — ^ > and —. 

0ni dni dnt 

Example S. If ® = 3, there are two solute species and we need three 
non-thermodynamic relations. In the case of two dilute electrolytes the 
Debye-Htickel theory gives: 

a log/j d log/j a log/i a log/i 

. - ——. and . . or —■ » 

d7i2 dut dnt ^nt 

In the case of mixtures of strong electrolytes and weak electrolsi^es, 
electrolytes and non-electrolytes, etc., the various formulas of the present 
paper will depend on the choice of the thermodynamic “description”: 
complete dissociation, incomplete dissociation, no dissociation. 

Let us, for instance, consider a solution containing besides the solvent, 
positive ionic species and X_ negative ionic species obtained by dissolv¬ 
ing a certain number of strong electrol 3 rtes. We first try to determine the 
minimum number of neutral components in terms of wlffich Hie properties 
of the solution can be studied. Activity coefficients which are thermody¬ 
namically significant are average ionic coefficients of neutral components: 

f* " (/+*•/--)*'• (86) 



ACTIVITY COEFFICIENTS IN MIXED SOLUTIONS 


1167 


/+ and /_ are the activity coefficients of the positive and of the negative 
ions. v+, are the numbers of positive and negative ions in the neutral 
component (v = r+ + t»_). If z+ and are the algebraic valuss of the 
valences we have: 

»+*+ + ti_*_ ■= 0 (36) 

The number of neutral components necessary to describe the properties of 
the solution is at most X — 1 (in which X = X+ + X_) (3) and at least X+ 
or X_ (X+ if X+ > X_, X_ if X_ > X+), The neutral components having 
been chosen, the thermodynamic reasoning developed in this paper applies 
to the activity coefficients f±^. For instance, the reciprocity relations 9 
become: 


(37) 

dn, 8n» 

The activity coefficients appearing in 7 and 8 are replaced by etc. 


BUMMABY 


It is shown that, at given temperature and pressure, the various activity 
coefficients of a solution consisting of the solvent and of z — 1 solute species 

x(x — 1 ) 

satisfy x differential equations of the Gibbs-Duhem type and -i— 5 —- 
reciprocity relations of the tsqje: 


a log/, a log// 

. SB . 

dn / biix 


The knowledge of 


*» - 


, x(.x - 1 )‘ 


x{.X — 1 ) 
2 


non-thermodynamic relations between the various 


a log/. 
3w/ 


and the n/’s 


is thus required in order to obtain the total differentials of all the log //s, 
which are then calculated by means of quadratures, supplemented by the 
assumption that /< » 1 at infinite dilution. After a discussion of certain 
special forms of the Gibbs-Duhem formulas the correct generalized form 
of the Duhem-Margules formula is obtained. The introduction of average 
ionic activity coefficients in the Gibbs-Duhem formal^ is discussed. 
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During the last few years (1) the dififerential ebullioscopic apparatus has 
been so improved that it now seems possible to propose a standardized type 
of apparatus and to state the conditions for carrying out the determination 
of the degree of purity of eitlier single liquid substances or of azeotropic 
mixtures. 

Figure 1 represents the standardized type of ebullioscope for such pur¬ 
poses. This apparatus differs from the former one in that it has two drop- 
counters,/! and / 2 , instead of one. To the drop-counter /2 is sealed a reflux 
tube by means of which the liquid can be heated with either a small micro- 
burner, 1, or an electric heater. This device enables one to collect a certain 
quantity of relatively volatile impurities in the upper part of the apparatus 
and thereby to increase the difference between the boiling point, tu measured 
in the lower part of the ebullioscope, and the temperature of condensation, 
< 2 , measured in the upper part. The two drop-counters enable one to fix 
the intensity of the heating and to standardize the conditions of the 
experiment. 

The degree of purity of a single liquid substance or of an azeotropic 
mixture is characterized by the difference At = h — between the two 
above-mentioned temperatures. It is evident that, in the case of an 
absolutely pure single substance or of an ideal azeotropic mixture, this 
difference At is practically zero, because the correction for the difference of 
pressures at the levels h and h, where the temperatures are measured, does 
not exceed 0.001®C. But since every liquid, even the most highly purified 
one, contains impurities, certain differences of Ai > 0 are noted, which 
depend on the nature and the amounts of the impurities. Since the differ¬ 
ence At depends upon the degree of dephlegmation of the vapors present in 
the whole apparatus, the intensity of the heating should remain constant 
throughout. This condition may be fulfilled by adjusting the rate of flow 
through the two drop-counters measured by the numbers ni and n 2 of drops 
falling from the latter per unit time for a given intensity of heating; the 
number of drops depends upon the heat of vaporization and upon the 
boiling point of the liquid. Our experiments with water have led us to fix 
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for ni a value of 40 drops per minute. For other liquids which boil at 
ti < 100®C. the following empirical relation can be used: 

900 


where L represents the molecular heat of evaporation expressed in kilogram* 
calories, and d the density of the liquid. When > 100®C. the number of 
drops should be correspondingly greater. Good results can be obtained 




Fio. 1. Tbb Eboluoscopb 


with 712 == 0.9 71], or ni s ria. The size of the flame of the microbumer, 1, 
should be regulated so that this relation can be obeyed. 

For the estimation of the degree of purity of liquid substances the follow¬ 
ing measurements should be carried out: (1) the determination of the 
boiling point and the temperature of condensation of the substance under 
atmospheric pressure and the comparison of both points with the boiling 
point of water as the primary standard substance, or of another substance 
chosen as secondary standard; (2) the determination of the same tempera¬ 
tures after removal by distillation of a small quantity of the liquid. 
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This last operation seems to be necessary in almost all cases. Indeed, it 
often happens that very pure liquids contain minute traces of moisture or 
other impurities which can easily be removed by evaporating several cubic 
centimeters of the liquid (4). For this purpose the water is removed from 
the reflux condenser D, the small condenser, d, is joined to the tube pro¬ 
vided with a ground joint, and a gradual distillation of 2 cc., 2 cc., and 2 cc. 
of the liquid is performed. After each distillation the difference At is 
measured. In this way it can be found whether the moisture present in 
the liquid or introduced as vapor adsorbed by the internal surface of the 
ebullioscope can be removed by this simple operation. 

The investigation should be carried out as follows: (1) Before use the 
walls of the apparatus should be thermally isolated. Tube 1 should be 
wrapped with wet asbestos strips; after they are dry they fit closely to the 
surface of the Pyrex glass. The tubes in which the temperatures are 
measured are also wound with strips which are fastened round the tubes 
by means of thin copper wire. On top of the burner L an asbestos roof of 
conical shape is provided. (2) The ebullioscopic apparatus should be 
carefully dried and filled with a given amount of liquid under investigation 
(15 cc.). After allowing the liquid to boil for ten to fifteen minutes the ap¬ 
paratus is emptied, then refilled with a new portion of the same liquid; the 
same process is repeated, the liquid being once more poured out. Finally 
the apparatus is filled with 50 cc. of the liquid to be actually measured. 
(3) The temperatures should be determined with the accuracy of ±0.001°C. 
For this purpose the electrical resistance thermometer or the Beckmann 
mercury thermometer (modified by me) or that of Roberteau, etc., may be 
used. When Roberteau’s thermometer is selected, the enlargement 
between the scale and the bulb called “grain^^ must be immersed in mer¬ 
cury. Each thermometer should be immersed to the same extent in both 
tubes, ti and t^. (4) The intensity of the heating with both burners should 

be regulated as already stated. (5) The determination of the two above- 
mentioned temperatures should be carried out by using the same thermom¬ 
eter. For this purpose the method of successive measurements should be 
applied (an example of this method is given in table 1). The boiling point 
of water or other substance chosen as the standard liquid (2, 5) is measured 
simultaneously. If another substance than water is used as standard, its 
boiling point should differ only slightly from the boiling point of the liquid 
under examination, so that its boiling pomt may be measured by transferring 
the same thermometer from one ebullioscope to another. (6) After having 
determined the difference At (first difference) the small condenser d is 
joined to the side-tube of the condenser D and the water is removed from 
this condenser. Afterwards three 2-cc. portions of the liquid are carried 
over into the small test tube by successive distillation. After each 
distillation the determination of the difference At is carried out. If all 
the successive differences. At, AU, Ah, Ahy or at least the last two remain 
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practically constant, At > Ati » = Atz or At > Ati > Ah » Ah^ the 

value Ah may be accepted as a basis for characterizing the degree of purity 
of the investigated liquid. If, however, the above-mentioned differences 
gradually decrease, At > Ah > At%> Ah^ it proves that the impurity cannot 
be removed by this operation and that consequently the second difference. 
Ah ought to be accepted as the characteristic value for the degree of purity 
of the sample investigated. In both cases all the successive differences, 
Atj Ah, Ah, Ah, should be stated in order to give some idea as to the nature 

TABLE 1 


Determination of the purity of isopropyl alcohol 


TIME 


u* 

At 

*Bar 

AT 

11.00 

4.978 



2.430 


11.02 

4.979 



2.430 


11.04 

4.979 



2.429 






2.430 




1 

i 


2.430 


11.10 

(4.979) 

4.783 

0.196 

2.430 


11.12 

(4.979) 

4 786 

0 193 

2 430 


11.14 

(4.979) 

4.780 

0.199 

2.430 


First difference. 


... 0 196 


11.18 

4.979 



1 


11.20 

4 979 





11.22 

4 979 









1 


11.28 

(4.979) 

1 


1 3.013 

1.966 

11,30 

(4.979) 



3.013 

1.966 

11.34 

(4 979) 



3.013 

1.966 

11.36 






11.38 






11.40 

4.979 





11.42 

4.979 





11.44 

4.979 






* The condensation temperature varies between relatively large limits on account 
of the presence of a large amount of volatile impurities. 


of the impurities present in the liquid under examination. For the present 
it appears that actually th^ following scale may be accepted for characteriz¬ 
ing the degree of purity of liquid substances: 


lAmitB in iegreet 

Degree of purity for the iifforenee 

First degree of purity (I). 1.00 to 0.10 

Second degree of purity (II).0.10 to 0,06 

Third degree of purity (III).0.06 to 0.02 

Fourth degree of purity (IV). 0.020 to 0.006 

Fifth degree of purity (V)... 0.006 to 0.000 
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If the liquid is, however, characterized by the fifth degree of purity, a more care¬ 
ful investigation ought to be carried out with the help of a more sensitive differ¬ 
ential ebullioscope. 

At the present time the differential ebullioscope with several sections (3) 
seems to be the most convenient for this purpose. 

The degree of purity of isopropyl alcohol (Schering-Kahlbaum) was 
determined by means of a standardized ebullioscope (table 1). Benzene, 
selected as a secondary standard, has a boiling point <Bar = 80.122®C. at 1 
atmosphere. The first difference, A^, between the boiling point and the 
condensation temperature was determined. The difference between the 
boiling points of the two liquids examined is equal to At = 1.966. After the 
introduction of the correction for the true value of the degree, the differ- 
ence, fsar — = AT, becomes equal to 2.060, therefore the boiling point of 

isopropyl alcohol, ta, equals 82.18°C. By successive distillation of three 
2-cc. portions of the liquid, the following results have been obtained: 

Ml * 0.195 aTi = 2.098 ta' = 82.22 

= 0.144 aTs * 2.108 ta" =82.23 

Ati » 0.083 aTi « 2 124 ta'" = 82 25 

CONCLUSIONS 

Control of the purity for the given sample of isopropyl alcohol proves 
that the impurities cannot be removed by distillation of a small quantity 
of the liquid. In accordance with the scale proposed above, the degree of 
purity seems characterized by the first difference. At = 0.195. The boiling 
point of the liquid, tay is equal to 82.22®C. at 1 atmosphere, w^hich is 2.10° 
higher than the boiling point at 1 atmosphere of benzene, the secondary 
standard substance. After distillation by help of a rectification column 
with twenty-one bulbs the determination of the degree of purity of the puri¬ 
fied isopropyl alcohol has been carried out. The following result has been 
obtained: At = 0.010; A^i = 0.009; Afa = 0.009; A<3 = 0.008; ATs = 2.17; 
fa'" = 82.29° (p = 1 atmosphere). 

It follows that in accordance with our scale, the sample of the purified 
isopropyl alcohol can be considered as having the IV-th degree of purity. 
At being equal to 0.009°, and the boiling point to 82.29°. The boiling 
point of the investigated isopropyl alcohol is 2.17° higher than the boiling 
point of benzene, the secondary standard substance (p = 1 atmosphere). 

SUMMARY 

The application of a standardized differential ebullioscope for determin¬ 
ing the degree of purity of single liquid substances and azeotropic mixtures 
has been described. Brief instructions are given for executing the investi¬ 
gation. A scale for characterizing the relative degree of purity of liquid 
substances and azeotropic mixtures has been proposed. 
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Two years ago (19) it was concluded, as a result of x-ray and dehydra¬ 
tion studies, that only two hydrates of alumina exist: 7 -A 1203 - 3 H 20 
(gibbsite) and a-Al 20 s-H 20 (diaspore). No indication was found for the 
existence of a second trihydrate, a-Al 208 - 3 H 20 (Fricke’sbayerite),orof a 
second monohydrate, 7 -A 1208 -H 20 (bohmite). From the available evi¬ 
dence, it was believed that precipitated alumina was hydrous “S-AI 2 O 3 ” 
rather than hydrous 7 -A 1208 -H 20 . In the light of recent developments it 
now appears that certain of these conclusions must be modified and 
extended. 

a-ALUMINA THIHYDBATE 

While our first paper was in the process of publication, an article by 
Fricke and Severin (7) appeared in which definite evidence was presented 
to prove that a-Al 203 - 3 H 20 (bayerite), isomeric with gibbsite, exists. 
The a-Al208'3H20 gives a distinctive x-ray diffraction pattern and a de¬ 
hydration isobar characteristic of a trihydrate. Synthetic 7-A1208-3H80 
is formed by the slow hydrolysis of aluminates (Bonsdorff and Goudriaan). 
On the other hand, if the separation takes place relatively quickly, the 
metastable isomer, a-Al 203 - 3 H 20 , is first formed and goes over sponta¬ 
neously into 7 -A 1203 - 3 H 20 in the course of a few weeks in contact with 
dilute alkali. We failed to observe the formation of a-AhOs ■ 3 H 2 O either 
by the method of Goudriaan or that of Bonsdorff, since the precipitate 
remained in contact with the alkali for 30 days before it was subjected to 
x-ray analysis and was therefore largely 7-A1208-3H20. 

A pure sample of a-Al 203 - 3 H 20 sent us by R. P. Rooksby has been 
examined by the x-ray diffraction method. Comparison of the x-ray dia¬ 
gram of a-Al308'3H20 shows that some of our samples, previously con¬ 
sidered to be mixtures of 7 -A 1208 -3H20 and 5 -AI 2 O 8 , contained consider¬ 
able amounts of a-Al208-3H20. For example, diagrams 3, 4, and 6 of 
figure 3 and 1 to 6 and 8 of figure 6 (20) are for samples that we now know 
to be largely a-Al 208 • SHiO. 

7-Al808*H20 VEKSTTS “8-A1208” 
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More than twelve years ago L. H. Milligan (16) dehydrated a sample of 
artificial gibbsite in a current of air containing a known amount of water 
vapor. The dehydration isobar showed conclusively that the sample was 
a trihydrate, but it gave no indication whatsoever of the formation of a 
monohydrate. Since both Rooksby (17) and ourselves have obtained a 
material that gives the same x-ray diffraction pattern as 7 -Al 30 s-Hj 0 
(bohmite) by the thermal dehydration of a-MOj-SHjO (gibbsite), it is 
important to explain, if possible, why the isobars fail to reveal the presence 
of a monohydrate. 



Fig. 1. Dehtdbation Isobar of 7-A1jOi-3HjO (Synthetic Gibbsite) 


Dehydration isobar of artificial gibbsite 

A sample of y-AlaOs-SHsO was dehydrated in an apparatus similar to 
that of L. H. Milligan previously described (20). Special care was taken 
to secure equilibrium values. It was found that many days were required 
at the lower temperatures and many hours at the higher temperatures. 
The results are shown graphically in figure 1. It is apparent that the 
isobar gives no evidence whatsoever of the formation of monohydrate. 
X-ray analyses of samples taken at intervals from a second container give 
the results shown in table 1. 

A dehydration isobar almost identical with figure 1 was obtained with 
gibbsite by Fricke and Severin (7). They also made the isobars for the 
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a-trihydrate or bayerite and for both a-Al 208 *H 20 (diaspore) and 7 - 
A 1203 -H 20 (bohmite). These curves, reproduced in figure 2, are note- 
wortliy since extreme care was taken to ensure equilibrium. In some cases 
several weeks were required to get a single point, and the value recorded 
was taken only after the system remained in equilibrium for from eight to 
twenty-five days. 


TABLE 1 

X-ray diffraction data obtained during the dehydration of artifinal gihhsite 


TBMPBRATVRS 

TtPB OF PATTBRN 

degrees C, 


35-150 

7-Al20a*3H20 (gibbsite) 

185 

7 -A 1208 -H 20 (bohmite) and 7 -A 1203 - 3 H 20 

205-410 

7*'Al20a’H20 



Fig. 2. Dehydration Isobar op «- and 7-Al20»-3H20 and a- and 

7 -AlyOj* H 2 O 

After Fricke and Severin 


In the light of the above work there can be no question about the facts. 
The monohydrate formed by the decomposition of Y-AI 2 OS-31120 does not 
undergo decomposition at a definite temperature as a real hydrate usually 
does. Indeed in the experiment shown in figure 1, a sample at 410®C., 
having a composition of approximately AI 2 O 8 -0.341120, gave the x-radio- 
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gram of 7-Al20s-Hj0 only. This would be impossible if the hydrate were 
behaving in a normal way. Furthermore, Fricke and Severin’s curve for 
tiie monohydrate is a tjrpical desorption curve showing no indication what¬ 
soever of a break. It is this sort of evidence which formerly led us to con¬ 
clude that the alleged monohydrate was not a true hydrate but an alumina 
with adsorbed water. 

The only evidence advanced by Rooksby (17) in support of the view that 
the initial product of the thermal dehydration of y-AljOs-SHjO is a mono¬ 
hydrate, was an analysis of the product. But the dehydration curves of 
L. H. Milligan, Fricke and Severin, and ourselves show that this composi¬ 
tion was accidental and could not possibly have been an equilibrium value. 
More recently Edwards and Tosterud (6) claimed that the compound 
formed by heating precipitated alumina under pressure, analyzed for a 
monohydrate, gave the y-AhOs-HjO x-ray pattern, and exhibited a ther¬ 
mal arrest in the heating curve. The first two lines of evidence will not 
definitely distinguish between a monohydrate and a hydrous alumina with 
the right amount of adsorbed water, and an arrest in the heating curve of 
an oxide-water system does not necessarily indicate the presence of a true 
hydrate (10). In this case the arrest might be offered as evidence of a 
polymorphic change from “ 5 -A 1203 ” to y-AUOj. However, preparations 
which give the 7 -A 1203 -H 20 (bdhmite) pattern can be obtained in well- 
defined macroscopic crystals which analyze for monohydrate. Thus 
Fricke and Severin (7) obtained it by heating commercial alumina tri- 
hydrate to 350--370®C. at a pressure of 200 atmospheres. Hiittig and 
Peter (11) prepared a similar product by heating the trihydrate in a bomb 
tube at 200 atmospheres. Particularly good crystals were formed by 
heating 4-20 per cent aluminum nitrate containing up to 20 per cent of 
nitric acid at 320-360®C. and 200 to 300 atmospheres (12,13). In the light 
of this positive evidence there can no longer be any doubt that bohmite is 
7 -AI 2 O 3 • H 2 O. But having reached this conclusion one is obliged to explain 
the absence of any sign of a break corresponding to the monohydrate in 
the dehydration isobars of 7 -A 1203 - 3 H 20 and 7 -A 1203 -H 20 . 

Interpretation of the dehydration isobars 

Application of the phase rule to the two-component system hydrate- 
oxide-water vapor, shows jthat the system should be univariant. The 
type of isobar is given by the dotted lines in figure 3. Theoretically, the 
curve should drop to zero composition at a definite temperature, but 
actually the isobars are usually rounded off, as shown in the figure by th^ 
broken line ADC. This is due to a loss of part of the water below the true 
decomposition temperature of the mass of the hydrate on account of lattice 
distortion, strain in the crystals, and variation in crystal size. Now if the 
oxide formed by the dehydration of the hydrate is highly hygroscopic, it 
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will adsorb most of the water vapor. Hence the actual dehydration meas¬ 
ured is the loss of adsorbed water from the oxide. In such cases a bivari¬ 
ant type of curve is to be expected, as shown by the solid line AE in figure 
3. It is precisely this last type of curve which Fricke and Severin obtained 
for both Or and 7 -Al 203 *H 20 . 

We can now explain the persistence of the x-radiogram of the monohy¬ 
drate where it would ordinarily not be expected to exist. The x-radiogram 
for the monohydrate should persist along the broken curve ADC^ because 
some monohydrate exists as such, and the very highly hygroscopic 7 - 
AbOs (1, 2, 4, 5,15,18, 21), formed by partial decomposition of theformer, 
is either amorphous or too finely crystalline to be detected by x-ray analysis. 



Temfjerature 

Fig. 3. Isobabic Equilibrium in the System Hydrate-Oxide-Water Vapor 

In the case of a higher hydrate decomposing first into a lower hydrate 
and finally into the anliydrous substance, it is apparent that under the 
conditions noted above, the isobar will fail completely to detect the lower 
hydrate. In figure 4 the theoretical curves for the case of a trihydrate 
decomposing to a monohydrate and this in turn to the oxide are given by 
the dotted lines. The actual experimental curve is given by the solid line. 
The composition of the trihydrate remains constant until at point F some 
water is lost, giving a small amount of water vapor and monohydrate. 
’As this process continues along FK and along KH all the triliydrate decom¬ 
poses rapidly, giving monohydrate. Now at this temperature the lower 
hydrate loses water to point 0 and hence the line FKH continues past the 
theoretical composition of the monohydrate to the point 0. This decom- 
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position of the monohydrate gives the highly adsorptive y-oxide, the pres¬ 
ence of which causes the dehydration to proceed along the line HOE for 
the reason given above. 

Although the case under consideration is unusual it is not unique. Thus 
a curve somewhat similar to the one shown in figure 4 is obtained for the 
dehydration of gypsum, which yields plaster of Paris as an inter¬ 
mediate product (3, 4, 8, 9, 14). The latter compound is said to be 
CaSOi-O.SHjO, but this would not follow from the dehydration curve, 
which is like KHE in figure 4 rather than like GHB. Here again, the 



Tern per Afure 

FlO. 4. ISOBARIC EkttJIUBRIUM IN THE SYSTEM HyDRATE-LOWER HyDRATE- 

Water Vapor 

highly hygroscopic character of the anhydrite resulting from the decom¬ 
position of hemihydrate adsorbs a part of the water, and the dehydration 
of this hydrous material determines the form of the curve. 

SUHMABT 

The following is a brief summary of the results of this investigation: 

1. Slow hydrolysis of an aluminate solution gives a definite metastable 
alumina hydrate, a-AhOj-SHjO (bayerite), different from y-AljOs'SHiO 
(gibbsite). Aging of this metastable hydrate, especially in contact with 
alkali, gives y-AUOs-SHjO. The present authors overlooked the labile 
modification since they allowed the products made by the method of Qoud- 
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riaan and Bonsdorff to stand in contact with alkali for 30 days. That 
a-AhOs *31120 is a definite hydrate has been conclusively proven by dehy¬ 
dration isobars obtained recently by Fricke and Severin. 

2 . Dehydration isobars of 7-AI2O3 *31120 made by L. H. Milligan over 
twelve years ago, and by Fricke and Severin, and by the present authors 
more recently, show no indication whatsoever of the formation of a mono¬ 
hydrate. However x-ray examination of the intermediate dehydration 
product gives the pattern attributed to 7-AI2O3 H2O (bohmite). This is 
the same material that the present authors formerly considered to be hy¬ 
drous ‘^^-AhOs” because of the form of the dehydration curve. 

3 . Well-defined macroscopic crystals of 7-AI2O3 H2O have been made 
(Fricke and Severin, Hiittig and Peters, Ipatiew), but the dehydration 
isobar of the compound is a typical desorption curve. 

4. In this paper an explanation is suggested for the apparently anoma¬ 
lous behavior of the dehydration isobars of both 7 -Al 203 * 3 H 20 ,and 7 - 
A 1203 -H 20 , based on the fact that the thermal decomposition of the latter 
gives a very highly adsorptive oxide (7-AI2O3) which adsorbs most of the 
water vapor. Dehydration of this hydrous oxide gives a bivariant curve. 

5. The various transformations of precipitated alumina may be tabu¬ 
lated in the following diagram, which is a revision of the diagram given in 
Part I of this series of papers: 


g q I—aged in cold—»a-AhOs*31120 


iW 

It 

•a s 

II 

>> 


—aged in hot —^ less hydrous i-AhOa* H 2 O - 


hydrolysis of 
~aluini nates 


-heated 


r-Al,0»-3Hs0—i 
—rapid —► amorphous or a-Al 208 * 3 H 20 


or mixtures 


—slow —^ 7 -Al 203 * 3 H 20 ^ 
-300-900®C. 7 -AI 2 OJ 


aging 

i 


1200°C. to melting point —> a-AhOs 
SiOs a-AhO, 

K 2 O, NaaO, MgO / 5 -AI 2 OS 
■Li 20 r-AhOs (Barlett) 


melted and 
—cooled in 

presence of 
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THE CONSTANCY OF THE URANIUM-ACTINIUM RATIO 

IN MINERALS* 

FRANK H. BRUNER and HERMAN 8CHLUNDT 
Department of Chemistry, University of Missouri, Columbia, Missouri 

Received May IS, 1934 

The status of the actinium series has always been a subject of conflicting 
experimental findings and of interpretations leading to controversies. 
Boltwood (1), in 1908, showed that the actinium series was associated with 
uranium and not with thorium. The determination of the fraction of the 
uranium atoms disintegrating to form the actinium series, earlier called 
the “branching ratio” and later called the “activity ratio,” has been ac¬ 
complished by three distinct methods: First, by the determination of the 
relation between the alpha activity of thin films of protoactinium and pure 
uranium oxide; second, by the determination of the relation between the 
alpha activity of thin films of actinium and uranium oxide; third, by the 
determination of the relation by the comparison of the active deposits from 
actinon. 

Numerical ratios from the first two methods are abundant in the litera¬ 
ture: Boltwood (1), 1908,4 per cent; Fussier (2), 1917, 2.2 to 3.3 per cent; 
Hahn and Meitner (4), 1919, 3 per cent; Meyer (5), 1920,4 per cent; Wid- 
dowson and Russell (8), 1923, 2.9 per cent; Piccard and Kessler (7), 1924, 
5 per cent; Wildish (9), 1930, 1.5 to 5.16 per cent; Gleditsch and Foyn 
(3), 1932, 2.7 per cent; A. von Grosse (11), 1932, 4 per cent. Meyer and 
Hess (6) were the only ones to use the active deposit of actinon to show the 
ratio constant. 

A. von Grosse in determining the ratio as a constant, 4 per cent, used 
five minerals, one of which was the camotite used by Wildish to find his 
5.16 per cent ratio, von Grosse claims that zirconium is a better reagent 
than tantalum for the adsorption of protoactinium, which Wildish and 
others regard as the nearest analogue of protoactinium. Having on hand 
two minerals used by von Grosse and four of those used by Wildish, we 
undertook to determine the constancy of the ratio by a method independ¬ 
ent of the chemistry of protoactinium, namely the method of Meyer and 
Hess (6). This method, however, does not give the percentage ratio, but 
does supply evidence as to the constancy of the ratio. 

‘This paper was read at the Midwestern Regional Meeting of the American 
Chemical Society held at Kansas City, Missouri, May 4,1934. 
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METHOD 

The method of Meyer and Hess (6), for the determination of the rela¬ 
tive amounts of actinium in ore solutions by means of the active deposit of 
aotinon, was modified for our experiments. Their method consisted of 
passing air through a solution of the mineral contained in a liter fiask and 
into a rectangular brass box, which contained an insulated brass plate, 
2 X 12 cm. The brass plate was 1 cm. from the bottom of the brass box, 
the inner dimensions of which were 4 X 15 X 3 cm., and was charged 
negatively to a potential of 460 volts. The air was allowed to flow through 
the apparatus at a known rate for 1 hour. The activity of the plate was 
determined by measuring it in a condenser connected to a Wulf string 




electrometer. The success of the method depends upon the maintenance 
of a reproducible rate and time of air flow through the apparatus. 

For our experiments the method was modified so that, using the same 
flow of air' and the same potential on the collecting plates, the apparatus 
allowed the simultaneous deposition of the active deposit from the actinon 
continually produced in the solution of two different minerals, thereby 
eliminating effects due to fluctuations in the rate of flow of the air. The 
collecting chambers differed from those used by Hess and Meyer; two in¬ 
sulated brass plates were placed 1 cm. apart in a rectangular brass box 
with inner dimensions 3 X 13 X 2 cm. (figure 1). The upper plate of each 
chamber was maintained at a negative potential of 500 volts; the lower 
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plate was connected through the ground to the positive side of the source. 
The upper plate was removable. Two similar, Drechsel type, gas-wash¬ 
ing cylinders, of 600-cc. capacity and equipped with spray bubblers, held 
the solutions under test. 

A stream of air is forced through an air meter, through the first solution, 
through a glass wool plug and drying tube, and thence into the first col¬ 
lecting chamber. From this chamber, the air passes into a 7-liter carboy, 
where the actinon remaining in the air decays completely, and thence 
through the second solution and collecting chamber. This air stream re¬ 
moves the actinon from the solution of the ore, where it is being formed 
continually, and carries it into the chamber in which the actinon decays 
to produce actinium A. This immediately decays to produce positive ions 
of actinium B, which are deposited in the electric field on the negatively 
charged upper plate. 

Before a run was started, the air was allowed to pass through the solu¬ 
tions and around the chambers through an alternate path; this procedure 
removed any radon that might have accumulated in the solutions. The 
air was then shunted into the chambers by manipulating the stopcocks, 
and the upper plates charged by a small generator. The runs were all 
of one hour duration, for which time the air flow was between 120 to 180 
liters. 

The upper plates were then removed and their activities determined 
alternatively in a Wulf (10) bifilar, quartz fiber electroscope. In order 
for the plates to be placed inside of the ionization chamber of the electro¬ 
scope, they were constructed in two sections, mortised together (figure 1). 
This joint was broken and each section set in place in a specially con¬ 
structed glass rack, which fitted rigidly into the ionization chamber of the 
electroscope. Four values of the activity of each plate were determined 
for accurate time intervals after the conclusion of the deposition. 

Although the time taken in reading the electroscopic drift was from 0.5 
to 6 minutes, the decay of actinium B is so rapid that only the average 
activity is gotten for that time interval. In order to obtain the instan¬ 
taneous activity for the time at which reading is begun, the following 
formula must be applied: A = At!{\ — whereA is the instantaneous 
activity, A is the average activity which is obtained from reading the elec¬ 
troscope, t is the time interval of the reading, and X is the decay constant 
of actinium B. 

After these four values of instantaneous activity for each deposit have 
been calculated, they are extrapolated back to zero time by means of the 
formula: -4© = Ae^\ where .4© is the activity at the conclusion of the de¬ 
position, A the instantaneous activity at the time f, t the time elapsed 
between the conclusion of the deposition and start of the reading of the 
electroscope, and X the decay constant of actinium B. These four values 
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for the activity of each deposit were averaged^ and the ratio of the ac¬ 
tinium in the two solutions under test was obtained. Four such runs were 
made for each solution of mineral, giving a ratio which was the mean of 
four means, or which depended upon sixteen individual readings. The 
ratio of the uranium in the two solutions was obtained from results of 
gravimetric analysis of the minerals. 

Special care was taken to make the volume of air between the solution 
and the collecting chamber as nearly equal as possible for the two sections 
of the apparatus. Before the apparatus was used for the determinations, 
it was tested by determining the activity relation between the halves of a 
solution prepared by dissolving 200 g. of carnotite ore. The activity of 
the deposits from these two halves checked closely. Two gas meters were 
used, one at the source of the air stream and the other at the exit. Check¬ 
ing values were obtained for the amount of air entering and leaving the 
apparatus. 


MATERIALS AND RESULTS 

Two carnotites, three pitchblendes, one soddite and one thorianite, four 
of which were from the same samples used by Wildish (9) and two of which 
were from the same samples used by A. von Grosse (11), were used for the 
minerals whose relative actinium-uranium ratios were determined by our 
experiments. 

One method applied to all of these minerals to get them into solution. 
In each case the mineral was digested in hot concentrated hydrochloric 
acid-nitric acid for forty-eight hours. The residue was then filtered from 
the solution, and fused with sodium carbonate containing a small amount 
of barium chloride. After leaching the fused mass with water, the car¬ 
bonate residue was filtered off, taken into solution with hydrochloric acid 
and added to the original solution. If a residue remained after the hydro¬ 
chloric acid treatment of the carbonate residue, it was again fused, etc. 
The filtrates from the leach solutions showed an absence of actinon when 
tested by subjecting them to a run similar to that used with the ore solu¬ 
tions. 

Of these seven minerals, only two contained thorium in sufficient quanti¬ 
ties to require correction for the activity of thorium B, which was deposited 
simultaneously with the actinium B. Actinium B decays to a negligible 
value in 3 hours, while thorium B requires several days. The activity of 
thorium B can be gotten 5 hours after its deposition, free from the activity 
of actinium B, and can be extrapolated back to the times of reading the 
activities of the mixture. In this way the values of the activities of the 
actinium B can be obtained for the minerals containing thorium. The 
smallness of the chambers and the high rate of air flow allowed for the 
activities of actinium B and thorium B to be present in about equal 
amounts at the time of the readings. 
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Since solution III, soddite, was used in the first solution cylinder 
throughout the course of our experiments, and the activities of the other 
solutions were compared with it, we arbitrarily referred to it as having an 
actinium-uranium ratio of unity. However, since solution V, G. B. L. 
pitchblende, was a portion of a sample whose uranium content had been 
determined very accurately, the ratios were converted so as to refer to it 
as having an actinium-uranium ratio of unity. 

Table 1 summarizes the results of our experiment. 


TABLE 1 

Actinium-uranium ratio in minerals 
Experimental values 


MINERALS 

SOLU¬ 

TION 

NO 

PER 

CENT OF 
URANIUM 
ELEMENT 

URANIUM 

IN 

SOLU¬ 

TION 

RATIO 

U/UlU 

RATIO 

Ac/Acju 

RATIO 

Ac/U 
III AS 
UNIT 
RATIO 

RATIO 

Ac/U 

Vas 

UNIT 

RATIO 

Carnotite*.. . 

I 

30 6 

gramit 

30 6 

0 873 

0 661 

0 753 

0.809 

Carnotite t. 

II 

18 6 

18 6 

0 532 

0.401 

0.756 

0 811 

Sodditel. 

III 

43 8 

35 0 

1 000 

1 000 

1.000 

1 072 

Pitchblende, Bohemian§ 

IV 

62 4 

27 2 

0 777 

0.725 

0 931 

0 998 

Pitchblende, G. B. L.K 

V 

60 6 

30 3 I 

0 864 

0.804 

0.933 

1 000 

Thorianite** ... . 

VI 

26 7 

26 7 

0 763 

0.688 

0 902 

0.967 

Pitchblende, WilberforceU.. 

VII 

53 5 

53 5 

1 546 

1.527 

1.012 

1 

1.085 


• Naturita, Colorado; analyzed at the University of Missouri. 

t Colorado; Wildish, 1930 (ratio of 5,16). 

t Belgian Congo; Wildish, 1930. 

§ Bohemia; Wildish, 1930. 

% Canada; analyzed at the University of Missouri. 

Ceylon; Wildish, 1930. 

tt Canada; G. P. Baxter, 1930, from the same lot used for the Wilberforce lead 
atomic weight determination. 

DISCUSSION AND CONCLUSION 

The camotites, solutions I and II, gave values for the ratio distinctly 
lower than the other minerals. Carnotite is generally considered a second¬ 
ary mineral, is not compact, and is susceptible to leaching processes. For 
these reasons, the camotites were excluded from the discussion of the con¬ 
stancy of the actinium-uranium ratio. 

The individual experimental values for the *‘ratio Ac/Acm’’ are obtained 
from sixteen readings. These readings had a maximum deviation from 
their mean not exceeding 5 per cent. Since the uranium was determined 
gravimetrically, the error would be negligible in comparison with this devia¬ 
tion. Therefore, for our experiments, we place 6 per cent as our probable 
error. However, for the five minerals other than the camotites, the maxi- 
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mum deviation from the mean of the “ratio Ac/U” is slightly below 6 per 
cent. This falls slightly outside of the value set as experimental error. 

The results of our experiments seem to justify the conclusion that the 
ratio of actinium to uranium for the minerals examined is a constant. 
And since our minerals are representative, we venture to add that the ratio 
is a constant for all unaltered minerals. However we must add that our 
method limits us to only a constant ratio and prohibits the assi^ment of 
any numerical values to this constant. 
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INTRODUCTION 

Aldehydes are of considerable importance in the mechanism of the 
oxidation of most gaseous organic compounds. As a result a considerable 
amount of work has been done on the oxidation of gaseous acetaldehyde 
(1, 3, 4). The acetaldehyde oxidation, however, is complicated and the 
mechanism is by no means clear. It is therefore of interest to investigate 
the oxidation of other aliphatic aldehydes where some of these complica¬ 
tions might be absent. The present paper deals with the kinetics of the 
oxidation of gaseous propionaldehyde, 

EXPERIMENTAL 

The reaction was investigated by introducing propionaldehyde and 
oxygen separately into a heated vessel and observing the rate of change of 
pressure as the reaction proceeded. The apparatus was similar to that 
used in a previous investigation (3). The required temperatures were 
obtained by means of an electric furnace, the reaction vessel, a 200-cc. 
Pyrex bulb, being packed into the furnace with coarse iron filings to ensure 
uniformity of temperature. The temperature was measured with a 
standardized mercury thermometer, and could be maintained constant to 
within 1°C. 

Propionaldehyde from three sources was used, viz., Kahlbaum, Eastman 
Kodak, and Eimer and Amfnd. In each case it was purified by fractional 
distillation. The three samples gave identical results. Commercial 
oxygen was obtained from cylinders. It contained 6.4 per cent nitrogen, 
and was purified merely by drying with phosphorus pentoxide. 

EXPERIMENTAL RESULTS 

The reaction was investigated from 120®C. to 170°C. No appreciable 
effect due to the aging of the reaction vessel was noticed after the first 
ten or fifteen runs. It was also found that neither the degree of evacuation 
nor the temperature at which this was carried out had any appreciable 
effect on the succeeding run. 
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In all runs reported here, oxygen-aldeh 3 rde mixtures were made up by 
introducing the reactants separately into the reaction bulb. (The order of 
admission had no effect.) This was done because it was found that the 
maximum pressure decrease associated with the reaction was diminished 
about 15 per cent, and the rate of reaction was diminished by about 40 per 
cent, if the reactants were mixed outside the reaction bulb in the presence 
of a mercury manometer. Tests showed the presence of peroxides under 
these conditions. 

The pressure change accompanying the reaction 

As the reaction proceeded the pressure diminished. The maximum 
decrease amounted to about 73 per cent of the initial partial pressure of the 


TABLE 1 

Maximum pressure decrease 


TSMPSRATUBl 

OXTGXN-ALDIHYOI RATIO 

INITIAL PARTIAL ALDB- 
HTDB PBBBSUBB 

lIAZniUM PBBMUBB 
OBCBBABB 

i9gree9 C. 


cm, j 

percent 

150.8 

2.52 

20.00 

73 

150.8 

1.05 

20.00 

69 

150.8 

4.39 

12.00 

74 

150.8 

1.36 

12.00 

71 

150.8 

1.01 

8.85 


150.8 

1.06 

9.40 

68 

150.8 

0.90 

8.85 

63 

150.8 

0.76 

8.75 

52 

150.8 

1.23 

5.65 

63 

139.1 

2.86 

20.00 

75 

139.1 

3.54 

12.00 

71 

125.3 

2.87 

20.00 

74 

125.3 

1.96 

20.00 

76 


aldehyde. The preskire then slowly rose agaib. The maximum pressure 
decreases obtained in a number of typical cases are shown in table 1. 

As shown in table 1, the maximum pressure decrease is constant and 
independent of the experimental conditions, provided that (a) the partial 
aldehyde pressiu*e is not much below 8 cm., and (b) the oxygen-aldehyde 
ratio is not much below 1.00. In as much as the {nessure decrease is 
followed by a pressure increase, it is evident that the reaction proceeds in 
stages. Since in most cases tiie maximum deoreeuae is constant, however, 
there is no doubt that it is justifiable to use the rate of pressure change as a 
measure of the rate of reaction. In the cases where the full pressure 
decrease is not reached, it is probably justifiable to employ the same 
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criterion of reaction if we consider only the early part of the process. In 
consequence we have used the time for the pressure to change from a 16 
per cent decrease to a 30 per cent decrease as a measure of the rate of 
reaction. 


The rate of reaction 

Complete data for some typical runs are given in table 2, and are plotted 
in figure 1. It will be seen that as is usual in gaseous oxidation reactions, 
there is a small induction period. 

Table 3 gives values for Tao — Tu under various conditions. 



Fio. 1. Typical Fbessube-Time Cubves 
Temperature, 160.8°C. Curve 1: CjHtCHO, 20.0 cm.; Os, 60.4 cm. Curve 2; 
CtHtCHO, 9.7cm.; Ot, 38.8,cm. 

The effect of pressure 

For any given oxygen-aldehyde ratio, the effect of the total pressure 
on the rate corresponds to an order of about 2.0. The effect of the oxygen 
concentration on the rate of the reaction is shown by figure 2, in which 
Tan — Tn is plotted against the oxygen-aldehyde ratio for various constant 
initial partial pressures of aldehyde. It will be seen that the rate is 
virtually independent of the oxygen concentration if the oxygen-aldehyde 
ratio is above 2.0. When the oxygen concentration is reduced below this 
value, the rate is somewhat diminished. 
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TABLE 2 

Data for typical runt at IBO.f^C. 


/’aid., 0 70 CM.; Ot/ALDIIBTDB, 4.00 

Paid., 20.00 CM.; Os/aldbbydB, 2.02 

Time 


Per cent AP 

Time 

-AP 

Per cent AP 

minutei 

cm. 


mintUea 

cm. 


0 

0 


0 

0 

0 

0.5 

0.12 

1.2 

0.5 

0.60 

3.0 

1 

0,28 

2.9 

1 

1.80 

9 0 

1.5 

0.45 

4.6 

1.5 

3.85 

19.3 

3 

1.34 

13.8 

2 

4.60 

23.0 

4.5 

2.05 

21.1 

3 

6.65 

33.3 

7.25 

3.24 

33.4 

4 

8.15 

40.8 

12.5 

4.65 


10 

12.00 

60.0 

18.5 

5.70 

58 8 

20 

14.50 

72.5 

28.5 

6.50 

67 0 

30 

14 85 

74.3 

73.5 

7.25 


40 

14 96 

74.8 

1680 

5.05 

mSm 

50 

14.60 

73.0 



T30-T^5 

Fig. 2. Effect of Oxygen Concentration 
Temperature, 150.8®C. 

Figure 3 shows the eflFect of varying the aldehyde concentration while the 
oxygen concentration is kept constant. The values are given in the form 
of a log-log plot. From the slopes of the lines the order with respect to 


















OXIDATION OF GASEOUS PROPIONALDEHYDE 


1193 


aldehyde is found to be between 1.8 and 2.1. Hence, provided the oxygen 
concentration is not too low, the rate can be approximately expressed by 


d(C2H5CHO) 

dl 




TABLE 3 


Reaction rate data 


TEMPBRATUBE 

PARTIAL ALDEHYDE 
PRESSURE 

OXYGEN 

Tjo - Txi 

ALDEHYDE 

iegreen C. 

cm. 


eeconda . 

150 8 


2 52 

85 

150.8 


1 68 

80 

150 8 

20.00 

1 05 

no 

150 8 

12.oa 

4 39 

155 

150.8 

12 00 

4 37 

156 

150 8 

12 00 

2 58 

157 

150.8 

12 00 

1.36 

184 

150 8 

8 00 

5 46 

260 

150.8 

8 00 

5 75 

260 

150.8 

8 00 

3 17 

270 

160.8 

8.00 

2 10 

256 

150 8 

8.00 

1.32 

297 

150.8 

4.00 

5 64 

602 

160.8 

4.00 

3 02 

502 

150.8 

4 00 

1.86 

546 

167.4 

12 00 

3.00 

76 

167,4 

8.00 

4 00 

128 

139.1 

20,00 

2.86 

134 

139 1 

20.00 

1.62 

144 

139 1 

20.00 

1.62 

142 

139 1 

12.00 

3.54 

280 

139.1 

12 00 

2 42 

282 

139.1 

8 00 

3 20 

508 

125.3 

20 00 

! 

1.96 

260 

125.3 

20.00 

2 87 

266 

150.8 

8.00 

2.58* 

320 

160 8 

20.00 

1.17* 

111 


* Nitrogen added in an amount equal to that of the oxygen. 


The temperature coefficient 

The temperature coefficient of the reaction has been inferred from three 
series of runs at constant aldehyde pressures of 20, 12, and 8 cm., using 
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Fig. 3. Effbct op Peopionalbehyde Concentbation 
Temperature, 150.8°C. Curve 1, P©! “ 20 cm. Curve 2, P 02 “ 40 cm. 



oxygen-aldehyde ratios in the region in which the rate is almost inde¬ 
pendent of oxygen. The results are shown in figure 4, in which log 
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(Tso — Tie) is plotted against the reciprocal of the absolute temperature. 
From the slopes of the lines we obtain the following values for the apparent 
heat of activation: 

■^aldehyde E tn calories per gram-mole 

20 cm. 15,700 

12 cm. 16,200 

8 cm. 14,400 

Mean = 15,400 

The products of the reaction 

Some analyses of the gaseous products of the reaction are given in table 4. 
In order to refer the quantities of gaseous products back to the partial 
pressures which they exerted in the reaction vessel, runs were made with the 


TABLE 4 

The gaseous products of the reaction 


TBMPERATURIQ 

ALDEHYDE 

PRESSURE 

OXYGEN- 

ALDEHYDE 

RATIO 

O 2 

CO 2 

CO 

CO 2 

CO 

degrees C*. 

cm. 


per rent 

per cent 

per cent 


152 

20.0 

1 20 

47 

27 

13 

2 1 

153 

20 0 

2 05 

78 

9 

5 

1.8 

150 

20 0 

1 16 

51 

27 

13 

2 1 

151 

20 0 

1 35 

66 

17 

7 

2.4 

139 

30 2 

1 60 

73 

13 

5 

2 6 

139 

30 0 

1.54* 

55 

34 

4 

8 5 


* Reaction mixture allowed to stand at 139®C. for 15 hours. 


addition of definite amounts of nitrogen. Thus two runs at 150.8°C. with 
oxygen-aldehyde ratios of 1.16 and 1.35 gave the following results: 

(a) ICaHftCHO -f 0 980a =* 0 llCOa + 0.05CO + 1 00 Condensable 

(b) ICaHftCHO + 0 8702 « 0 ISOOa + 0 05CO + 0 94 Condensable 

Hence, from a material balance, we find that the condensable products 
consist of (a) C 2 . 84 H 6 O 2 . 69 , and (b) C 2 . 82 H 6 O 2 . 43 . On chemical grounds the 
most probable product is propionic acid. On the basis of the carbon above, 
this has the formula C 2 . 82 H 6 . 64 O 1 . 88 . This leaves unaccounted for (a) 
Ho.860o.8i, and (b) Ho.seOo.ss. If a small amount of complete oxidation 
occurred, it would result in an amount of water equal to the CO + CO 2 , 
i.e., 0.16 and 0.18 H 2 O, respectively. This is in exact agreement with the 
hydrogen unaccounted for above. We still have unaccounted for (a) 
Oo.es, and (b) Oo.st. This can obviously be accounted for by assuming the 
formation of soiy j ^jerpropionic acid. This would have the formula 

THB JOURNAl/j^ PHYSICAL CHfiftlTSTBY, VOL. 38, NO. 9 
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C 2 . 82 H 6 . 64 O 2 . 82 . If the exbess oxygen were used in this way, we would 
have (a) 67 per cent perpropionic acid, and (b) 40 per cent perpropionic 
acid. The overall reaction is therefore 

(a) IC2H5CHO 4- 0.9802 » O.IICO2 + 0.05CO + O.I6H2O 4* O.SeCjH^COOOH 

4- 0.28CaH6COOH 

(b) laHfiCHO 4- 0.87Oa « O.I 3 CO 2 + 0.05CO 4- O.lSHaO 4- O.SOCaHaCOOOH 

4- O .46C2H6COOH 

The presence of acids in the condensable products was confirmed by 
carrying out a run at 150.8®C. and removing the reaction bulb. The bulb 
was then thoroughly washed with distilled water and the washings titrated 
with 0.05 N sodium hydroxide. The results indicated approximately 1 
molecule of acid for each molecule of aldehyde disappearing, as required 
by the above scheme. 

A similar experiment was then carried out, the washings being analyzed 
for per acids using a neutral solution of potassium iodide and titrating the 
liberated iodine with 0.05 N sodium thiosulfate. Approximately 50 per 
cent of the total acid was found to be per acid, again confirming the above 
scheme. 

In addition to the above products, traces of esters were detected by their 
odor. It has previously been shown (2) that ethyl propionate is a product 
of the decomposition of perpropionic acid. The formation of this com¬ 
pound would be accompanied by the formation of carbon oxides and water 
in equal quantities, and hence necessitates no modification in the above 
calculations. 

Hence the predominant reaction under investigation is 
CaHfiCHO + 02 = CjHfiCOOOH 

followed by the formation of propionic acid from the per acid, or from a 
reaction between the per acid and the aldehyde. 

The effect of surface 

Runs were also made in a bulb packed with short lengths of Pyrex 
tubing, so as to increase the surface-volume ratio to about six times its 
former value. It was found that the reaction process was completely 
altered in the packed bulb. Aging effects were noticed, but after the 
surface had reached a steady condition it was found that the reaction now 
led to a pressure increase of about 15 per cent. It therefore appears that 
the chain process in the empty bulb has been wholly or partially replaced 
by a heterogeneous reaction. 

It has previously been shown that in the empty bulb the pressure after 
its initial decrease then slowly rose again. As shown by table 4, this in¬ 
crease in pressure was accompanied by the production of a large amount of 
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carbon dioxide. Analyses of the products from runs in the packed bulb, 
where there was also a pressure increase, showed the same preponderance 
of carbon dioxide. It thus appears probable that the secondary process 
in the empty bulb is also a surface reaction. 

Explosions 

There was no evidence of any critical explosion limits. Increased tem¬ 
perature and aldehyde concentration caused a progressive increase in the 
rate without any sign of a discontinuity. 


DISCUSSION 

As shown above, the main reaction is the oxidation of propionaldehyde 
to the per acid, followed by the formation of propionic acid from the per 
acid. The formation of the per acid would lead to a pressure decrease of 
100 per cent, while the formation of propionic acid would give 50 per cent. 
Both reactions must thus occur, since the observed pressure decrease is 
about 75 per cent, but they are not necessarily independent processes. 
This point will be referred to again later. 

There is no doubt that the main process involved is a chain reaction. 
This is shown by analogy with other gaseous oxidation reactions, and also 
by the characteristic form of the differential equation expressing the rate. 

The heat of activation is 15,400 calories. This is considerably lower 
than that corresponding to a bimolecular reaction proceeding at an equal 
rate in the same temperature range. This, however, is a quite common 
characteristic of a chain reaction, since the heat of activation is a composite 
one and includes the temperature coefficient of the chain length. 

One common criterion of a chain process is the suppression of the reaction 
by packing. In this case little information can be obtained from the 
results in the packed vessel, since the course of the reaction is completely 
altered. It appears, however, that the deactivating effect of the walls is 
not very pronounced. This is shown by the reproducibility of the results, 
and by the fact that inert gases, including excess oxygen, have little in¬ 
fluence on the rate.’ 

The mechanism of the reaction 

As we have seen the rate of the reaction is given by 


(KCaH.CHO) 




On the basis of the Bodenstein scheme (1) for the oxidation of acetaldehyde 
we have 


A = A* 

A* + O 2 » P* 

P* » A* + O 2 


( 1 ) 

( 2 ) 

(3) 
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P* + A - P + A* 

P* + K - P + K* 

P* + O, - P + O, 

P* - P (wall) 

where A represents aldehyde, P per acid, and K a negative catalyst. 

In the absence of a negative catalyst, this leads to 

_ _ K,K, (A)« 

dt “ K.(0,) + K,kI 

This equation disagrees with the experimental results in that it ascribes a 
retarding effect to oxygen. The only way to avoid this would be to assume 
that K^l is very much greater than 1^6(02). This, however, is not here a 
valid assumption since it has been found that the wall effect (K^) is small. 

Any attempt to get over this diflBiculty by making minor modifications in 
the scheme is impossible. On the Bodenstein scheme the only fate of A* 
is to react with oxygen. Hence oxygen exerts no favorable effect on the 
chain propagation to balance its deactivating effect, and thus it will always 
appear in the denominator. 

To avoid this difficulty it is necessary to make a fundamental alteration 
in the initiation step, as follows: 


A + O2 - P* 

(1) 

P* + A * P -f A* 

(2) 

A* -f- O2 - P* 

(3) 

P* + O2 - P + O2 

(4) 

P* « P (wall) 

(5) 


The alteration made here is to abandon the assumption of independent 
activation of the aldehyde, and substitute the more usual idea of an initial 
bimolecular step. Whence we have 


(4) 

(4) 

(5) 

( 6 ) 


d(A) 


K,(A)(02) + K2(F*) (A) 


Evaluating the concentrations of unstable intermediate substances by 
equating their rates of formation and destruction in the steady state, we 
obtain 


d(A) 

dt 


Ki{A) (Ot) ■+* 


KrK^(A)^ m 
^^4(02) + Kh 


Neglecting K^, since the wall effdct is small, and dropping the first term, 
since the chain-starting step is negligible compared to the chain-carrying 
step, we have finally 

d(A) K,K,(A)* 
d^ " Ki 

which agrees with the experimental results. 
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It has been previously mentioned that propionic acid is also formed. If 
this results from a secondary decomposition of the per acid, the formation 
of the per acid will be the rate-determining step, and the above equation 
will still hold. 

It is, however, possible that propionic acid arises from the reaction of 
aldehyde and per acid, as an integral part of the chain process. If so, we 
can account for the observed concentration relationships by the addition 
to the above scheme of the following steps: 

P* -f A « S* + S (6) 

S* + A « S 4- A* (7) 

where S represents propionic acid. This leads to the final equation 

^ 2K,KdAy 

dt~ K, 

which is again of the right form. It seems likely that this is the way in 
which propionic acid arises, since a straight decomposition of perpropionic 
acid does not normally yield propionic acid (2). 

The oxidation of acetaldehyde 

As mentioned at the outset, it was hoped that this work might throw 
some light on the oxidation of acetaldehyde. It turns out in fact that the 
propionaldehyde oxidation is essentially similar to that of acetaldehyde, 
but lacks most of its complications. Thus both give per acids as the 
primary product. Both are accompanied by a pressure decrease, followed 
by an increase in the later stages. Both reactions have a low apparent 
activation energy, and there is no doubt that they proceed by chain 
mechanisms. 

In addition the concentration terms in the expression for the rate are 
strikingly similar for both. Thus the propionaldehyde reaction rate is 
proportional to the square of the aldehyde concentration and independent 
of that of oxygen, while the acetaldehyde reaction is proportional to 
(aldehyde)^ ’, and independent of oxygen. 

The objections to the Bodenstein mechanism outlined above apply with 
equal force to the acetaldehyde oxidation. In view of the great similarity 
of the two reactions there is little doubt that they proceed by analogous 
mechanisms. It is therefore suggested that the scheme outlined above 
applies also to the main chain process in the acetaldehyde oxidation. 

The acetaldehyde oxidation, however, is complicated by a pronounced 
induction period. A similar effect is noticed in the propionaldehyde oxida¬ 
tion in the first few runs in a new reaction vessel. When the walls have 
aged (presumably owing to irreversible adsorption of products), the induc¬ 
tion period practically disappears. It is apparent therefore that the 
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induction period with acetaldehyde may be explained by assuming that 
poisoning of the walls is a necessary preliminary to the propagation of 
chains. 


BVMMART 

The kinetics of the oxidation of gaseous propionaldehyde have been 
investigated from 120°C. to 170°C. by a static method. The reaction is a 
chain process and is similar to the oxidation of acetaldehyde. The rate is 
proportional to the square of the aldehyde concentration, and independent 
of that of oxygen. The apparent heat of activation is 15,400 calories per 
gram-molecule. 

The following mechanism is suggested for the oxidation of aldehydes: 


RCHO + O 2 

= RCOOOH* 

(1) 

RCOOOH* + RCHO 

« RCOOOH + RCHO* 

(2) 

RCHO* + O 2 

« RCOOOH* 

(3) 

RCOOOH* 4“ O 2 

» RCOOOH + O 2 

(4) 

RCOOOH* 

- RCOOOH (wall) 

(6) 

RCOOOH* + RCHO 

= RCOOH* + RCOOH 

(6) 

RCOOH* -h RCHO 

* RCOOH + RCHO* 

(7) 


In the absence of deactivation at the wall, this leads to 
_ d(RCHO) _ 2g,g.(RCHO)« 

in agreement with experiment. 
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This study was undertaken with a view to accumulating additional 
evidence to support the capillary theory of adsorption (7). It was thought 
that support of the theory might be gained by the study of the adsorption 
of substances above and below the melting point. The reasoning was as 
follows: Above the melting point the adsorbed material would be in the 
liquid state and consequently the probability of its wetting the adsorbent 
would be greater than if it were in the solid state. If wetting occurred, 
then the curvature of the adsorbed material in the minute pits or capillaries 
of the adsorbent would be such as to produce a decrease of vapor pressure 
due to the tendency of the free surface energy to assume a minimum value. 
From this reasoning, it would be expected that the adsorption of vapors 
should increase at the solid-liquid transition point of the material adsorbed. 
In other words, the adsorption isotherm should exhibit a decided break in 
the curve at or above the melting point of the adsorbate. 

The next question raised was that concerning the melting point of 
substances in small capillaries. Inasmuch as capillarity greatly influences 
the vapor pressure of highly curved surfaces, it follows immediately that 
the melting point must also be different in such a state than it is in bulk. 
These questions have been treated in detail in a later section of this paper. 
In this connection it is interesting to note that a recent paper by Kubelka 
(4) discusses this same subject. This article came to our attention after 
the completion of our experimental work. 

Studies on solid adsorption (3) in which the adsorbent was kept well 
below the normal melting point of the substance adsorbed have been 
conducted in this laboratory. In the present work the adsorbent (silica 
gel) was kept below and above the normal melting point of the substance 
(iodine) adsorbed. 

In order to facilitate the measurements a quartz fiber balance which 
has been described by McBain and Bakr (6) and by Cameron (1) was 
employed. 

' From the disaertation submitted by W. E. Land to the Faculty of Philosophy of 
The Johns Hopkins University in partial fulfillment of the requirements for the 
degree of Doctor of Philosophy. 
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APPARATCB 

The apparatus used in these measurements is repres^ted diagrammati- 
cally in figure 1. The balance and gel were contained in a large glass tube, 
A, mounted in an air thermostat, T. A glass support, B, having sealed-in 
iron rods, on which the platinum bucket containing the gel rested, could be 
raised and lowered by means of a solenoid. This device was used so that 
the gel could be activated at rather high temperatures without affecting 
the balance. One hook of a small cylinder, C, supported the fiber balance, 
while the other was used for lowering in place with the aid of a thread 
or wire. 

A second air thermostat, T', contained the substance to be adsorbed in a 
50-cc. fiask, D. The purpose of a similar flask, E, will be explained later. 
The glass tubing connecting tube A with flask D was wrapped with nich- 
rome wire and heated electrically to prevent condensation of vapors. For 



the same reason it was also heated from the thermostat, T, to constriction, 
f. This tubing contained an inner seal, G, which was broken at the proper 
time by a small pointed glass tube containing a sealed-in iron rod. The 
latter was raised to a suitable height by a magnet and allowed to fall on 
the seal. The side arms, F and H, were constricted so that they could be 
readily sealed from the pumps. Omission of stopcocks from the essential 
parts of the adsorption apparatus was necessary for two reasons: (1) 
continuous heating of glass; (2) action of vapors on grease. A trap, I, 
surrounded with a mixture of etiier and dry ice, was inserted between the 
parts to be evacuated and the H-tube, J. This trap prevented the diffu¬ 
sion of foreign vapors and allowed the iodine to be distilled from the flask 
D to the trap I. In this manner the vapor of this substance could be swept 
through the apparatus. 

The temperature of thermostats T and T' (figure 1) was automatically 
controlled within ±0.2°C. by a mercury regulator and heating unit. 
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'Thermometers used for both thermostats were calibrated. A motor- 
driven stirrer produced the necessary circulation. 

The dimensions of the spring used in this work were as follows: average 
diameter of fiber, 0.010 in.; diameter of coils, 2 cm. The number of 
coils was twentynseven. To relieve any strains, this spring, with an 
added load of about 0.6 g., was annealed for three days at 280°C. 

The container for the adsorbent and also for the weights used in the 
calibration was made from platinum foil 0.0005 in. in thickness. This 
foil was made into a small bucket, the handle of which was No. 32 platinum 
wire. The finished bucket weighed 0.28 + g. 

Preliminary experiments were conducted to determine whether there was 
any reaction between the platinum foil and the substance (iodine) adsorbed. 
Under the experimental conditions no appreciable reaction was detected. 

The balance was calibrated over a period of one month at temperatures 
which covered the experimental range, and the initial and final calibrations 
were within experimental error. Since the cathetometer used for measur¬ 
ing the extension of the balance could be read to within 0.03 mm., differ¬ 
ences in weight of 0.1 mg. could be estimated. 

A McLeod gauge, with which pressures of 10~^ mm. could be read, was 
used to determine the degree of evacuation before sealing. Two mercury 
diffusion pumps, connected in series, and an oil pump, with suitable traps, 
were used in all cases to obtain a high vacuum. 

EXPERIMENTAL 

Commercial silica gel, the particles of which were of uniform size, was 
selected and purified in the following manner. The gel was treated with 
concentrated nitric acid and heated, with constant stirring, to the boiling 
point. The nitric acid was poured off after the gel settled. This was 
repeated several times to remove large foreign particles. It was then 
refluxed with concentrated nitric acid for th^ee days, washed with distilled 
water for several days, and dried in an oven at 110°C. 

Mercury used for the McLeod gauge, etc., was carefully cleaned and 
distilled. Chemically pure iodine was further purified according to the 
method of Lundell, Hoffman, and Bright (5). 

The purified gel, contained in an evaporating dish, was partially acti¬ 
vated by placing it in a cylindrical furnace continuously heated to 320°C. 
A stream of nitrogen gas, dried with sulfuric acid and calcium chloride, was 
passed over the heated gel for two days. About 0.5 g. of this gel, weighed 
in the platinum bucket, was lowered on support B (figure 1) into a long 
glass tube. A, having two small side arms. The balance hanging on the 
support C was next lowered in place and the top of A closed. Connections 
with this tube were then made as shown in figure 1. 

The system was evacuated to the inner seal, G, through side arm, F. 
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During this evacuation the gel was heated to about 350°C. by a small 
cylindrical furnace. Since it is very necessary to remove permanent gades, 
all glass tubing was continuously heated at temperatures higher than those 
at which adsorption isotherms were run. Evacuation and activation of gel 
usually required from three to five days. The McLeod gauge showed the 
pressure to be 5 X 10““® mm. of mercury before constriction f was sealed. 

In order to remove moisture before the introduction of iodine, the re¬ 
mainder of the system was baked and evacuated through the side arm H. 
This part of the system was then disconnected from the pumps by closing 
stopcock K. To exclude moisture, capillary r was broken through rubber 
tubing connected with two calcium chloride towers. A thin glass bulb on 
the side arm s was next broken and an excess of pure dry iodine quickly 
introduced into flask E. After having sealed both capillary r and side 
arm s, flask D was surrounded with dry ice. To remove permanent gases, 
the pumps were kept running while the iodine was being distilled. By 
gently heating E with an incandescent lamp, this distillation required 
about four hours. Flask E was then sealed off at constriction t, and the 
evacuation continued for several days. With the McLeod gauge showing 
about the same pressure as above, constriction h was sealed. 

The bucket containing the gel was then hung on the balance and the 
weight of activated gel obtained from the extension it produced. 

After the thermostat containing the gel was brought to the desired tem¬ 
perature and the iodine was surrounded with a mixture of ether and dry ice, 
the inner seal, G, was broken. There was no weighable adsorption at this 
temperature. The influence of the variation in the pressure of the iodine 
upon the amount of adsorption was studied by varying the temperature of 
the iodine. The iodine was first surrounded writh a mixture of ice and 
water. Higher temperatures, chosen to give suitable. points on the 
adsorption curves, were obtained by means of thermostat T'. In order to 
prevent ordinary distillation of the vapor, it is always necessary to keep 
the gel at a slightly higher temperature than the iodine. 

Values given in the literature (2) enabled a vapor pressure-temperature 
curve to be plotted, from which the pressures of iodine at these tempera¬ 
tures were obtained. 

Before each run the system was reSvacuated and the gel activated. 
This was accomplished by renewing the side arm F. It is not necessary to 
replace the broken inner seal, G,. since the gel can be completely desorbed 
by surrounding the iodine with W ether-dry ice mixture. This arrange¬ 
ment also permitted iodine vapor to be swept through the system. 

Adsorption isotherms were obtained at 70®, 92.6®, and 115®C. Imme¬ 
diately after the maximum adsorption was reached, for a particular run, 
the gel was desorbed by decreasing the temperature of the iodine. In each 
case, several values were obtained which agreed, within experimental error, 
with those for the adsorption process. 
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An isobar was obtained by keeping the temperature of the iodine con¬ 
stant and varying that of the gel. The vapor pressure of the iodine cor¬ 
responding to this constant temperature was 17 mm. 

The same sample of gel was used for these runs. 

TABLE 1 


Adsorption of iodine 


p 

xfm 

V 1 

xfm 

mm. Hg 


nim Hg 


T « 70°C.; weight of gel sample * 

T * 115°C.; weight of gel sample =* 

0.5700 g. 

0.5700 g. 

0.03 

0 0004 

0 97 

0.0014 

0.471 

0 0035 

1 95 

0 0030 

1.03 

0 0075 

2 90 

0 0039 

1 50 

0 0105 

4 75 

0 0060 

2 16 

0 0144 

6 80 

0 0077 

2 95 

0 0179 

8 90 

0 0102 

4 31 

0 0277 

11 02 

0 0126 

Desorption 


13 50 

0 0158 

2.16 

0.0144 

15 00 

0 0170 

1.03 

0.0088 

16 75 

0 0189 

0 03 

0 0009 

18 50 

0.0210 



20.45 

0 0236 



22 90 

0 0268 



24 40 

0 0280 



32 00 

0 0360 



Desorption 




20 45 

0 0233 



15 00 

0 0175 



8 90 

0 0119 

Run No. 2. T — 92,5°C.; weight of gel 

Run No. 3. T =* 92.5°C.; weight of gel 

sample = 

: 0.5700 R. 

sample ** 

0.5700 g. 

1.03 

0 0040 

2 05 

0 0072 

2.05 

0 0074 

6 95 

0 0202 

2 90 

0 0095 

11 02 

0 0316 

4 60 

0 0142 

13 50 

0 0385 

6.95 

0 0202 

15 10 

0 0453 

9 75 

0 0272 

16 30 

0 0561 

11 02 

0 0312 

18 65 

0 0702 

13.10 

0 0378 

20 80 

0 0800 

14.85 

0 0438 

23 30 

0.0082 

15.00 

0 0456 

24 70 

0 1105 

16.95 

0.0575 

Desorption 


16.95 

0 0596 

16.30 

0.0655 

Desorption 


11 02 

0 0319 

11.02 

0 0316 



6.95 

0 0204 



2.90 

0 0102 
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BEI^TS 

The results of this investigation are given in tables 1 and. 2. In each 
table the colunm headed x/m gives the grams of adsorbed material per 

TABLE 2 

AdBorption of iodine 


Pressure of iodine * 17 mm.; weight of gel sample * 0.5700 g. 


T 

x/m 

degrees C. 


85 

0.0930 

92.5 

0.0591 

100 

0.0368 

115 


130 


137.5 

0.0088 



Pressure in mm. TemperoturB in *C. 

Fig. 2. Iodine Isothbbms Fig. 3. Iodine Isobar 

gram of gel and the column headed p gives the equilibrium pressure in 
millimeters of mercury. 

Table 1 gives the results for the three iodine isotherms at 70®, 92.6®, and 
115®C., using the same sample of gel. In this way comparable results can 
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be obtained. Figure 2 shows graphically the results of the first table. It 
is to be noted that a decided break in the curve of the 92.5®C. isotherm 
occurs at a pressure of about 11 mm. The curve of the 70°C. isotherm 
also bends noticeably upwards. 

In table 2 are given the results of keeping the pressure of the iodine 
constant (17 mm.) and varying the temperature of the gel. These results 
are shown graphically in figure 3. This isobar is a smooth curve showing 
the normal behavior, i.e., a decrease in adsorption with an increase in 
temperature. The value of the water content of the gel was found to be 
2.3 per cent. 

DISCUSSION 

The experimental work was performed in such a manner as to lead us to 
believe that we were in all cases dealing with true equilibrium phenomena. 
This criterion of real equilibrium is important, as so much erroneous 
adsorption theory has been drawn from faulty experimental data. 

Our experiments show that the adsorption of iodine vapor decreases as 
we increase the temperature. This is normal behavior and is not in 
accord with the postulate that we proposed at the outset of this work. 
We expected to find an increase in the adsorption of iodine vapor above the 
normal melting point of iodine. However, we did observe a decided 
increase in adsorption in the case of the 92.5®C. isotherm when the pressure 
of the iodine exceeded 11 mm. We shall limit our discussion to this 
isotherm, inasmuch as experimental conditions made it possible for us to 
work over a sufficient range of pressures only at this temperature. Our 
explanation of the increase of adsorption at 11 mm. pressure on the 92.5°C. 
adsorption isotherm is that, at this pressure and temperature, liquid iodine 
is present in the capillaries of the silica gel, notwithstanding the fact that 
the ordinary melting point of iodine is 21.5°C. higher. It is to be noted 
that our quantitative calculations must necessarily be clothed with con¬ 
siderable uncertainties, owing to our lack of knowledge of the physical 
constants of matter in the state of highly curved surfaces. In other words, 
it is not safe to assume that the density, surface tension, or latent heat of 
vaporization of liquids in very small capillaries are the same as the normal 
values. 

Let us consider the case of solid iodine in contact through the vapor 
phase with liquid iodine wetting a small capillary. The problem is to 
find the temperature at which the two phases of iodine have the same vapor 
pressure. It is known that the surface energy of the liquid iodine will 
operate in such a manner as to reduce the vapor pressure of the liquid. 
Consequently, the temperature of the solid iodine must be reduced below 
the normal melting point (114®C.) in order to maintain equilibrium. If we 
assume that the solid iodine is not affected by capillary forces while the 
liquid iodine is, the thermodynamic treatment is as follows: 
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The change in free energy of the solid and liquid (denoting the states 
respectively by the subscripts s and 1) is, 



“ - SidT +V, dp 


At the melting point dF, = dF{. Here dp is the change in the hydrostatic 
pressure on the liquid and we shall denote it by dn-, 

V, dr - (S, - S.) dT 

Fi dr - dr 

T 

Integrating this expression between the limits jti and vt and Ti and Tt, 

r, (ri - n) - Lf, In 

In other words, we are able to calculate the temperature to which the 
system must be lowered in order to maintain equilibrium when the liquid 
iodine is under a known pressure. 

We are also able to calculate the pressure under which the liquid iodine 
finds itself, owing to the action of the capillary forces, by making use of the 
well-known thermodynamic equation of Gibbs, 

dp V 
dr “ F 

which expresses the variation of the vapor pressure p, with the hydrostatic 
pressure r, in terms of the specific volumes of the liquid v, and the vapor V. 
In our case the anomalous behavior begins at a pressure of 11 nun. and at a 
temperature of 92.5°C. Inasmuch as the following calculations are only 
approximate and as we wish to make sure that we are actually dealing with 
liquid iodine in the pores rather than with a monomolecular adsorbed 
layer which represents the phenomenon during the first stages of the ad¬ 
sorption, we have selected 20 dun. as the equilibrium pressure in our 
calculation. Before we can calculate the lowering of the vapor pressure of 
liquid iodine produced by capillarity, we must first know the vapor pressure 
of liquid or supercooled iodine at this temperature. This can be found by 
an extrapolation of the vapor pressure curve of liquid iodine or by means 
of the Clausius-Clapeyron equation. By neglecting the molal volume of 
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the liquid by comparison with the molal volume of vapor and by assuming 
the vapor to be an ideal gas, the integrated form of this equation is, 


2.3 log - 
Pi 



Assuming the normal value for the latent heat of vaporization, 10,500 cal. 
per mole (International Critical Tables), and substituting the following 
values in the above equation. 


Pi « 90.1 mm. Ti * 114“ -f 273“ = 387“K. 

Ti - 92.5“ + 273“ = 365.5“K. 


it is calculated that liquid iodine at 92.5°C. would have a vapor pressure of 
39.8 mm. Extrapolation of the vapor pressure curve of liquid iodine 
gives the same value. Therefore the lowering of the vapor pressure 
amounts to (39.8 — 20) or 19.8 mm. Substituting the values, 

254 

P 2 — Pi = — 19.8 mm. v = — « 63.5 cc. per mole 

4.0 


TTi 0 


V « — = 11.4 X 10* cc. per mole 
P 

in the integrated form of the Gibbs equation, 

P2 — Pi = ~ (*2 — Tl) 

gives a negative hydrostatic pressure, tt, of 470 atmospheres. To obtain this 
value, we assumed the density of the liquid iodine in the small capillary to 
be the same as that of liquid in bulk. 

If this approximate value of the negative capillary pressure (470 at¬ 
mospheres) is now substituted in the equation connecting melting tem¬ 
perature with pressure as previously developed, and where 

Ti =» 0 y 3= 63.5 cc. per mole 

ir 2 — 470 atmospheres Lf ** 4000 cal. per mole (I. C. T.) 

Ti « 114 + 273 * 387“K. 

a melting temperature T 2 = 323°K. or 50°C. is obtained. A lowering of the 
melting point of iodine of 64°C. (114°C. — 50®C.) is indicated. 

These calculations lead us to the conclusion that we are completely 
justified in our contention that it is possible for liquid iodine to exist in a 
capillary tube in which the vapor pressure of the liquid is only 20 mm. 
We have seen that our calculations would lead us to the conclusion of a 
lowering of the melting point of 64°C. This calculated value of the melt¬ 
ing point lowering cannot be considered as accurate, owing to our lack of 
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knowledge of the proper value of the physical constants of liquid iodine in 
capillaries. We have assumed, for example, the normal density of liquid 
iodine in the capillaries; this is certain to be incorrect, inasmuch as the 
very nature of the change in vapor pressure produced by pressure is pred¬ 
icated upon a change in density of the condensed phase. 

We have shown that it is possible for the liquid state to have a stable 
existence far below the normal melting point, provided sufficiently powerful 
capillary forces are in operation. It is evident that these forces must 
diminish in magnitude as the adsorption increases, i.e., as the pores fill it is 
necessary to assume increasing radii of curvature. Therefore, it is neces¬ 
sary to assume the existence of unstable liquid at some point higher on the 
adsorption isotherm. 


SUMMARY 

1. Measurements have been made of the adsorption of iodine vapor by 
silica gel at three temperatures. 

2. The adsorption isotherm of iodine at 92.5°C. showed a pronounced 
flex upwards when a definite pressure was reached. 

3. The above behavior was explained by the assumption of liquid iodine 
being present in the silica gel and wetting the walls of the same. 

4. The effect of free surface energy on the solid-liquid transition tem¬ 
perature was thermodynamically explained. 
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If considerable intervals elapse between the exposure and development 
of a photographic emulsion kept in a warm humid climate, a flat image is 
usually obtained. Strauss (5) suggested that water vapor might be the 
cause of this lack of contrast, and gave experimental evidence to support 
his view. 

The present paper deals with the r61e of water in the above effect. 

DESTRUCTION OF LATENT IMAGE BY WATER VAPOR 

We have observed that if an Azo emulsion (commercial Azo paper) is 
exposed to light so as to produce considerable but not maximum develop¬ 
able density, the latent image is either completely destroyed, or reduced 
to a normal reflection density of less than 0.2 (the actual final value of the 
density is dependent upon the initial density) by storing the emulsion for 
several hours in an atmosphere saturated with water vapor at 20°C. The 
emulsion thus treated is, when dry, capable of yielding very satisfactory 
prints after a second exposure to light. 

In order to eliminate the possibility that some substance other than 
water vapor was producing the effect, plates coated with an Azo emulsion 
were stored from twenty-four to forty-eight hours in vacuo at a pressure 
well below 1 mm. They were then exposed to light passing through the 
walls of the container, and water vapor was introduced by breaking within 
the container a sealed bulb filled with freshly distilled water. No appreci¬ 
able difference was noticed in the time required to reduce the latent image 
to a minimum developable value in the above case than in a similar experi¬ 
ment carried out in the presence of air. A control, stored jfor forty-eight 
hours in vacuo, exposed as before, and developed, showed that the vacuum 
storage did not appreciably alter the sensitivity of the emulsion. 

Much longer periods of treatment with water vapor are required to 
destroy latent images (reduced to a developable density of less than 0.2) 
existing in bromide papers; Eighty hours at 25®C. were required to destroy 
a latent image produced upon enlarging paper by full exposure to light. 
An even longer period was required by bromide emulsion film. Slow East- 
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man process film, given normal exposure to light, showed a meurked reduc¬ 
tion in density after one hundr^ and forty-four hours in a saturated 
atmosphere at 25‘’C. but complete destruction of the latent image was 
not effected. 

The results of an investigation of the destruction of the latent image by 
other agents suggests a possible explanation for the action of water vapor. 
Ether, ethanol (absolute), carbon tetrachloride, carbon disulfide, benzene, 
and nitrobenzene are without appreciable effect in the vapor phase. For¬ 
mic and acetic acid vapors and liquid ethylene glycol, however, are even 
more effective in destroying the latent image than water and, as with the 
latter, this destruction of the light impression has no effect upon the sensi¬ 
tivity, provided that the treatment is not prolonged beyond the point of 
complete destruction. 

Since the agents found to be effective in destroying the latent image in 
the same manner as water are of widely different chemical properties, it 
seems improbable that the effect is chemical in nature. One physical 
property common to all the effective agents is, however, their ability to 
soften gelatin in the same manner as does water. Every one of the limited 
number of substances tried which was without softening action upon the 
gelatin was likewise without the above effect upon the latent image. 

The evidence indicates, accordingly, that the destruction of the latent 
image by water and by the organic compounds of analogous action is in 
effect the reverting of the exposed grains to a state not differing greatly 
(at least photographically) from the original unexposed condition of the 
grain. The softening of the gelatin greatly facilitates a preexisting tend¬ 
ency towards reversal of the exposed grain. 

Photographic theory assumes that the process of exposure results in the 
liberation of silver and halogen in equivalent quantities. The liberated 
halogen is taken up by a “halogen acceptor” which prevents reversal, at 
least in some measure. Kieser (3) has shown that in the exposure of pure 
silver bromide grains, reversal predominates to such an extent that a quan¬ 
tum yield of only l/15th is obtained, whereas in the presence of a suitable 
acceptor the quantum yield approaches unity. In the case of the usual 
gelatin emulsion Germann and Hylan (2) have shown by quantitative 
experiments that gelatin itself probably plays the rdle of the halogen 
acceptor. A more active acceptor than gelatin might be expected to pre¬ 
vent reversal even by water, and such is found to be the case. Azo F No. 
2 paper, soaked for 5 minutes in a solution containing 1 per cent silver 
nitrate and 1 per cent citric acid, produced upon exposure a latent image 
which was incapable of destruction by water vapor in the usual way. 
Moreover, solio paper, in which an excess of silver nitrate again acts as a 
powerful acceptor, 3 rields upon exposure in the normal manner an image 
which cannot be destroyed by water-vapor treatment. 
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When Azo F No. 2 paper, exposed to strong sunlight until highly colored, 
was treated with water vapor for several hours, the color practically disap¬ 
peared and only a small density was obtained upon development. This 
paper was capable of producing an image upon a second exposure, although 
its speed was reduced by about one-third. When, however, the exposed 
paper was bathed for 5 minutes in liquid water (which Kieser found to be 
a suitable halogen acceptor), then dried rapidly and treated with water 
vapor as before, no decrease in developable density was produced. 

Measurements of the time rate of destruction of the latent image (by 
water vapor of constant pressure) indicate a reaction of the first order. 



Fig. 1. The Time Rate of Destruction op the Latent Image by Water 
The solid line is the theoretical curve 

For this investigation Azo No. 1 emulsion coated on glass was used. The 
data fall very well upon the curve given by the equation 

X - Xo^ (1) 

where X is the density (transmission) at any time Xo is the density when 
^ « 00 , Xm is the initial density, to is the time required for the water vapor 
to penetrate and soften the gelatin, and k is the reaction constant. 

The smooth curve of figure 1 is the theoretical curve given by the above 
equation when Xo = 0.05, Xm = 2.00, to = 2.5 minutes, and k = 0.255. 

This equation would be in harmony with the assumption that the water 
vapor acts chemically upon the development centers of the exposed grains, 

Vol. 38, p. 1213. Equation 1 should read 

X - Xo - (X« - X.)e~*^‘ ~ 

where the symbols have the meaning given in the article. The theoretical curve 
in figure 1 was calculated on the basis of the correct equation. 
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rendering them undevelopable, provided we could assume that the con¬ 
centration of the water vapor remained constant at the center in question. 
This assumption, however, would have to be justified. Moreover, if this 
were the case, we should expect complete destruction of the image, regard¬ 
less of the amount of the initial light exposure. In reality, complete de¬ 
struction is attained only if the light exposure is small, and the amount 
of residual density, although always small, increases with the period of 
exposure. This fact may be explained by the assumption that the greater 
the exposure, the greater the amount of halogen which has been definitely 
removed from the sphere of action. This escape of halogen also explains 
why it is impossible to destroy by water-vapor treatment the image due 
to age (age mottle). 

The destruction of the latent image by water furnishes, perhaps, a 
partial explanation for the results of Sterry (4) and Cousin (1), who found 
that the moistened emulsion was less sensitive than the dry one. 

THE SENSITIZING ACTION OF WATER 

If unexposed Azo F No. 2 emulsion is treated with water vapor for 
several hours at 25®C. and then dried, the sensitivity of the emulsion is in¬ 
creased. The longer the wave length the more marked is the effect. If 
the emulsion is first exposed to light so as to produce a high developable 
density and then treated with water vapor to destroy the image, the sensi¬ 
tivity on second exposure is about the same as that of the water-treated, 
unexposed emulsion. Figure 2 shows the results of a typical experiment. 
The curve defined by the triangles is the density-exposure curve for an 
untreated emulsion. The circles represent the experimental points ob¬ 
tained with an emulsion which had been treated with water vapor for 
three hours at 25®C. and then dried. The curve defined by the crossed 
circles was obtained with an emulsion which had been exposed to light 
to give a near-maximum density, and then treated with water vapor as 
above. The density from the preexposure was not completely destroyed by 
the water-vapor treatment, and an appreciable residual density remained. 
In order to correct for this, accordingly, it is necessary to shift the curve 
along the exposure axis until the point of residual density falls upon the 
normal exposure curve (not shown in figure) for the water-treated, not pre¬ 
exposed, emulsion. The curve thus obtained is shown by the broken line, 
which falls closely along the points of the water-treated, not preexposed 
emulsion. 


THE FOGGING ApTION OF WATER VAPOR 

If Azo paper is exposed to saturated water vapor at 25-30®C. for several 
days, considerable developable density or fog is produced. This fog re¬ 
sembles very closely that due to age (age mottle). The action of various 
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chemical agents on this water fog is the same as that of these agents on age 
mottle. 

Further evidence that water vapor is intimately connected with the 
age deterioration of paper is given by the following facts. If Azo paper is 
washed free of soluble salts, the rate of spontaneous deterioration with age 



Fig. 2. The Effect of Water on the Sensitivity of Azo F No. 2 

Emulsion 

is increased to such a degree that a measurable developable fog appears 
after standing in air a few days. We have been able, however, to keep 
strips of such paper for weeks without fogging by storing them in a desic¬ 
cator over phosphorus pentoxide, whereas strips of the same paper stored 
in air at the generally prevailing humidity yielded a normal reflection 
density of about 1 after a week. 
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SUMMARY 

The phenomenoD of the deetruction of the latent image by various 
chemicals in the vapor phase has been investigated. Water vapor is 
shown to be very effective in destroying the latent image, but formic and 
acetic acid vapors and liquid ethylene glycol are found to be even more 
effective. Provided treatment is not carried to a point of complete de¬ 
struction of the image, there is no consequent effect on the sensitivity. 
The vapors of ether, absolute ethyl alcohol, carbon tetrachloride, carbon 
disulfide, benzene, and nitrobenzene have no appreciable effect on the 
latent image. The very diverse chemical nature of the vapors capable of 
destroying the latent image would argue against a possible chemical action. 
The physical prop)erty of softening the gelatin similarly to water is com¬ 
mon to all the effective agents. It is therefore suggested that the soften¬ 
ing of the gelatin greatly facilitates a preexisting tendency toward reversal 
of the exposed silver halide grain. 

It is shown that water vapor may serve as a sensitizer. Sensitivity is 
increased more for long than for short wave lengths in the case of Azo F 
No. 2 emulsion. 

A definite relation between age mottle and the water vapor content of 
the atmosphere is shown to exist. 
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A previous communication^ (6) presented a systematic report upon the 
apparent viscosity of solutions of nitrocotton (12.10 per cent nitrogen) in a 
large number of solvents and solvent mixtures over periods of time up to 
one year. Many interesting and significant regularities appeared, of 
which three may be mentioned. (1) The best solvents give the least vis¬ 
cous solutions with the same nitrocotton, the viscosity being referred to that 
of the solvent itself in each case. (2) Mixtures are better solvents than 
pure liquids. (3) The apparent viscosity is largely due to a structural 
effect,* since it is altered by shaking, change of solvent, previous treatment, 
previous precipitation and recovery of the nitrocotton, and because of its 
enormous magnitude. All this is additional to any effect of the length of 
the molecule itself, so much stressed in subsequent years by Staudinger and 
others. The effects quoted above cannot reasonably be ascribed to altera¬ 
tion in the lengtli of the molecule itself, more especially since changes occur 
in both directions. 

Many questions demanding further study arose, some of which are dealt 
with in the present report. 

EXPERIMENTAL METHODS 

The nitrocotton “1919^^ has been described, together with the method of 
drying, storage, and preparation of the solutions (6). Units of weight, 

^ The experiments were performed by E. M. G. except where otherwise noted. 
The work was carried out at Bristol University, England, during the years 1925-27. 

* The following errata in this article should be noted: p. 321, table V, for methyl 
phenyl urethane (Smith) the time of standing should be 3.2 hours instead of 32; p. 
326, table VII (last column), the slope should he 0.344 instead of 5.589 fthis is not a 
fair comparison as the concentration is so great); p. 326, figure 3, on the figure itself 
*‘phenol urethane'' should be “phenyl urethane," in the title of the figure “phenyl 
methane" should be “phenyl urethane" and “ortho tolyl methane" should be 
“benzyl phenyl urethane"; p. 330, table XI, the viscosity of pure ethyl phthalate 
(Nobel's; December, 1923) should be 0.04215 instead of 0.4215; p. 333, third line from 
the bottom, “less impure'^ should be “less pure." 

« This was developed as a general explanation of the high viscosity of numerous 
colloids by J. W. McBain (J. Phys. Chem. 30, 239 (1926)). 
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volume, temperature, visco^ty, etc. were corrected to absolute standards. 
Viscosity determinations at 25®C. were exactly as at 55®C., except that the 
time at 55®C. was 23 hours and 10 minutes tefore cooling to 25®C. Vis¬ 
cometers were chosen of dimensions to give absolute viscosities with true 
liquids of the same apparent viscosity as the actual nitrocotton solutions. 
The results are usually the mean of independent duplicate experiments. 

VIBCOBITT IN A BERIEB OV ACETATEB AB BOLVENTB 

In the previous communication (7) it was indicated “that molecular 
weight is an important factor in a series of closely similar compoimds. The 
lower the substance in the homologous series the better the solvent. ’ ’ Also 
aliphatic substituents appear more favorable than aromatic. One expects 
the greatest differences with the lowest homologues. These rules appear 
to obtain with the acetates, although the lowest homologues could not be 
dried with calcium chloride and were too impure. 

It has already been emphasized that impurities greatly affect and gene¬ 
rally improve solvent power. Hence for comparison the solvents should 
be of comparable purity and dried in similar fashion. Otherwise, divergent 
values are obtained. For example, the solvents were dried with calcium 
chloride or copper sulfate. The latter, however, introduced a further 
impurity, presumably sulfur dioxide, which lowered the viscosity, as did 
sulfur dioxide, the viscosity rising again upon removal of the sulfur dioxide. 
For example, with isobutyl acetate, the viscosity 0.00643 became 0.00636 
after treatment with copper sulfate; 0.00632 after copper sulfate and carbon 
dioxide; 0.00543 after sulfur dioxide, and 0.00630 after removing most of 
the sulfur dioxide. Similarly, with isoamyl acetate, 0.00793 became 
0.00799 after drying with calcium chloride, and 0.00791 after drying with 
calcium chloride and copper sulfate. 

The solutions were prepared at 55®C. and measured at age 24 hours at 
25°C. The data are calculated as in the previous communication, that is, 
the logarithm of the ratio of the viscosity of a solution to that of the solvent 
contained therein is divided by the concentration expressed in grams of 
nitrocotton per 100 grams of solvent. This gives the slope of the graph of 
the logarithm of the relative viscosity against the concentration, which is, as 
a first approximation, a straight line. The results are collected in table 1. 
The source of solvents is indicated as follows: K = Kahlbaum, N = Nobel’s, 
B.D.H. = British Drug Houses, E.K. = Eastman Kodak Co., M = Merck. 
Purest solvents obtainable from eatch source were redistilled. 

It follows from table 1 that theihigher homologues imder similar condi¬ 
tions have a value 1.75 d= 0.05. This does not include tbe aromatic 
derivative, phenyl acetate, a poorer solvent as indicated by its higher slope, 
but it does include benzyl acetate with its interposed group. Methyl, 
isopropyl, and butyl acetates are among the most hi^ily sorbed of volatile 
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solvents, a;/tw, the sorption expressed in grams, exceeding unity for high 
relative pressures (5). The number of molecules taken up is greatest for 
methyl and least for butyl acetate. 


TABLE 1 


Mean viscosity slopes (log ly/ijo •5" per cent) of approximately 0.6 per cent (grams nitro* 
cotton per 100 grams solvent) niirocotton in various solvents dried and undried 
Prepared at 55°C.; measured at 25.00°C.; age 24 hours 


SOLVENT 

IfBAN 

Untreated 

VISCOSITY B 

Dried 

with 

CuS04 

LOPBS 

Dried 

with 

CaCh 

Methyl acetate fK). 

1.44 

1.12 


Ethyl acetate (K). . 

1.55 



Ethyl acetoacetate (N). 

0.778 



Propyl acetate (K). 

1.06 


1.72 

Isopropyl acetate. 

1.09 

0.832 


w-Butyl acetate (K). 


1.05 


Isobutyl acetate (K). 

1.16 

1.18 

1.72 

Isoamyl acetate (B. D. H.). 

1.16 

1.41* 

1.77 

Benzyl acetate (K; May, 1925) . 

1.24 



Benzyl acetate (K; March, 1926) .. 

1.66 


1.79 

Benzyl acetate (K; November, 1926). 



1.82 

Phenyl acetate (K; May, 1925) . 

1.92 


1.94 

Phenyl acetate (K; March, 1926). 

2.34 


2.35 

Phenyl acetate (K; November, 1926). 



2.20 


* Dried with calcium chloride and then copper sulfate. 


TABLE 2 

Mean viscosity slopes of approximately 0.5 per cent niirocotton in solvents at %6^C. 

and 56'^C. 


solvunt 


Ethyl acetoacetate (N).. 

Methylphenylurethan (N; February, 1925) 
Ethylphenylurethan (N; February, 1925). 
Diethyl carbonate (N). 


MBAN VXBCOSITT SLOPBB 


At 26®C. 

At 6S*C. 

At 65*C.* 

0.778 

ns 

0.91 

1.69 

WSM 

1.61 

1.58 

1.54 

1.80 

1.87 

1 52 

1.58 


* Previous communication; different specimens of solvent. 


To compare the results in table 1 for acetates too volatile to measure at 
55®C. with the solvents previously studied at this temperature, the data 
in table 2 for solutions at both temperatures are assembled. 

It will be noted from the low value of the slopes that the acetates would 
be classed as good solvents, with the exception of phenyl acetate. For the 
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last three substances in table 2, the slopes are higher at 25‘’C. than at 55°C. 
and the order in the three columns is not identical. This is partly because 
other samples of a different degree of purity were employed for the last 
column. 


SOLTJBIUTY AND VISCOSITY IN ALCOHOLS 

Methyl alcohol is almost a complete solvent. Ethyl alcohol is such 
only at very low temperatures, the solution becoming more viscous and 
setting to a jelly on warming to room temperature.* This reversible change 
cannot, of course, be ascribed to a change in the length of the molecule. 
Butyl alcohol is a non-solvent and it is sorbed to a far less extent by nitro- 
cotton, not exceeding 5 per cent by weight. 

The solubility and slope of nitrocotton were determined in Eahlbaum’s 
methyl alcohol; also in .a sample of the latter which had been dried with 

TABLE 3 


Viacoaity and diaaoltring power in methyl alcohol, ethyl alcohol, and in a mixture of equal 
weighta, at i6'.00°C. and age S4 houra 


SOLVENT 

NITRO¬ 

COTTON 

DISSOLVED 

DECREASE 

VISCOSITY 

SLOPE 

DECREASE 


per cent 

per cent 


per cent 

Methyl alcohol (K). 

91.1 


0 620* 


Methyl alcohol (K), dried with CaCU.. . 

85.2 


0.654 


Ethyl alcohol. 

24 1 


2.275 


Methyl alcohol (K) 4- ethyl alcohol 

45.4 

21 

1.199 

18 


* At age 47 hours. 


calcium chloride; also in dry ethyl alcohol and in a 50-50 mixture by weight 
of undried methyl alcohol and dry ethyl alcohol. In all cases nitrocotton 
solutions were prepared in the ordinary manner as for measurement at 
25®C., but before the viscosity was taken any undissolved fibers were 
filtered off. Then a known weight of the filtrate was evaporated to con¬ 
stant weight. From this was calculated the percentage of the 0.5 g. of 
nitrocotton which had dissolved in the 100 grams of solvent. The nitro¬ 
cotton was, of course, not imiform, and this affords a sensitive test of 
progressive dissolving power without measuring a true solubility in the 
ordinary sense. The data are given in table 3. 

It will be seen from table 3 that, as was expected and in accordance with 

< 

* C. W. Hutchinson in our laboratory finds that ether-alcohol (75:25) containing 
5 per cent nitrocotton at room temperature forms an opaque gel on heating in a sealed 
tube to 90®C. The phenomenon is completely reversible, the gel quickly reverting 
to a fluid sol at room temperature. 
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our rules, drying^ diminishes the solvent power of methyl alcohol, as shown 
both by the increased viscosity and the small proportion of nitrocotton 
dissolved. On the other hand, the mixture of the two alcohols yields a 
viscosity as well as a proportion of nitrocotton dissolved which is one-fifth 
less than that of the arithmetic mean of the two solvents separately. 

HIGH MELTING SOLVENTS IN MIXTURES WITH ALCOHOL AND BENZENE 

Since seven possible solvents are solid at 55°C., the attempt was made to 
study them at 55°C. in admixture with ethyl alcohol or benzene. Table 4 
presents the results with alcohol. Equal parts by weight of benzene with 
phenylurethan or diethyl carbonate did not dissolve the nitrocotton. This 
was likewise the case with one part of phenylacetanilide and three parts of 
alcohol, and one part of a-pyridylurethan® with five parts of alcohol. Some 

TABLE 4 


Viscosity slopes of solutions of nitrocotton in substances to which an equal weight of 

ethyl alcohol has been added 
Temperature, 55*^0.; time, 24 hours 


SOLVENT 

SLOPE 

PER CENT 

Pure 

Mixture 

DKCIiKABKt 

Form-o-toluidide (N) . ... 

1.058 

0.870 

18 

Phenylurethan (N) 

1 340 

1 04 

22 

Methylphenylurethan (N; February, 1925) 

1 407 

0 89 

37 

Diethyl carbonate (N) 

1 524 

1 08 

29 

Ethyl phenylurethan (N; February, 1925) . 

1 535 

0 94 

39 

Ethyl phthalate (E. K.) ... 

1 611 

1 27 

29 


substances previously measured in pure condition arc included for 
comparison. 

It has already been pointed out that a small addition, even of a reputed 
non-solvent, lowers the viscosity and improves the solvent power of any 
solvent for nitrocotton. Thus at 55®C. even the extreme non-solvent 
hexane, added in one or two parts per hundred, lowers the actual viscosity 
slope of the solveni methylphenylurethan by 3 and 6 per cent.^ Other 
examples are given in table 4. This is likewise shown in figure 1 for the 
effect of the semisolvent, ethyl alcohol, upon methylphenylurethan over 

* For solvents previously studied at 55®C., drying a solvent over phosphorus pent- 
oxide for 14 days at room temperature raised the slope for benzylphenylurethan (N) 
8 per cent, leaving that for methylphenylurethan (N; February, 1926), ethylphenyl- 
urethan (N; November, 1926), and diethyl carbonate (N) unaffected. 

® a-Pyridylurethan is insoluble in benzene. 

’ An opposite effect is probably produced upon acetone. 
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the whole possible range. Beyond 85 per cent alcohol, progressively le» 
of the nitroootton dissolves, and the true slope cannot be measured, 
although it must become very hi^ (cf. table 3). 

For comparison with the mixtures in table 4 the following results were 
obtained with similar mixtures of h^ melting substances: diethyldiphenyl- 
urea (N), 0.677; phenyl oxamic ester (N), 1.136; p-toluenesulfonanilide 
(N), 1.110; diphenylurethan (N) (42 g. in 58 g. of alcohol), 0.849. 



COMPOSITION OF SOLVENT IN PER CENT WEIGHT 

Fig. 1. Viscosity Slofbs or 0.5 Pee Cent Solutions of Nitbocotton in the 
Solvent Mbthylphentlubethan, to Which the Semisolvbnt Ethyl Alcohol 

IS Added in Incbsasino Amounts, Lowebino the Viscosity of the Mixtubb 
Temperature, 55.00'C.; time, 24 hours 

With benzene (K) mixtures containing equal parts by weight, the slopes 
for the mixtures were 0.953 and 1.66 for form-o-toluidide (N) and methyl- 
phenylurethan (N; February, 1925), respectively, being a decrease of 15 
per cent for the former but an increase of 18 per cent for the latter. The 
slopes for 50 per cent mixture^ of benzene (K) with diethyldiphenylurea 
(N), phenylacetanilide (N), and diphwiylurethan (N) were 1.47,1.45, and 
2.10, respectively. 

It follows from the data adduced that all are to be classed as good 
solvents except a-psrridylurethan and phenylacetanilide. These two are 
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too insoluble even in alcohol and benzene to be given a comparable test. 
Further, it is to be remembered that the specimens of the high-melting 
solvents were in most cases not as pure as the standard solvents used for 
comparison in table 4. Lastly, the relative order is certainly affected by 
such large additions of alcohol or benzene. 

Contrary to expectation, the data indicate that diphenylurethan is poten¬ 
tially a better solvent than phenylurethan. 

Besides these and the numerous striking examples of the lowering of 
viscosity slopes in mixtures given on pp. 325 to 328 of the previous commu¬ 
nication (6), three more may be cited; namely, that in table 3, and the 60 
per cent mixtures of n- and isobutyl acetates (K), and of benzyl with phenyl 
acetate (K). The slopes for the last two mixtures at 26.00°C. were 1.384 
and 2.009, being 13 and 10 per cent less than the means for the respective 
pure solvents. Further, 50 per cent mixtures of formanilide and form-o- 
toluidide yielded a slope of 0.985 at 1 day and of 0.074 at 80 days, being 7 
per cent less than the mean of the values for the two solvents at 1 day, 1.02 
and 1.085, respectively. 

C. W. Hutchinson in the Bristol laboratory found that the addition of a 
few per cent of the following impurities did not cause the residue of nitro- 
cotton particles left undissolved by specially purified formanilide (N) to 
dissolve: aniline (except in certain cases upon prolonged shaking), formic 
acid, ether, alcohol, 5 per cent ether-alcohol, formamide, benzene, toluene, 
tartaric acid, citric acid. On the other hand, 2 or more per cent of acetone 
was successful. Guncotton and another sample of nitrocotton dissolved 
in the same incomplete manner. Aniline and formic acid by themselves 
do not affect the appearance of nitrocotton. 

PROLONGED PREHEATING OF SOLVENTS 

Ethyl phthalate has given us much trouble throughout the many years 
in which we have studied solutions of nitrocotton therein. (See figure 4, 
page 335, of reference 6.) The first sample obtained was an excellent 
solvent with one of the lowest viscosity slopes. Subsequent much purer 
specimens have given high slopes. 

Since in prolonged aging experiments at 55°C. it might be surmised that 
the solvent itself is changing, different specimens of two solvents were 
maintained at the very much higher temperature of 130®C. for 7 days in 
sealed tubes previously evacuated with a mercury pump with a trap 
containing solid carbon dioxide and ether or liquid air. Where necessary 
the liquid itself was surrounded by solid carbon dioxide and ether. o-Tolyl- 
urethan was partially converted to a form with a melting point higher than 
130®C. as compared with the original melting point of 45°C. The results 
given in table 5 were obtained with 0.6 per cent solutions subsequently 
prepared, aged, and measured at 55.00°C. Each solution was in a separate 
sealed tube. 
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Viscosity is distinctly lowered by the previous drastic treatment of tiie 
triacetin. The effect is slight with phenoxyacetic ester. With ethyl 
phthalate a distinct increase results as shown in table 6. 

A graph of all these slopes against the logarithm of time yields approxi¬ 
mately straight lines, indicating that the viscosity of the solution would fall 


TABLE 6 

Results obtained in preheated solvents 


SOLVENT 

VISCOSITY SLOPES 

24 hours 

14 days 

42 days 

84 days 

168 days 

Triacetin (N)* . 

1 225 

0.890 

0.626 

0.373 

0.174 

Triacetin (N)t. 

1.023 

0.511 

0.324 

0.226 

0.124 

Triacetin (K)*. 

1.230 

0.874 

0.508 

0.362 


Triacetin (K)t. 

1 025 

0.759 




Phenoxyacetic ester (N)*. 

1 451 

1 038 

0 770 

0.519 

0.283 

Phenoxyacetic ester (N)t. 

1.319 

0.976 

0.744 

0 388§ 

0.293 


♦ Untreated original. 
t Aged seven days at 130°C 

t Evacuated at 3 X 10“"* mm.; aged seven days at 130®C. 
§ One hundred and nineteen days. 


TABLE 6 

Results obtained with preheated ethyl phthalate as solvent 


SPECIMEN 


E. K., untreated. 

E. K., aged*. 

E. K., evacuated, aged. 

E. K.,t evacuated, aged. 

N, untreated. 

N, evacuated, aged. . 

E. K. (July, 1927), untreated. 

E. K. (July, 1927), evacuated, aged. .. 


VISCOSITY SLOPES 


24 

hours 

7 days 

14 

days 

42 

days 

84 

days 

168 

days 

1.664 


0 938 

0.853 

0 507 

0.319 

1 776 


1.072 

0 778 

0.594 

0.406 

1.81 


1 091 

0.724 

0.571 

0.393 

1 759 


0.988 

0.736 

0.621 

0.349 

1 637 


1.242 

0.926 

0.703 


1.750 


1.16 

0.87 

0.66 


1.786 

1.347 

1.49 




1 800 

1.42 

1.298 





* In all cases aging was for seven days at 130*0. 
t Trace of nitrocotton added; slight apparent decomposition. 


to that of the solvent after 600 to 800 days at 55®C. However, it is worth 
noting that during prolonged paging some of the nitrocotton definitely 
separates out from the ethyl phthalate solution. The solutions in triacetin 
and phenoxyacetic ester would seem to tend towards their end point in 300 
to 500 days. 

In contrast to experiments on previous heating of the solvent alone were 
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the experiments previously reported (reference 6, table IV, p. 320) on 
heating the dry nitrocotton at 60®C. Subsequent experiments, but heating 
in sealed tubes evacuated to 0,0002 mm., have shown that samples are 
somewhat erratic, some being only slightly yellow after six months at 60®C. 
in an evacuated tube, whilst others were brown or reduced to a moist black 
mass. Wliere brown fumes appeared after a week, they disappeared again. 
It was found that the viscosity of solutions in ethyl formanUide, when the 
nitrocotton had previously been heated for 84 days at 60°C., was only one- 
eighth of its usual value. These experiments disprove the alternative 
hypothesis suggested by others that the degradation consists in oxidation 
of the nitrocotton by the air. 

PROLONGED AGING OF SOLUTIONS 

In the previous communication® it was shown that when solutions of 
nitrocotton are made up and kept in the dark at 55®C., their viscosity falls 
approximately with the logarithm of the time over periods of six months 
to a year. Reasons were given for believing that this was due to degrada¬ 
tion or to a physical dismemberment of the cellulose aggregates rather than 
to denitration of the nitrocotton or nitration of the solvent. These tubes 
have been kept under observation for further periods up to as much as 
three years. 

In several cases a noteworthy new phenomenon has been observed. 
Several of these solutions which had been steadily losing their viscosity 
began to set to jellies. For example, the benzylformanilide solutions 
(sample 1/10/20, reference 6, p. 333) jellied between the ages 200 to 300 
days. These jellies were broken up by shaking at 55°C., but again set to 
jellies within a few more hours at 55°C. The similar solutions in a later 
purer sample (16/2/25, reference 6, p. 333) were still fluid at 770 days. 
Similarly, solutions in ethylformanilide (reference 6, p. 330) began to jelly 
after 700 days at 66®C. Finally, the solutions in ethyl phthalate (No- 
bePs; December, 1923; reference 6, p. 330) began to increase in viscosity 
towards the end of three years. Here again an explanation of these enor¬ 
mous viscosity changes in both directions is not to be sought in a change 
in the length of the molecule itself. It bears rather the hall-marks of 
structural viscosity. 

The data for these very long periods are given in condensed summary in 
table 7, the values at 24 hours being included for comparison. The desig¬ 
nations of some of the solvents refer to the previous communication. In 
scrutinizing the data it should be remembered that the viscositv slopes will 

• Pp. 329-44, especially table XT and figures 5 and 6. Reference should be made 
to the standard work of Sir Robert Robertson on the slow decomposition of nitro¬ 
cellulose at 136®C. (Robertson, R., and Napper, S. S.: J. Chem. Soc. 91, 764 
(1907)). 
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TABLE 7 


ViscoBitiei of solutionB of nitrocotton kept at 65^€, for prolonged periods {measurements 

by L. E, S. and E, M. G.) 



periods of aging. Some evidence of a similar behavior was noted with acetone. 

t Specially purified. Similarly purified formanilide (N) did not dissolve quite all 
the nitrocotton fibers. The true slope must therefore exceed the observed value, 
0.80. 
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TAfiLE! 7•‘••Concluded 


SOLVENT 

VISCOSITY SLOPES 

Benzophenonet (M).| 

Days 

Slope 

1 

1.56 

14 

1.12 

387 

0.291 

668 

0.196 


Benzylformanilide (February 16,1925). .| 

Days 

Slope 

1 

1.23 

84 

0.346 

203 

0.161 

572 

0.068 

769 

0.063 

Diethyl carbonate (N).| 

Days 

Slope 

1 

1.585 

14 

0.86 

18 

0 69 

373 

0.26 


Diacetone alcohol (N).| 

Days 

Slope 

1 

0.82 

15 

0.45 

19 

0.49 

371 

i 


Ethyl acetoacetate (N).| 

Days 

Slope 

1 

0.91 

14 

0.665 

367 

0.055 



Ethyl lactate (N).| 

Days 

Slope 

1 

1.080 

14 

0.830 

365 

0.269 



Ethyl benzoate (N).| 

Days 

Slope 

1 

1 

1.49 

14 

1.014 

363 

0.283 



Ethyl oxalate (N).| 

Days 

Slope 

1 

1.66 

348 

0.48 





t A 0.4 and a 0.6 per cent nitrocotton solution now exhibit a viscosity 0.00927 and 
0.00940, respectively, as compared with the original solvent itself, 0.01383, presum¬ 
ably owing to progressive condensation of the solvent. 


become zero when the viscosity of the solutions has fallen to that of the 
solvent. In no case is this attained or attainable even if only the lowest 
possible degradation products were left in solution. The lowest final slope 
is 0.03, where the viscosity is only 3 per cent higher than that of the solvent 
itself. The initial (logarithmic) slopes were several fold or many fold that 
of the solvent even for these very dilute (0.35-0.4 per cent) solutions. 

The last six more mobile solvents of table 7 were all measured (L, E. S.) 
subsequent to the previous publication. 

SOME DATA FOR ANOTHER SIMILAR NITROCOTTON 

Five-tenths per cent solutions were prepared and measured in the usual 
way at 55®C., using the 1919 and a 1927 sample® of nitrocotton with the 
results given in table 8. The behavior is parallel, and furfural appears as 
an excellent solvent. 

• Nitrogen, 12.24 per cent; nitrogen (ash-free), 12.26 per cent; ash, 0.13 per cent; 
solubility in ether-alcohol, 99.4 per cent. 
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At room temperatuie a 7 per cent solution in furfural is almost too vis¬ 
cous to flow. Two solutions of the 1927 sample in amyl acetate (B. D. H) 
prepared at 55°C. and measured at 25°C. at 1 day contained 2.102 per cent 
and 4.618 per cent, respectively. Their densities were 0.8685 and 0.8888 
and their viscosities 8.828 and 19.46 (falling ball method), giving viscosity 
slopes 7.57 and 9.52. 


TABLE 8 

Companion of viacosilies of 1910 and 1997 nitrocotton soltUioni at BB.OO^C. 


SOLVENT 


Ethylphenylurethan (N; November, 1926)..< 

Methylphenylurethan (N; November, J 
1926). 

Phenylurethan (N; May, 1925). 

Phenylurethan* (N; July, 1925) 


NITBO- 

COTTON 

TXBCOSITT BLOPBB 

1 day 

7 

days 

14 

days 

42 

days 

84 

da3r8 

1919 

1.472 


m 

iii 

0.312 

1927 

2.184 


IB 


0.396 

1919 



0.984 


0.514 

1927 

2.243 


1.677 

RQH 

0.467 

1919 

1.433 


0.881 



1927 

2.294 


1.007 



1927 

2.481 



0.392 


1919 

1.383 





1927 

1.971 

1.829 

1.745 




Furfural (B. D. H.) 


• Specially pure. 


DISCUSSION 

It is amply established that the viscosity of a solution of nitrocotton in a 
definite solvent at a definite temperature depends upon a large number of 
other factors such as previous mechanical treatment, slight impurities, etc. 
A large part of this behavior must be ascribed to structural viscosity in 
accordwce with the general hsrpothesis advanced by one of us on a previous 
occasion (4). It is obviously not to be explained as being due to alterations 
or fluctuations in the length or size of the cellulose molecule itself. 

In general, the solvent power of various solvents may be defined as 
following the indications of the viscosity slopes; the lower the (relative) 
viscosity, or rather, viscosity slope, the better the solvent. Thus it would 
appear from the new data here presented that diacetone alcohol, ethyl 
acetoacetate, and ethyl lactate^° are excellent solvents, and that ethyl 
benzoate and ethyl oxalate are good solvents for this type of nitrocotton. 

Degree of solvent power is necessarily inferred from indirect methods, 
since true solubility in the uEUal sense is not present. Such indirect 
methods are the determination of the percentage of nitrocotton dissolved 
under specified conditions (1), the position of minimum viscosity in mix- 

The slope for ethyl lactate (N) at 56°C. and 1 day was 0.86, and after drying 
was 0.80. 
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tures (3) (found to dissolve cellulose derivatives most readily), the determi¬ 
nation of the amount of a diluent which the solvent can bear (2), and the 
minimum temperature at which the solvent dissolves the cellulose deriva¬ 
tive (2). Others will now be briefly described. 

It is a serious complication that in mixtures a liquid chosen as diluent 
may actually reinforce and improve the solvent power, as in the well- 
known case of alcohol and ether or of toluene and alcohol for nitrocotton 
of low nitrogen content (8). The nearest approach to a perfect diluent or a 
non-solvent is a low-boiling, saturated paraffln^^ such as hexane. 

Further methods tried by one of us (L. E. S.) and found promising are as 
follows: 

1. Adding to a diluent a solvent until the nitrocotton is just gelatinized 
(compare p. 1221). End points are more indefinite with alcohol and chloro¬ 
form as diluents than with benzene. The addition of only a few per cent 
of a good solvent converts ethyl alcohol into a solvent. Many times 
larger amounts are required for chloroform and benzene, but the order of 
the solvents is not the same in the three cases. Of five tested, acetone and 
ethylformanilide were most effective with chloroform and benzene, and 
nitrobenzene least so. Ethylphenylurethan was next best, but excelled 
with alcohol. This method is less sharp than that of precipitating with 
diluents, but the results are parallel with those obtained by viscosity 
measurements. 

2. A rapid approximate method is to pour dilute solutions of solvents in 
hexane upon nitrocotton and to note the very different swelling, greatest 
for ethylformanilide and least for benzylphenylurcthan. 

3. The sorption of solvents from solution in hexane by means of nitro¬ 
cotton may be measured by noting the refractive index of the supernatant 
liquid by a differential method. Nitrocotton sorbed ethylformanilide 
most, to an extent exceeding its own weight, but ethylphenylurethan and 
benzylphenylurethan far less. 

4. Finally, if 1 g. of nitrocotton is added to about 15 g. of various liquids, 
the temperature is raised by about 0.1°C. by non-solvents and by several 
degrees by good solvents. Others may give intermediate values, and the 
results are easily distorted if very volatile solvents are employed. 

All the varied methods of testing solvent power give in general more or 
less comparable results. Precise comparison and classification are affected 
by the very numerous factors involved and the specific properties of the 
sample of cellulose derivative under test. 

Hutchinson compared the times required under comparable conditions 
for nine solvents just to dissolve 0.5 per cent of nitrocotton. Of these ethyl 
lactate was by far the quickest, requiring only three-quarters of an hour 

n E. W. J. Mardles (J. Soc. Chem. Ind. 42, 132T (1923)) used petroleum spirit 
(b.p. 90-100^0.). 
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with slow rocking at 56°C. Taking this time as unity, the other solvents 
w^ as follows: ethylfommnilide, 5; formanilide, 16; ethyl phthalate, 21; 
benzylformanilide, ethylphenylurethan, 28; o-tolylurethan, 49; benzo- 
phenone, 56; benzylphenylurethan, 80. The exact order appears to be of 
little significance and only very roughly does it parallel the viscosity slopes 
either immediately after solution or after 14 days or in standard experi¬ 
ments at 24 hours or 14 days at 55°C., ethyl phthalate being a prominent 
exception. 

It should be placed upon record that particles seen in solutions of nitro- 
cotton in ethylformanilide or ethylphenylurethan, when examined even 
under Zsigmondy’s immersion Winkel ultramicroscope, are so few in 
number that it is certain that the greater part of the nitrocotton is invisible 
in the highest powers of the ultramicroscope. 

The rule that the viscosity slope falls off towards zero in approximate 
proportion to the logarithm of the time as if the structural viscosity would 
have disappeared in one or two years appears to be of fairly general applica¬ 
tion. As would be expected from the h 3 rpothesis of dismemberment of 
nitrocotton micellar aggregates by the solvent, it is independent of the 
concentration, as was shown by Hutchinson with concentrated solutions in 
diethyl carbonate and in ethyl lactate; namely, 2.675 per cent and 3.141 
per cent nitrocotton, respectively. When first measurable, their viscosities 
were 42.9 poises at 3 days for the diethyl carbonate solution and for the 
ethyl lactate 28.9 poises at 3 hours, falling to 6.17 poises at 5 days. Both 
quickness of dissolving and comparatively low viscosity slope indicate 
ethyl lactate to be much superior to diethyl carbonate as a solvent. An¬ 
other 2.3 per cent solution in diethyl carbonate lost in 14 days 92 per cent 
of the viscosity possessed immediately upon solution. Films made from 
concentrated solutions in ethyl lactate dried very slowly, whilst those from 
amyl acetate and diethyl carbonate exhibited tensile strengths (W. B. Lee) 
of between 8000 and 11,000 lbs. per square inch. Further examination is 
required to test the effect of time and the possible influence of a skin 
formation. 


SUMMARY 

1. Experiments are described with over one hundred solvents and solvent 
mixtures, some of very high purity. The results confirm and extend our 
previous findings. They emphasize that the chief factor involved in the 
apparent or effective viscosity of nitrocotton solutions is structural 
viscosity due to colloidal aggregates of easily varied degree of ramification 
and dismemberment. 

2. The time experiments at were extended to three years, when 
some of the solutions are approaching the viscosity of the pure solvent 
within a few per cent, an enormous drop in viscosity. However, in several 
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cases, the viscosity passes through a low miiumum and the solutions may 
afterwards even set to jellies. 

3. Four other new methods of determining degree of solvent power are 
very briefly indicated. 

We have great pleasure in acknowledging the invaluable support and 
cooperation of Messrs. Nobel’s Explosives Co., Ltd., and the unfailing 
interest of their scientific staff, which have rendered this work possible. 
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NEW BOOKS 

Conductometric Analysis, By H. T. S. Britton. 14 x 21 cm.; ix -f 178 pp. London: 

Chapman and Hall, Ltd., 1934. Price: 128. 6d. 

Although the suggestion that anal 3 rtical titrations could be followed by measure¬ 
ment of conductivity was made by Kohlrausch as long ago as 1885, the possibilities 
of the method did not receive the attention paid to the potentiometric method of 
titration. The chief reason for this neglect was probably the fact that the accurate 
measurement of conductivity has been a matter of some difficulty. In recent years, 
however, as a result of developments in connection with the use of the thermionic 
valve and of the introduction of other means of producing and rectifying alternating 
currents, the procedure has been very much simplified, so that the potentialities of 
the method are being more fully studied. The only collected work on conducto¬ 
metric analysis has hitherto been the excellent monograph Konduktometrische Titra- 
tionen by Kolthoff, and so the book under review will be welcomed by those who pre¬ 
fer their scientific literature in the English language. 

The first two chapters deal with the general theoretical aspects of electrical 
conductivity; they are followed by two further chapters on conductivity titration 
apparatus and methods. Although the various principles involved in the measure¬ 
ment of conductivity are adequately discussed, it is strange that no details are given 
of the actual method of titration^ since it is essentially different from that used in 
ordinary volumetric or potentiometric analysis. Sections on the titration of strong 
and weak acids and bases of various kinds are followed by a discussion of replace¬ 
ment and precipitation reactions, and of the use of mercuric perchlorate as a titrant. 
The next three chapters deal with abnormal acids, the precipitation of metallic bases 
and the application of conductometric titration to research; they are more particu¬ 
larly concerned with the author’s own work and are of somewhat specialized interest. 
The book concludes with an interesting, although perhaps too concise, description 
of industrial applications which serves to show the scope of the conductometric 
method of analysis. 

It is a matter of regret that the author frequently uses the Arrhenius theory of 
ionization as a basis of his discussion, so that the language is often obsolete and mis¬ 
leading from the modern standpoint; the main principles underlying conductometric 
titrations are, however, treated quite adequately. The book is well produced and 
contains a commendable number of clear diagrams which add considerably to its 
value. 

S. Glasstone. 

Molekalstruktur. By H. A. Stuart. 22 x 14 cm.; x -f 388 pp. Berlin: Julius 

Springer, 1934. Price: paper, 32 RM; bound, 33.80 RM. 

The rapid advances made in recent years in the determination of the shapes and 
sizes of molecules by modern physical and physicochemical methods have led to a 
desire on the part of many chemists for a concise and intelligible summary of the 
results. This is provided very well in Dr. Stuart’s book, which is characterized by 
a satisfactory, though brief, exposition of experimental methods, and the absence of 
difficult mathematics. These features, together with the numerous tables of numeri¬ 
cal results and copious references to the literature, combine to produce a work of 
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special appeal and service to chemists working in other fields who wish to acquaint 
themselves with the procedure and data of the new methods. The topics dealt with 
include the theories of valence and molecular forces, nuclear distances and configura¬ 
tions, electric moment, Baman effect, Kerr effect, electron diffraction, infra-red 
spectra, proper vibrations, valence angles, potential curves, and dissociation. The 
treatment, although necessarily brief, is quite sufficient to bring out the main fea¬ 
tures of the methods, and although many important matters are dealt with in a small 
space, it cannot be said that the book is in any way superficial. In some cases the 
treatment lacks completeness, e.g., in the discussion on specific heats of gases no 
high temperature methods or results are included, and the picture is too much 
idealized, but on the whole a very fair balance of treatment is preserved, and the 
indexes are good. The volume is one which can be warmly recommended. It 
satisfies a definite need in chemical literature. 

J. R. Pabtington. 

Chemie der Enzyme, Ft. 2, Section 3. By Hans V. Eulbk. 26 x 17 cm.; xi+ 663 pp. 

Mtlnchen: J. F. Bergmann, 1934. Price: 58 RM. 

In this volume, Prof. Hans V. Euler and his colleagues, Franke, Nilsson, and Zeile, 
cover the chemistry of catalase and the enzymes concerned in oxidation and reduc¬ 
tion. The section on fermentation remains to be published. It is almost unneces¬ 
sary to inform readers of the former volumes that every serious student of enzyme 
chemistry will find this book essential. 

While the action of hydrolytic enzymes can be studied individually in vitro, most 
biological oxidations are complex processes involving several catalysts, and their 
analysis is often very incomplete. Hence, the physical chemist will find pp. 76- 
364, which deal with the general process of respiration, rather heavy going, in spite 
of their excellent summary of Warburg’s photochemical investigations. On the 
other hand, the accounts of the individual enz 3 rmes, e.g., catalase, peroxidase, and 
succinodehydrase, which can be studied separately, are of wider interest. Inhibition 
by excess of substrate is particularly characteristic of these enzymes, which may have 
optimum substrate concentration below 10“* M, 

Physical chemists will be interested in the discussion of Willstgtter and Haber’s 
chain reaction theory. On the other hand, they may feel that oxidation-reduction 
potentials might have received rather more attention. 

It is perhaps inevitable that some aspects of enzyme chemistry, e.g., Moelwyn- 
Hughes’ theory of activation, should not be touched on in this volume. We may 
hope for a new edition, within a few years, of the first volume of this book, in which 
such general problems are treated. On the other hand, students of non-biological 
oxidations at low temperatures will find numerous references to non-enzymatic 
catalysis, e.g., the oxidation of sugars in presence of heavy metal salts, that of 
ammo-acids in presence of charcoal and of synthetic haemochromogens, which have 
appeared in biological journals little read by most chemists. 

While, therefore, this book is indispensable to the biochemist, the physical chemist 
will find that it contains valuable information on many aspects of catalysis. 

J. B. S. Haldanb. 
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